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1. Periodic table: It classifies all the known elements in 
accordance with their properties in such a manner that 
elements with similar properties are grouped together in 
the same vertical column and elements with dissimilar 
properties are separated from one another. 

2. Débereiner’s triads or law of triads: Débereiner arranged 
similar elements in groups of three elements and showed 
that their atomic weights are either nearly the same or the 
atomic weight of the middle element is approximately the 
arithmetic mean of the other two. For example, 


Triad: Li Na K Mean of first and 
third elements 
7+39 

At. wt: 7 23 39 5 = 25 


The law of triads seemed to work only for a few elements. 
It was dismissed as coincidence. 

3. de Chancourtois classification or telluric screw (or 
helix) classification: de Chancourtois arranged the then 
known elements in order of increasing atomic weights and 
made a cylindrical table of elements to display the periodic 
recurrence of properties. 

4. Newlands law of octaves: Newlands arranged lighter 
elements in the increasing order of their atomic weights and 
noted that every eighth element had properties similar to the 
first element. This law seemed to be true only for elements 
up to calcium (Ca). 

5. Lothar Meyer classification: Lothar Meyer plotted a graph 
between atomic volumes and atomic weights of the elements 
and observed that elements with similar properties occupied 
similar position on the curve. 

6. Mendeleev’s periodic table: It was based on atomic 

weights. The physical and chemical] properties of elements 
are periodic functions of their atomic weights. 
Mendeleev proposed that some of the elements are still 
undiscovered and therefore left several gaps in the table. 
Both gallium (Ga) and germanium (Ge) were unknown 
at that time. He left the gap under aluminium (Al) and 
a gap under silicon (Si) and called these elements EKa- 
aluminium and EKa-silicon. 
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Glenn T. Seaborg, the discoverer of element with atomic 
number 101, named this element as Mendelevium (Md) is his 
honour. Similarly, element 106 has been named Seaborgium 
(Sg) in Seaborg’s honour. 

Modern periodic law: The physical and chemical properties 
of the elements are periodic functions of their atomic 
numbers. This conclusion was obtained by Moseley’s 
experiment. He observed regularities in the characteristic 
X-ray spectra of the element. Thus, a plot of Vv versus 
Z gave a straight line (where v is the frequency of X-rays 
emitted and Z is the atomic number). 

Modern periodic table arranges the elements in order of 
their atomic numbers in 7 horizontal rows (periods) and 18 
vertical columns (groups or families). Atomic numbers in 
a period are consecutive, whereas in a group they increase 


in a pattern. 
Elements of the same group have similar valence shell 
electronic configuration and, therefore, exhibit similar 
chemical properties. However, elements of the same period 
have incrementally increasing number of electrons from left 
to right and, therefore, have different valencies. 


. IUPAC nomenclature of elements with Z > 100: Both the 


American and Soviet scientists claimed credit for discovering 
element 104. The Americans named it Rutherfordium (Rf) 
whereas the Soviets named it Kurchatovium. To avoid such 
problems, the IUPAC has made recommendation that until a 
new element’s discovery is proved and its name is officially 
recognised, a systematic nomenclature be derived directly 
from the atomic number of the element using the numerical 
root for 0 and numbers 1-9. The roots are put together in 
order of digits which make up the atomic number and “tum? 
is added at the end. 

For example, IUPAC name and symbol for the element with 
atomic number 121 is unbiunium (Ubu). 

As of now, elements with atomic numbers up to 112, 114 and 
116 have been discovered. Elements with atomic numbers 
113, 115, 117 and 118 are not yet known, 


. Classification of elements; Four types of elements can 


be recognised in the periodic table on the basis of their 
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10. 


11. 


13. 


14. 


electronic configurations. These ajé s-block, p-block, 
d-block, and J-block elements. 
Hydrogen with one electron in the 


ls orbital occupies a 
unique position in the periodic table. 


S-Block elements: The elements of groups | and 2, including 
hydrogen and helium, in which the s-orbitals are being 
Progressively filled in are called s-block elements. The total 
number of elements in s-block are 14. 


General outer shell electronic configuration of s-block 
. —) . 
elements is ns? where 7 is 2-7 


P-Block elements: The elements of groups 13 to 
18 (excluding helium) in which p-orbitals are being 
Progressively filled in are called p-block elements. The total 
number of elements in p-block are 30 in the periodic table. 


General outer shell electronic configuration of p-block 
elements is 7s? np'*, where n is 2—6. 


- d-Block elements: Elements in which the last electron 


(differentiating electron) enters into penultimate shell, i.e., 
(7 —1)d orbitals are called d-block elements. 


General outer shell electronic configuration of d-block 
elements is (7 — saa ns’, where n is 4-7. 


f-Block elements: Elements in which the last electron 
(differentiating electron) enters into the antepenultimate 
Shell. i.e. (7 — 2)f orbitals are called f -block elements. 


General outer shell electronic configuration of f -block 
elements is (7 — 27 G-H ns’, where n is 6-7. 
Metals, non-metals and metalloids 


a. Metals: They comprise 78% of all the known 
elements. They are usually solid at room temperature 
with high melting and boiling points. But mercury 
(Hg) is liquid at room temperature. However, Ga 
(303 K), Cs (302 K) and Fr (300 K) have low melting 
points. 

They are good conductor of heat and electricity, malleable 
and ductile. 

Ga (gallium), a liquid metal, is used in making high- 
temperature thermometer. Similarly, Ge ( germanium), 
a liquid metal, is transparent in the infrared (IR) region 
and, therefore, is used in the making of infrared windows, 


prisms and lenses. 


b. Non-metals: They are located at the top right-hand side 


of the periodic table and are less than 20 in numer (i.e. 
18). They are either solid or gas ( excepi oromne which 
is a liquid) at room temperature with low meinig and 
boiling points, poor conductor of heat and electricity, 
brittle, neither malleable nor ductile. 

Boron and carbon have high melting and boiling 


points. 


c. Metalloids or semi-metals: Elements which lie at | 
border line between metals and non-metals (e.g., Sj Q 
As, Sb and Te) are called metalloids or semi-metal, 


d. Trends in metallic and non-metallic characte 
Metallic character increases down the group (4) where 
decreases from left to right in a period (—). The tre 
is reverse for non-metallic character. The physical ą 
chemical properties of elements vary periodically Wi 
their atomic number. 

e. The useful mnemonic of remembering the metal] 
character series 

Decreasing order of metallic character is given below: 
ma Na> Ba > Ca> Mg> Al> Zn > Fe>Ni>Sn>J 
[H] > Cu > Hg > Ag > Au > Pt 
The useful mnemonic to remember the metallic series is: 


[spc] [AZINTL]@ [CHAA] 


P = Potassium (K) | | M= Magnesium (Mg) || |C = Copper (Cu) 
S = Sodium (Na) A = Aluminium (Al) H = Mercury (Hg) 
B = Barium (Ba) Z = Zinc (Zn) A = Silver (Ag) 
C = Calcium (Ca) I = Iron (Fe) A= Gold (Au) 

N = Nickel (Ni) P = Platinum (Pt) 

T = Tin (Sn) 

L = Lead (Pb) 


Note: That hydrogen is not a metal and comes betwe 
MAZINTL and CHAAP 


15. Advantages and defects of the modern or long form 
the periodic table 


a. Advantages: 

i. It correlates the position of elements to the electro 
configuration of their atoms, and thus, elements ha 
been grouped into s-, p-, d- and f-blocks. This 
helped to understand their properties more easily. 

ii. The transition elements of 3d, 4d, 5d and 6d a 
assigned proper positions in this periodic table. | 

iii. Elements of groups 8-10 consisting of nine elemenl 
in three triads (group VIII of the Mendeleev] 
periodic table) are assigned proper positions nt 
periodic table. 


b. Defects: 


i Although hydrogen has been placed along wi 
alkali metals in group | and halogens in group | 
yet its position is not settled. Hydrogen shows m 
properties similar to both group | and 17 elemen 

ii. Lanthanides and actinides have not been includ 
in the main part of the periodic table. 


16. Periodic properties: The Properties which are related 
electronic configuration and which show a regular gradati 


ae = -= = 
we down the group ($) and along the period (+) 


17. 


} e are calle 
periodic properties. d 
Atomic radius: Considering an atom to be sphe 


. Ld a > rical, the 
atomic size is the radius of the sphere and known 


as atomic 
radius. 

it is defined as the distance from the centre of the 
to the outermost shell containing electrons. 


OR 
The distance from the centre of the nucleus to the point up 
to which the density of electron cloud (i.e, probability of 
finding the electron) is maximum. 


nucleus 


Depending upon whether an element is a metal or a non- 
metal. there are four different types of atomic radii: 
a. Metallic radius: It is half the internuclear distance 
separating the metal cores in the metallic crystal. 


a r= AB 
(No overlapping of atomic 
orbitals) 

b. Covalent radius: It is one-half of the distance 
between the nuclei of two covalently bonded atoms 
of the same element in a 


molecule. /\ 
r= 2 AB y. 
2 


(Overlapping of atomic orbitals to form a sovalent. 


bond) 
-. Metallic radius > Covalent radius 

c. van der Waals radius: It is one-half of the distance 
between the nuclei of two identical non-bonded 
isolated atoms. Thus, 
van der Waals radius > Metallic radius > Covalent 


radius. 
Covalent van der Waals 
bond distance distance 
PQ = 198 pm OR = 360 pm 
Covalent i van der Waals 
radius ' i t— radius (ydw) 
PO _ 198 pm ! 1 ! 7 l _OR _ 360 _ 
7 i f Tar ana 180 pm 
=99 pm 


Two Cl, molecules 


(Comparison of van der Waals and covalent radii in two Cl, 


molecules) 
van der Waals radii (r, iw) £ Number of energy shells 
and 
i 


r oc ———— 
vdw 
Nuclear charge 


18 


19. 


20. 


21. 


22. 


23. 
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Thus, are of Br > ene of Cl > rdw of F, 
Similarly, 
ae of N> Fdw of O> Fis of F, 


andr, OF P > Fay OFS. 

d. lonic radii: Tonic radii in an ionic crystal is calculated 
from the internuclear distance between the two ions (i.e. 
cation and anion). 

i. Radius of cation: It is smaller than that of the 
corresponding neutral atom. 

ii. Radius of anion: It is larger than that of the 
corresponding neutral atom. 

Variation of atomic and ionic radii in the periodic table: 

Generally, the covalent or van der Waals radii increases 

down the group (J) and decreases along the period (—). 

Both cationic and anionic radii increase down the group (+) 

due to increase in the number of shells. 

Exceptions: Elements of 2nd and 3rd transition series 

belonging to same vertical columns are similar in size and 

properties because of the intervention of lanthanides. 

Isoelectronic species: They are ions of different elements 

having same number of electrons but different nuclear 

charge (Z). 

Ionic radii of isoelectronic species decrease with the 

increase in the magnitude of nuclear charge (Z), e.g. ionic 

radii, decreases in the order (all have 10 electrons but with 

Z= +7, +8, +9, +11, +12 and +13) as: 

N? > O% > F° > Na® > Mg” > Al’. 

Ionisation enthalpy (IE): It is the minimum amount of 

energy required to remove the outermost shell electron from 

an isolated gaseous atom to form a gaseous ion (represented 
as IE or A,H®). 

It is measured in eV atom! or kcal mol or kJ mol”. 

1 eV atom! = 23.06 kcal mol ' = 96.49 kJ mol! 

Successive ionisation enthalpies: The ionisation enthalpies 

to remove first, second, and third electrons, etc., from an 

isolated gaseous atom are called successive ionisation 
enthalpies. 

IE, > IE, > IE, > or A HÑ >A HS >A Hy 

Factors affecting the magnitude of ionisation 

enthalpies 

a. Size of an atom 

b. Z (effective nuclear charge) 

c. Screening effect 

d. Penetration effect 

e, Electronic configuration 

Variation of IE in the periodic table: IE, generally 

decreases down the group () and increases along the period 

(—>). 

Exception: 

a. IE, of Be>IE, of B 
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IE, of Mg > JE, of Al 
IE, of N > IE, of O 
IE, of P> IE, of S 

b. Exception of JE in group 13 elements. 
Elements: B > Al < Ga > In < TI 
IE (kJ mol): 801 577 579 558 589 
Exception in IE,: Ga > Al (imperfect shielding of 3d 
orbitals in Ga). 

c. General trend in IE, from 3d — 4d series is observed 
but not in 4d — Sd series because of the incorporation 
of the 14 lanthanide elements between La and Hf. Sd 
series have the highest IE,. The increase in radius due 
to the addition of extra shell is compensated by the 
decrease in radius due to lanthanide contraction. 
Hence, the radii of 4d and 5d elements more or less 
remain the same, due to which Z p increases to more 
extent, which results in high IE, of the 5d elements of 
transition series. 


24. Electron gain enthalpy (A,,H°): It is the energy released 


25. 


26. 


27. 


when a neutral isolated gaseous atom accepts an extra 
electron to form the gaseous ion, i.e., anion. 
AHO for halogens (group 17) is highly negative, because 
they attain stable noble gas configuration by accepting an 
extra electron. Whereas noble gases have large positive 
A.H° value because the extra electron has to be added 
in the next higher principal quantum energy level thereby 
producing highly unstable electronic configuration. 
Like nero energy, A, Bi is measured either in 
eV atom” or kJ mol! or kcal mol’. 
Successive electron gain enthalpies: The energy released 
to add first, second, third electrons and so on to an isolated 
gaseous atom is called successive electron gain enthalpy. 
The addition of second electron is opposed by the 
electrostatic repulsion and hence energy is required for the 
addition of second electron. Thus, the-second electron gain 
enthalpy of an element is positive. 
For oe A. Hy of oxygen =—141 kJ mol! 


but AH, of 0° = +780 KJ mol" 
Variation of A,,H~ in the periodic table: Generally A, AL 
decreases dess. nepalive) down the group (J) but i iigneaees 
(more negative) along the period (—>). 
Factors affecting the magnitude of A,,H® 
a. Size of an atom 
b. Z g (Effective nuclear charge) 
c. Electronic configuration 
Some eScep ans: 
i. AH of Cl>F>Br>] 
ii. re of Al>B 
T Hy of P>N 

iv. A, He of S>O 


28. 


29. 


30. 


31. 


Electronegativity (EN): It is the tendency of an atom 4, 
attract shared pair of electrons towards itself in a covalent] 


bonded molecule. It is represented as y (chi) or EN. 
It is not a measurable quantity. However, various numericg 
scales of EN have been developed. 
The EN of any element is not constant and varies dependin 
upon the element to which it is bonded. 
Variation of EN in the periodic table: Generally, ; 
increases along the period (—>) and decreases down th 
group (4). 
F is the most EN element with a value of 4.0 and C is th 
least EN element. 
Exceptions: 
a. EN of Gaand Ge > EN of Al and Si 

(due to the d-block contraction) 
b. EN of Pb> EN of Tl and Bi 
Factors affecting the magnitude of EN: 


l 
. . EN œ a = ee 
a. Atomic radius omie a) 


b. Z.p (Effective nuclear charge) (EN œ Z p) 


c. Number of inner shells 


l 
EN e ——— 
l N Number of inner = 


d. Charge on the ion or oxidation state of the atom 
(EN œ Number of positive charge) 


re 
Number of negative charge 


. Nature and number of substituent atoms attached to th 
atom 


f. State of hybridisation (EN  s-character in the hybrid 
orbital) 


EN decreases from sp > sp* > sp” hybrid orbital. 
g. IE and A, ,H®: (EN « Higher IE or higher or more negative 
© 
A. HH”) 
h. EN cc non-metallic character of elements 


oO 


1 
i. l EN ——— ~~ 
Metallic character of elements 


increases. 
Scales of EN 
a. Pauling scale: 


l 
(Xa -XB)= 0.208| Ep - Eaa x Enp) P 


kcal mol”. 
where x, and %p are the EN’s of two atoms A and B and 
E-e Eaa and Ep p are bond energies of molecules 


A-B, A, and B,, respectively, in kcal mol. 


Se 


In SI units, 


(Xa -Xp )= 0.1017 AA -pg Where A isin k] mol”! 


and A, _» =Í Ea-B- V Eas RE wc, | 


Another form of the equation can be written as: 


stard le ya , 
(Xa = Xr) = (eV) [a Ea +Eg-p] 
tt 
= 0.208 Ea -B ` [Ea -a +Eg-g] (kealmol™’) 
aU 
wf l 
=0.1017 An Eaa +Ep a] (kJ mol!) 
b. Mulliken’s scale: 
i ENory, -| Pa +E) a)! 


“æ 


| where IP = Ionisation 


potential and EA = Electron affinity in eV. 
ii. If IP and EA are in kcal mol, then 
_ (IP), +(EA) 
EN O = ALA A. A 
(Orxa ) 2x62.5 
ti. If IP and EA are in kJ mol. then 
P (IP), +(EA) 
EN(or pee lh eee? 
(OT Xa ) 540 
iv. Mulliken’s values of EN are about 2.8 times more 
than the Pauling scale, i.e., 
EN Pauling (or y% Pauling) = y Mulliken/2.8. 


_ (IP), +(EA), 
E 2x2.8 
] ] | ; 
The constant 2x28 = zg! called scale adjustment 
factor. This factor is used when IP and EA are 
in eV, 


v. Pauling scale in terms of AH”: 
Vesting = IE - A, H°] /2 
The Mulliken EN values are scaled down to match 
+EA 


IP 
the Pauling value by dividing 
3.17. 
c. Allred—Rochow’s scale: 


in eV by 


, Zep 
EN (ory, )=0.359%—2 40,744 
r 


Where r is the radius of an atom in A”, The value of Zay 
is calculated from Slater’s rule taking all the electrons, 
32. Non-polar and polar bonds: 

a. A bond between two similar atoms is non-polar, 

b. If the EN’s of the two atoms forming a bond are different 
and the bonded atoms acquire a + 6 and -ô charges is 
called a polar covalent bond. 

c. Higher the difference in EN of two bonded atoms, the 
molecule is more polar and have higher dipole moment 


(p). 


— 


34. 


35. 
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i. When (y A 
covalent. 


ii. When (Xa 
than 50%. 


iii. When (Xa 
than 50%, 


d. Percentage of ionic character: 


Xn) = 1.7, the bond is 50% ionic and 50% 

Xn) < 1.7, the covalent character is more 
Xp) 7 1.7, the ionic character is more 

% of ionic character = [16(x,-—x_) + 3.5 Vata 1 


when (Xa ~ Xp) = 2.1, the compound is 50% jonic 
e. (X4 ~ Xp) £ bond strength 


. Acidic and basic nature of oxides of normal elements : 


The acidic nature of oxides of normal elements increases 
whereas the basic nature decreases along the period (—) 
due to increase of EN from left to right in a period. 

Bond length: 


a. Generally, in case of heteroatomic molecule of AB type, 


bond length (d,_ ,) is equal to the sum of covalent radii 


of A and B atoms. 
dy p= Xa T Xp 
l 


b. dxs_po wn 
% of ionic character 


c. dap æ stability of AB molecule 


(Xa -XB) 
Bond angle: For AB, -type molecule (where A is the central 
atom, B is the atom attached with atom A and x is the number 
of B atoms), then B-A-B bond angle changes as given. 

a. If the EN of central atom decreases and/or the size 
increases the bond angle decreases, i.e. the bond angle 
decreases down the group, e.g. bond angle of NH, > PH, 
> AsH, > SbH, and H,O > H,S > H,Se > H,Te. 

b. If the EN of atom B decreases. the bond angle (B-A-B) 
increases, e.g. bond angle of PI, > PBr, > PCI, and 
NH, > NF, and OH, > OF.. 

c. Molecules or ions without nonbonding electrons (i.e. lone 
pair of e ’s) on central atom and having regular geometry, 
the change in the EN of central atom or surrounding atom 
has no effect on the bond angle. For example, bond angle 
of BF, = BCI, = BBr, = AICI,= 120° and similarly CH, 


($3) 

= CBr, = CCl, = NH, = 109°28', | 
d. For the molecule with same central atom with vacant 
d-orbitals and with different B atom, bond angle 
increases with the increase of EN of B atom having 
lone pair of electrons. For example, bond angle ot 
PF, > PH, (opposite to NH, and NEV) (iLe, opposite ot 
point (b)). 
Bond angle of'sp <p” > sp’ hybrid orbitals (180° > 120° 
-= 109928’) Vor example, 
Bond angle of NO? > NO, > NO, > NO, 
180° > 134° > 120° > 115° 


Ea 


C 


Bond angle: 


È 


about the covalent characte» 
pound. The compound is mal 
following conditions: l 
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ule: It tells 


36. Variation of valence in the periodic table: Along the period 41. Fajans’ r = 
(—>), the number of valence electrons increases from | to polarisability i . 
8. But the valence of element w.rt. H or O, first increases covalent when it has the . 
from 1 to 4 and then decreases to zero. a. Higher charge on the ions aiii eee 


Down the group () elements exhibit same valence. b. Small cation 
c. Large anion 


37. Typical elements: They are elements of 3rd period. These 
include Na, Mg, Al, Si, P, S and Cl. The properties of all d. Presence of d electrons | 
elements belonging to a particular group resemble the 42. Inert pair effect: In groups 13-16, down the group H), 
ents of that the stability of lower oxidation state increases. This is dug 


properties of the corresponding typical elem 


group. For example, the general properties of group 1 can be 
avior of Na not Li, the first member the intervening d- 


to ineffective shielding of ns? electrons of valence shell by 
and f-electrons. So, ns’ electrons do no 


predicted from the beh 
of the family. participate in bond formation and behave as inert pair. For 
38. Bridge elements: They are elements of 2nd period and their example, in group 13 Tl exists as TI”, 1n group 14, Pb exists 
as Pb’, and in group 15 Bi exists as Bi’, oxidation states, 


properties resemble the properties of elements of 3rd period 
ability of compounds: a 


Factors that determine the st 


placed diagonally as shown: 43 
2nd period sA Ni B W stability of a compound is due to the following conditions: 
Mg “Al “Si a. The compound must have high EN of the element to excite 


3rd period | Na 
ant orbitals 


This anomalous behaviour is due to the electrons from central atom to vac 


e vacant orbitals 


b. The central atom must hav 


c. Inert pair effect 
d. Appropriate sizes of cations and anions, for example, 


NH, and NCI, exist, but NH, and NCI, do not exist. 
ii. PCI, exists, but PBr, and PI, do not exist. 
iii. PH, exists, but PH, does not exist. 

TICI, PbCL, and BiCl, are more stable than TICL, 


a. Small size 
b. High charge density 
c. High polarising power 
d. High EN of the element 
39. Periodic trends and chemical reactivity: 
a. Chemical reactivity of an element is shown by its 


reactions with oxygen and halogens. iy 
b. The normal oxide formed by the elements on extreme PbCl , and BiCl,. 

left is the most basic (e.g. Cs,O), whereas that formed v. IF, exists, but ICL, does not exist 

by the element on extreme right is t idi : 
ie eon he most acidic (e.g. vi. AICI, exists as dimer (AL,Cl,), but BCl, does not 


OF, and CL,0,). : exist. 
c. Oxides of elements in the centre are amphoteric (e.g. . O. 1+ 
ALO, As O Jornentril (eg, CO, NO a 44. Lattice enthalpy (AyH™): It 1s the amount of energy 
at air as E ans released when crystal lattice of one mole of solid ionic 
40. Magnetic properties: compound is formed from their gaseous constituent ions. 


a. Diamagnetic substances are weakly repelled by the For example, 
applied magnetic field and have all the electrons paired Na? o) + Cl NaCl, AH = — 788 kJ mol! 
in their atoms, e.g. NaC] and H,O. It depends on the following factors: 


b. Paramagnetic substances are attracted by the applied a. Size of the ions 
magnetic field and has one or more unpaired electrons 
+ b. Magni | i 
mieram it, Fe** and C”. agnitude of charges on the ions 
l , , ® 7O 
c. Ferromagnetic substances keep their magnetism even Thus AyH® « | |Z | where | VA | Za] are charges 
. ° > 5 £ ; 
after the magnetic field is removed, e.g., Fe, Co and Ni. " > 
Using ‘spin only’ formula, the magnetic moment is given of cation and anion respectively and r) is the interionic 
as distance. 
Down the groups ($) generally, it decreases and increases 


u, =;4n(n+2) BM 
where n is the number of unpaired electrons and it is 
measured in Bohr Magneton (BM). 

eh 


along the period (—). 
lt is determined by the use of Born-Haber cycle, which 
err’ a inet is based upon Hess’s law of heat summation. 
op Application of lattice energy: It explains the formation 
of oxides, peroxides and superoxi 
; é peroxides of group | and grou 
2 elements. iii a 


1BM= 
nme 


=9.27x10” J Tesla 


OR (SI units) 45. a, Hydration energy: It is the amount of energy released 


p when on o . S q , 
-927x10 Am? i e mole of gaseous ions is dissolved in excess 
ot water to give its constituent aqueous ions, e.g 
2. 


_— 


b. Trend in the periodic table: General! 


a 


Na® (g) + CI (g) + aq > Na® (aq) + CI (aq) 
Ahya HS =-ye 
y, hydration 
energy decreases down the group (4) and increases 
along the period (—). 


> . {. Cha | 
Anya” cc charge density ie 7 Tee ati o] 
ze 


c. Application: 


i. Solubility is water: 


If An ygH° > ABY, the compound is soluble in water, 
If A, gH” < AH, the compound is not soluble in 
water. 
ii. Lithium is the strongest reducing agent in aqueous 
solution. 
iii. Ionic mobilities in electric fied of s-block ions. 
Order of decreasing mobilities: 
Cs® > Rb? > KÊ > Na® > Li® 
Ba?” > Sr** > Ca** > Mg?” > Be2* 
iv. Ionic radii in aqueous solution of ions of s-block 
elements. 
Order of decreasing radii of hydrated ions: 
Li > Na? > K® > Rb® > Cs® 
Be” > Mg” > Ca” > Sr** > Ba2* 
Compounds of group 2 elements exist as hydrated 
salts, e.g. MgCl,-6H,O and CaCl,-6 H,O, whereas 
NaCl and KCI do not form such hydrates but LiCl 
exists as LiCl-2H,O. 
vi. Lanthanides and actinides show, in general, +3 
oxidation state. 
ee compounds are unstable in equeous solution and 
undergo disproportionation. 
2 Cu > 2Cu** + Cu 
Solubilities in water of hydroxides and fluorides of 
group 2 elements increase down the group (1). For 
example, increasing order of solubilities is as follows: 
BeF, < MgF, < CaF, < SrF, < BaF,. 
Be(OH), < Mg(OH), < Ca(OH), < Sr(OH), 
< Ba(OH), i 
ix. Solubilities in water of carbonates, bicarbonates 
and sulphates of group 2 elements decreases down 
the group (1). For example, the decreasing order of 
solubility is as follows: 
BeCO, > MgCO, > CaCO, > SrCO, > BaCO, 
Be(HCO,), > Mg(HCO,), > Ca(HCO,), > 
St(HCO,), > Ba(HCO,), 
BeSO, > MgSO, > CaSO, > SrSO, > BaSO, 


g] 


V. 


46. Flame colouration: When the elements or their salts are 


heated in a bunsen flame, they impart characteristic colour 
to the flame. 

Principle: Same excitation energy of bunsen flame excites 
electrons in different element to different level due to 
difference in their IE’s. 
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47. 


Flame 
colouration | 
Group | 


‘8 pr AE 
violet 


Deep bluish green 


Pale blue grey 

Be and Mg do not impart flame colourations, since the 
excitation energy of the flame is not sufficient to excite 
electrons to higher energy level, due to very high IE of Be 
and Mg. 
Colour of substance in visible light: When molecules 
absorb light of specific wavelengths in the visible region of 
electromagnetic spectrum, the outer (valence) electrons are 
excited to higher energy levels. When these excited electrons 
return to their original (ground) energy level, they emit 
radiation in the visible region corresponding to the energy 
absorbed and give complementary colours. 


_ Application: 
a. Halogens are coloured, e.g. 


Observed (complimentary colour) 
Yellow 
Greenish yellow 


Halogens 


F, (g) 
Cl, (g) 


Red or brown or orange 
Violet 


b. When group 1 elements are dissolved in liquid NH,, they 
give blue colour whereas group 2 elements give deep blue 
black colour. 


O 


. The colour in the coordination compounds: 


i. Itis explained in terms of CFT (crystal field theory). 
It is due to d-d transition or more specifically 
(bg > e,) transition in case of octahedral complexes 
and (e — t,) transition in case of tetrahedral 
complexes. 

ii. The colour in lanthanides and actinides is due to 
J+ transitions. 


iii. Colour of compounds having d configuration i.e., 
when d-orbitals are empty, colour is due to charge 
transfer theory, e.g., purple colour of KMnO 4 and 
orange colour of K,Cr,O}. 

iv. Some solid compounds change their colour on heating 
due to non-stoichiometric defects, i.e., metal excess 
defects and these are of two types (i) Anion vacancies 
or F-centre and (ii) the presence of extra cations in 
interstitial sites. 

For example, when alkali metal halides are heated in 
alkali metal vapours, the colour is observed (due to 


a 
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F-centre) Bune be oo Sa ; ; iqui pm te 
ntre). Excess of Li in LiCl gives a pink colour e Br, is a liquid non-metal at room temperature. 
and excess of K in KC] makes it violet. 


e Hg is the lowest melting point liquid metal. 1 
On heating ZnO turns yellow and on cooling it e Gallium (Ga) (m. pt. 29.8°C), caesium (Cs) (m pt = 
turns white due to the presence of extra cations in 28.5°C) and francium (Fr) (m. pt. 27.0°C) are metals in 
S 


interstitial sites, 

48. px—px bond: C. N and O have unique ability to form 
Px-pxr multiple bond with itself and with other elements 
having (i) small size Gi) high EN, (iii) high TE and 
QV) non-availability of @-orbitals. 


having low melting points. kn 
Ga is used in making high temperature thermomete ` 
because of its low melting and high boiling points, the 


e Germanium (Ge) is transparent in the infrared (IR) region pe 
and therefore it is used in the making of infrared windows, th 


49. (@x-~dz) multiple bonding: Heavier members of groups 14, prisms and lenses 


lS and 16 form px—dx bonds by the overlap of p-orbital of 
one atom and @-orbital of another atom. This tendency is 
found particularly in case of Si linked to O and N. 


ar 

e Selenium (Se) is used as a photo conductor in photo! wW 
copying (Xerox) machines and also for decolouriser of 
glass. 


Examples: ; , , i 
a. Trimethyl amine, N(CH,),. is pyramidal and more basic o ee cen polonium (Po) are highly toxic, the 

whereas trisily] amine, N(SiH,);, is planar and is less sian ibacaiabdia tants anemia 

sse n e Among metals, tungsten (W) has highest melting and S 

b. CCI, and SiCl,. both are covalent compounds, but CCI, E Seis . ir 

is not hydrolysed with water while SiCl, is hydrolysed ° Na, K, Rb and Cs are kept in kerosene oil. I 

(due to px—drx multiple bonding). e Phosphorous (P,) (white or yellow) is kept in water. y 

c. MnF- does not exist, although Mn,O, exists, due to the e Fluorine (F) is the most EN element and caesium (Cs) is| ° 

ability of oxygen to form pn-dr multiple bonds. the most EP (electropositive) element. i 

P p i 

50. Summary of trends of periodic properties: e H? and I? ions are the smallest and largest anions) | 

a. Increases along the period respectively. r 

e H® and Cs® are the smallest and largest cations.) s 


The following properties decrease down the group 
(+) but increase along the period (—). 


1. IE, EA, A, H~ and EN. 
2. Lattice enthalpy (AĻH9), hydration enthalpy 


respectively. 
e Helium (He) has the maximum ionisation potential. 
e Oxygen is the most abundant element on the earth. 


Decreases down the groups 


(A, H9) e Aluminium (Al) is the most abundant metal. 
` hyd 
f , charge . e Iron (Fe) is the most abundant transition metal. 
3. Charge density l ratio ; : 
sıze e Nitrogen (N,) is the most abundant gas in atmosphere. 

4. Metallic bonding e Among metals silver (Ag) is the best conductor o | 
5. Non-metallic character electricity and lead (Pb) is the poorest conductor o | 
6. Acidic character of oxides electricity. 


. a e Among non-metals, carbon (C) has the highest melting 
b. The following properties increase down the group 


(v~) and decrease along the period (>) oo oe): 
e Diamond (carbon) is the hardest natural substance. 
Z pn Decreases along the period e Chlorine (Cl) has maximum EA or A "N H°. 
Š = J]. Atomic radii e Uranium (U) is the heaviest naturally occurring element. 
Z A 2. Metallic character e Plutonium (Pu) is the most poisonous element. 
E g 3. Basic character of oxides e Caesium (Cs) has the lowest EN and lightest liquid metal. 
S-E 4. Electropositivity or metallic character e Tellurium (Te) is the most stable element. 
e Boron (B) is the lightest solid non-metal with highest 
51. Some important facts: tensile strength, 


atals have and low EN whereas non-metals have 
e Metals have low JE and e Among non-metals sulphur (S,) is the most poorest 


high IE and high EN. conductor of current, 


PRS ating ¢ is a non-metal with metallic er ; : . ; 
e I, sublimes on heating and isa non-mels ‘ e Osmium (Os) is the heaviest solid metal with density 


Justure. (22.57 g mL. '), 


I€ 


| 
| 


7.1 INTRODUCTION 


‘The periodic table of elements is one of the most powerful jeong 
in science—a single document that consolidates much of our 
knowledge of chemistry.’ 

The elements are arranged in rows and columns. Knowing 
the position of an element in the periodic table, it is possible to 
predict its chemistry, 

Thus, a periodic table is defined as the table which classifies all 
the elements in such a way that elements with similar properties 
are grouped together in the same vertical column and elements 
with dissimilar properties are separated from one another. 


1.2 GENESIS OF PERIODIC 
CLASSIFICATION: FROM 
DOBEREINER TO MENDELEEV 


Several chemists tried to classify the elements and to find patterns 
in their properties. The German chemist, Johann Dobereiner, in 
1817. suggested that there were sets of three elements (triads) 
which showed similar chemical properties. In each case, he 
observed that the atomic weight of the central element of the triads 
was approximately the mean of the atomic weights of other two 
elements (Table 1.1) and the properties of the middle elements 
were in between those of the other two members. This relationship 
referred to as the law of triads. However, it was dismissed later on 


since it worked only for a few elements. 


Table £1 Dodbereiner’s triads 


8] 22 | 
Eii MD SEA K 


In 1862, a French geologist, A.E.B. de Chancourtois, arranged 


. Nr ee, — ~}. . 
the then known elements in order of increasing atomic weights 


and made a cylindrical table of elements to show the periodic 
recurrence of properties. This also was dismissed later on. 


1.2.1 NEWLANDS’ OCTAVES LAW (1865) 

However in J 865, the English chemist, John Alexander Newlands 
developed the law of octaves. He arranged the elements in 
increasing order of their atomic weights and found that every 
eighth element had properties similar to that of the first element 
(Table 1.2). 


Table 1.2 Newlands’ octaves 
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Klements K Ca 
A OO, — ” danish — a | 
Atomic 39 AQ | 
weight | 


The relationship was just like every eighth note resernbles the 
first octaves of music (Table 1.3). 


Note: 


i, Inert gases were not discovered till that time. 
ii. All elements could not be classified on this basis. 


Law of octaves was found to be true up to calcium but this 
law was not widely accepted. However, this law was recognised 
much Jater by the Royal Society, London, by awarding Newlands 


the Davy Medal in 1887. 


A breakthrough in the development of the periodic table owes 
its development to the Russian chemist Dmitri Mendeleev (1434— 
1907) and the German chemist Lothar Meyer (1830-1895). 

Working independently, both the scientists in 1869 proposed 
that on arranging elements in the increasing order of their atomic 
weights, similarities appear in physical and chemical properties 
at regular intervals. 


1.2.2 LOTHAR MEYER’S ATOMIC VOLUME 
CuRVE (1869) 

e Lothar Meyer plotted the physical properties such as atomic 
volume (i.e. atomic weight in solid state/density), melting 
points and boiling points against atomic weights. 

e He observed elements with similar properties occupied the 
similar positions on the graph, i.e. a periodically repeated 
pattern. 

e Elements of the Ist group (strong electropositive elements) 
such as Li, Na, K, Rb, Cs etc., occupied the top position. 

e Elements of the 2nd group such as Be, Mg, Ca, Sr, Ba etc., 
occupied the positions on the ascending part of the graph. 

ə Halogens occupied the positions on the descending part of 
the graph. 

e Inert gases except helium (He) also occupied the positions 
on the descending part of the graph. 


1.2.3 MENDELEEV’S PERIODIC LAW 

By 1868, Lothar Meyer had developed a table that closely 
resembles the modern periodic table, However, his work was not 
published until the work of Mendeleev. 

Dobereiner initiated the study of periodic relationship but 
Mendeleev published the periodic law for the first time. It states 
as follows: 

e The physical and chemical properties of elements are 
periodic functions of their atomic weights. 
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e = Ifthe elements are arranged in the order of their increasing 
atomic weights, after a regular interval similar properties 
of elements are repeated. 

Mendeleev's system of classifying elements was more 
elaborate than that of Lothar Meyer's. Mendeleev relied on 
ee aaa 
the similarities in the empirical formulas and properties of the 
compounds formed by the elements, He found that some of the 
elements did not fit in with his scheme of classification if the 
order of atomic weight was strictly followed. So, he ignored the 
order of atomic weights and placed the elements with similar 
Properties together. 

For example. iodine with lower atomic weight (126.90) than 
that of tellurium (127.60. group VI) was placed in group VII 
along with F, Cl. Br because of similarities in properties, 

While arranging the elements of similar properties in the same 
group. Mendeleev noticed that some of the elements were still 
undiscovered and. therefore. left several gaps in the table. 


For example. both gallium (Ga) and germanium (Ge) were 
unknown at that time. He left the gap under aluminium and a gap 
under silicon and called these element Eka-aluminium and Eka- 
silicon. Besides predicting the existence of these elements he also 
predicted some of their physical properties. These elements were 
discovered later on. Some of the Properties predicted by Mendeleev 
for these elements and those found experimentally are given in 
Table 1.4. Mendeleev’s periodic table was published in 1905. 


Mendeleev's name has been immortalised by naming the element 
with atomic number 101, as Mendelevium (Md). 


Table 14 v's predictions for the elements Eka- 

allium) and Eka-silicon (Germanium) 

Property Eka-alumin- ‘Gallium 
ium , (found) 


of chloride 


1.2.4 MENDELEEV’S PERIODIC TABLE 


Mendeleev arranged the 63 discovered elements in the periodic 
table into 7 horizontal rows known as periods and 8 vertical 


columns known as groups numbered | to K 


` 1.2.4.1 Uses of Mendeleey’s Periodic Table 
1. Atomic weights of elements were de 
of periodic table. Atomic Weight = 


weight. 


termined with the help 
valency x equivalent 


—— 


2. Atomic weights of elements were corrected. Atomic. | 


weight of Be was calculated to be 3 x 4.5 = 13.5 by 
considering valency 3, but Mendeleev calculated jt 
to be 2 x 4.5 = 9, 

3. Discovery of new elements: In Mendeleev’s periodic table 
two consecutive members differ by two or three units in the 
atomic weight. Where this gap was more, the gaps were left 
in the periodic table. 


4, The discovery of the first two noble gases helium (J He) and 
argon (Ar) in 1890 suggested the possibilities that there 


must be other similar elements to fill an entire family. This 


idea led Ramsay to his successful search for krypton (Kr) 
and xenon (Xe). 


5. Work on the radioactive decay series for uranium (U) and] 
thorium (Th) was also guided by the periodic table. | 


wX.2.4.2 Defects of Mendeleev’s Periodic Table 


The following is a list of defects: | 

1. Position of hydrogen is uncertain. It has been placed in [A 
and VIIA groups because of its resemblance with both the 
groups. 

2. No separate positions given for isotopes. | 

3. No separate group for lanthanides and actinides. 

4. Although there is no resemblance expect valency of | 
subgroups A and B, they have been put in the same group. 

5. The order of increasing atomic weights is not strictly 
followed in the arrangement of elements in the periodic 
table. For example, Co (At.wt. 58.9) is placed before iodine 


(At-wt. 127) and Ar (At.wt. 39.9) before K (At.wt. 39). 


1.3 MODERN PERIODIC LAW AND 
THE PRESENT LONG FORM 
OF THE PERIODIC TABLE OR 
MOSELEY’S PERIODIC TABLE | 


In 1913, the English physicist, Henry Moseley observed 
regularities in the characteristics X-ray spectra of the elements. 
Moseley studied the frequency (v) of X-rays produced by the! 
bombardment of a strong beam of electrons on a metal target. He 
found that a plot of Vv (where v is the frequency of X-rays) 
emitted) against the atomic number or nuclear charge (Z) gave a 
straight line and not the plot of Vv V 
the following relation: 
Vv = a(Z — b) 


where a and b are constants, So, Mose 
of elements with their atomic Numbers 
law, known as the Modern P 


ersus atomic mass, and gave 


ley related the properties 
and gave the new periodic 


eriodic Law, and is defined as: 
The physical and chemic 


al properties of elements are. 
periodic functions of their i 


atomic numbers. 


| 
If the elements are arranged in order of their increasing 
atomic numbers, after a 


regular interval elements with simi 
. ? i 
Properties are repeated. ii 


The periodic law has stimulated renewed interest in Inorganic 
chemistry and has carried till date with the creation of artificially 


produced short half-life elements. 


The periodic law has also revealed important similarities among 
the 94 naturally occurring elements. For example, neptunium 
(Np) and plutonium (Pu) like actinium (Ac) and protoactinium 

(Pa) are also found in pitch blende—an ore of uranium (U). 

It is now recognised that the periodic law is the consequence 
of the periodic variation in electronic configurations which 
determine the physical and chemical properties of elements and 
their compounds. 

Although numerous forms of periodic table have been made. 
Out of which some forms emphasise chemical reactions and 
valence. Whereas others emphasise the electronic configurations 
of elements. But the “/ong formò of the periodic table of the 
elements (Fig. 1.1) (or modern periodic table) is the most easy 
and widely used. 

The horizontal rows (which Mendeleev called series) are 
called periods and the vertical columns, groups. Elements 
having similar outer electronic configurations in their atoms are 
arranged in vertical columns, referred to as groups or families. 
According to the recommendation of International Union of 
Pure and Applied Chemistry (IUPAC), the groups are numbered 
from 1 to 18 replacing the older notation of groups IA... VIIA, 
VIL IB ... VIB and O. 

There are altogether seven periods. The period number 
corresponds to the highest principal quantum number (77) of the 
elements in the period. The first period contains 2 elements. 
The subsequent periods consist of 8, 8, 18, 18 and 32 elements, 
respectively. The seventh period is incomplete and like the 
sixth period would have a theoretical maximum (on the basis 
of quantum numbers) of 32 elements. In this form of the 
periodic table. 14 elements of both the sixth and seventh periods 
(lanthanoids and actinoids. respectively) are placed in separate 
panels at the bottom. 


1.3.1 MAGIC NUMBERS 


The examination of the properties of elements shows that the 
atomic number intervals at which the elements with similar 
properties reappear are 2, 8, 8, 18, 32 and 32, i.e. we have to 
pass 2, 8, 8, 18, 1% and 32 elements before we come across an 
element,with similar properties. The repetition of the elements 
with similar properties in the order of increasing atomic number 
as in the periodic table is called periodicity of properties and the 
numbers 2, 8,18 and 32 are called magic numbers. 


Note: Glenn T. Seaborg’s work starting with the discovery of 
plutonium in 1940 followed by those of all the transuranium 
elements from 94 to 102 led to reconfiguration of the periodic 
table placing the actinoids below the lanthanoids. In 195], 

` Seaborg was awarded the Nobel Prize in Chemistry for his 
work. Element 106 has been named Seaborgium (Sz) in his 
honour. 
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1.3.2 ELECTRONIC CONFIGURATION IN 
PERIODIC TABLE 

The following is a list of electronic configuration: 

1. Each period starts with an alkali metal whose outermost 
electronic configuration is ns! 

2. Each period ends with a noble gas of outermost electronic 
configuration ns?np* except He. The electronic configuration 
of He is 15°. 

3. The number of elements in a period is equal to the number 
of necessary electrons to acquire ns’ np’ configuration in 
the outermost shell of the first element (alkali metal) of the 
period. First period contains two elements. 


4. The number of elements in each period may be determined 
by the number of electrons in a stable configuration. 


1.4 NOMENCLATURE OF ELEMENTS 
WITH ATOMIC NUMBER > 100 


The naming of the new elements was given traditionally on the 
name of its discoverer (or discoverers) and the suggested name 
was ratified by the IUPAC. In recent years this has led to some 
controversies. For example, both the American and Soviet scientists 
claimed credit for discovering element 104. The Americans named 
it Rutherfordium whereas the Soviets named it Kurchatovium. 

To avoid such controversies, the IUPAC has made 
recommendation that until a new element’s discovery is proved, 
and its name is officially recognised, a systematic nomenclature 
be derived directly from the atomic number using the numerical 
roots for O and numbers 1—9. These are shown in Table 1.5. 

The roots are strung together in the order of digits which makes 
up the atomic numbers and ‘ium’ is added at the end. The IUPAC 
names for elements with Z above 103 are shown in Tables 1.5 
and 1.6. As of now, elements with atomic numbers up to 112.114 
and 116 have been discovered. Elements with Z = 113, 115 117 
and 118 and beyond are not yet known. 


Table 1.5 Notation for IUPAC nomenclature of elements 


Digit 
0 
| 
2 bi | b 
t 
3 tri t 
f 
4 quad q 
5 pent p 
Í | 
O hex | h 
t } 
7 sept | S | 
K oct oO | 
| 
| 
| 


9 enn | e 
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Table 1.6 Nomenclature of elements with atomic n 
above 100 


Unnilunium 
Unnilbium 


Unniltium Unt 


umber 


S 
rY 
= 


Unnilquadium | Ung 


Rutherfordium 


Seaborgium 


Hassnium 
Meitnerium 


Rontgenium [Re | 


Uub Copernicium 


105 | Unnilpentium | Unp 
Unh 

Uns 
108 Unniloctium | Uno 


110 Ununnilium | Uun 


106 | Unnilhexium 


J 
3 
Nn 
5 
Q- 
z 
3 


111 Unununium =| Unu 


112 Ununbium 


Uut Nihonium 


Co 
[Og ail 


113. Ununtium 


114 Ununquadium | Uug 


116 Ununhexium Uuh 
117 Unusepsum__ Uus 
118 _Ununoctium Uuo 


Thus. the new element first gets a temporary name, with 


element was discovered, or pay tribute to a notable scientist. 


What would be the IUPAC name and symbol for the element 
with atomic number 120? 


(GAD From Table 1.5, the roots for 1, 2 and 0 are Un, bi and nil, 


respectively. Hence, the symbol and the name respectively are 
Ubn and unbinilium. 


There are 2, 8 and 8 elements in the first, second and third periods 
of periodic table respectively. Explain. 


Sol, The first period (Js) is completed with two electrons. 
The second period (2s, 2p) is completed with 2 and 6 electrons 
respectively in 2s and 2p. 

Likewise the third period (3s, 3p) is completed with 2 and 6 


electrons. Thus, 2, 8 and 8 elements are present in the first, second 
and third periods respectively. 
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Which of the following 1s correct: 

a. The element Mendelevium (Md) has been named in the 
honour of Mendeleev. What is the atomic number of that 
element? 

i. 100 ii. 101 iii. 102 iv. 103 

b. The element Seaborgium (Sg) has been named in the honour 
of Glenn T. Seaborg. What is the atomic number of that 
elements? 

i. 104 ii. 105 iii. 106 iv. 107 

c. Glenn T. Seaborg was awarded Nobel Prize in 1951 for the 
discovery of which element/elements? 

i. Uranium (U) 

ii. Elements from 90 to 93 
iii. Elements from 94 to 102 
iv. Elements from 103 to 106 


(SGM a. ii b. iii c. iii 


a. What is the atomic numbers and the IUPAC name and symbol 
for the elements Mendelevium (Md) and Seaborgium (Sg)? 

b. What is the atomic number of the element for which both 
the American and Soviet scientists claimed credit for the 
discovery? 

c. Refer to the problem (b) above, what name is given to the 
above element by the American and Soviet scientists? 

. d. Which other elements are found in pitch blende—an ore of 

uranium? 

e. Which other elements are found in the naturally occurring 
element with atomic number 94? 


a. i. Atomic number for Mendelevium is 101. Its IUPAC 
name and symbol is Unnilunium (Unu). 
ii. Atomic number for Seaborgium is 106. Its IUPAC name 
and symbol is Unnilhexium (Unh). 
b. Atomic number of that element is 104. 


c. The American scientist called it Rutherfordium (Rf) and the 
Soviet scientist called it Kurchatovium. 


d. Actinium (Ac) and Protoactinium (Pa). 


e. Neptunium (atomic number 93) and plutonium (atomic 
number 94), 


1.5 ELECTRONIC CONFIGURATIONS 
OF ELEMENTS AND 
THE PERIODIC TABLE 


An electron in an atom is characterised by a set of four quantum 
numbers, and the principal quantum number (7) defines the main 
energy level known as shell, The filling of electrons into different 
subshells, also referred to as orbitals (s, p, d, finan atom, is called 
its electronic configuration. l 
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1,5.1 ELECTRONIC CONFIGURATIONS ACROSS 
J PERIODS 


The period indicates the value of 7 for the outermost or valence 
shell. In other words, successive period in the periodic table is 
associated with the filling of the next higher principal energy 
level (2 = 1.7 = 2 ete.). We know that the number of elements in 
each period is twice the number of atomic orbitals available in 
the energy level that is being filled. 

The first period (77 = 1) starts with the filling of the lowest level 
(1 s) and therefore has two elements—hydrogen (1s!) and helium 
Us" ) when the first shell (A) is completed. 

The second period (7 = 2) starts with lithium and the third 
electron enters the 2s orbital. 

The next element, beryllium, has four electrons and has the 
electronic configuration 1s72s°. 

In the next element. boron, the 2p orbitals are filled with 
electrons when the Z shell is completed at neon (2s*p°). Thus, 
there are & elements in the second period. 


The third period (m= 3) begins at sodium, and the added electron 


enters a 3s orbital. Successive filling of 3s and 3p orbitals gives 
rise to the third period of 8 elements from sodium to argon. 


The fourth period (7 = 4) starts at potassium, and the added 
electrons fill up the 4s orbital. Now before the 4p orbital is filled, 
filling up of 3d orbitals becomes energetically favourable and 3d 
transition series of elements begins. This starts from scandium 
(Z = 21) which has the electronic configuration 3d! 4s”. The 3d 
orbitals are filled at zinc (Z = 30) with electronic configuration 
3°45”. 

The fourth period ends at krypton with the filling up of the 4p 
orbitals. Altogether there are 18 elements in this fourth period. 


The fifth period (n = 5) begins with rubidium is similar to the 
fourth period and contains the 4d transition series starting at 
yarium (Z = 39). This period ends at xenon with the filling up of 
the Sp orbitals. 

The sixth period (n = 6) contains 32 elements and successive 
electrons enter 6s, 4f, 5d and 6p orbitals, in the order of filling up 
of the 4f orbitals begins with cerium (Z = 58) and ends at lutetium 
(Z = 7\) give the 4finner transition series which is called the 
janthanoid series. 

The seventh period (n = 7) is similar to the sixth period with the 
successive filling up of the 7s, 5f, 6d and 7p orbitals and includes 
most of the man-made radioactive elements, This period will end 
at the element with atomic number 118 which would belong to 
the noble gas family. 


Filing up of the 5/ orbitals after actinium (Z = 89) gives the 5/ 


inner transition series known as the actinoid series, The 4fand 
Sfinner transition series of clements are placed separately in the 
periodic table to maintain its structure and to preserve the principle 
of classification by keeping elements with similar properties in a 
single column. 

The number of elements in a period and the type of orbitals 
being filled up is given in Table 1.7. 


Table 1.7 Number of elements in different periods | 


Period | Number | Orbitals | Number of be 
of energy | being orbitals gal 
level being | filled orl 
n= | Is one s | 2 4 or 
n=2 2s, 2p one s + three | 2+6=8 q 

| to 
p=4 
— e 
n=3 3s, 3p one s + three 2+6=8 | 
p=4 

i | EE 
n=4 4s,3d,4p | ones+fived+ |2+10+6 | 
| threep=9 | EAS 

n=5 5s, 4d, 5p | one s +fived+ |2+10+6 | 
three p=9 = 18 | 

; a ne a E 
n=6 | és, 4f,5d, | one s + sevenf 2+ 14+ 10+! 
6p + five d+ three 6=32 | 

L p=16 

ee ee F, PEE 

7s, 5f, 6d, | one s + seven f |2+14+104 

Tp | +fived+ three 6 = 32. In thig 
|p=16 period only 29 
elements are | 
| known so far. 


The first three periods (Ist, 2nd and 3rd) containing 2, 8 and 
elements, respectively, are known as short periods while the na 
three periods (4th, 5th and 6th) containing 18, 18 and 32 element 
respectively, are called long periods. 
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How would you justify the presence of 18 elements in the 54 1 
period of the periodic table? 


` ! 
[Sol ) When n = 5, / = 0, 1, 2, 3 and 4. The order in whid 
the energy of the available orbitals 4d, 5s and 5p increases] 
Ss < 4d < Sp. The total number of orbitals available is 9. Th 
maximum number of electrons that can be accommodated is I! 
and therefore 18 elements are there in the 5th perio®. | 


1.5.2 GROUPWISE ELECTRONIC CONFIGURATIONS 


Elements in the same vertical column or group have similar valend 
shell electronic configurations, the same number of electrons i 
the outer orbitals, and similar properties. For example, the Grow 
| elements (alkali metals) have ns! valence shell electroni 
configuration. | 

Thus, it can be seen that the properties of an element ba) 
periodic dependence upon its atomic number and not on relati | 
atomic mass, 


1.6 ELECTRONIC CONFIGURATIONS 
AND TYPE OF ELEMENTS: 


S-, p-, d-, and f-BLOCKS 
The Autbau (build up) principle and the electronic configurati 
ol atoms provide a theoretical foundation for the periodi 
classification, The elements in a vertical column of the period! 
lable constitute a group or family and exhibit similar chemic 


aS SS —$—$$___ 
behaviour. This similarity arises because these elements have the 
same number and same distribution of electrons in their outermost 
orbitals. The elements are classified into four blocks viz, s-block, 
p-block, d-block and f-block depending on the type of atomic 
orbitals that are being filled with electrons (Fig. 1.2), 
There are two exceptions to this categorisation. Helium belongs 
to the s-block but its positioning in the p-block along with other 
group 18 elements is justified because it has a completely filled 
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valence shell (15°) and as a result, exhibits properties characteristic 


of other noble gases. 

The other exception is hydrogen. It has a lone s-electron and 
hence can be placed in group 1 (alkali metals). It can also gain 
an electron to achieve a noble gas arrangement and hence it can 
behave similar to a group 17 (halogen family) elements. But 
Mendeleev placed it at the top of the periodic table as shown in 
Fig. 1.1 and hydrogen separately. 


Fig. 1.2 The types of elements in the periodic table based on the orbitals that are being filled. Also shown is the broad division of elements into metals 
(ICICI), non-metals (E) and metalloids (Œ). Elements in circle shown their compounds are amphoteric in nature. 


1.1 MERITS OF LONG FORM OF PERIODIC TABLE 
~ OVER MENDELEEV’s PERIODIC TABLE 
The merits of the long form of periodic table are as follows: 

1. The classification of the elements is based on more 
fundamental property i.e. atomic number. 

2. It relates the position of an element to its electronic 
configuration. 1 Thus, each group contains elements with 
similar electronic configuration and hence similar properties. 
For example, all the alkali metals have similar valence shell 
electronic configuration i.e. ns’ configuration and hence have 
similar properties. 

3. The inert gases having completely filled electron shells have 
been placed at the end of each period, which represents a 
logical completion of each period. 


4. The elements of the two subgroups have been placed 
separately and thus dissimilar elements do not fall together. 


5. It provides a clear demarcation of different types of the 
~ elements such as active metals, transition elements, non- 
metals, metalloids, inert gases, lanthanides and actinides. 

a. Active metals (groups 1 and 2) are located at the extreme 
left of the periodic table. 

b. Transition metals are placed in the middle of the table. 

c. The elements lying to the right of the dark line, shown in 
Fig 1.2. in the form of a ladder (i.e. steps) are noble gases 
and non-metals while those lying to the left of the dark 
line are metals (active metals and transition metals). 


The elements shown in the circle are metalloids and 
their oxides are amphoteric, in the decreasing order as 
shown. 
Be > B > Al > Ge > Ga > Zn > Sb > Sn > Bi > Pb 
Pb is the least amphoteric and its oxides are almost 
acidic. 

6. It is easier to remember, understand and reproduce. 


1.6.2 DEFECTS OF LONG FORM OF PERIODIC TABLE 


Although the long form of the periodic table is superior to 
Mendeleev’s periodic table in many respects, yet it has some 
defects: 
1. Like Mendeleev’s table, it fails to accommodate the 
lanthanides and actinides in the main body of the table. 
2. Position of hydrogen is not solved though it can be placed 
along with alkali metals in group 1 and halogens in group 
17, since it shows many properties similar to both alkali 
metals and halogens. 
3. The arrangement is unable to reflect the electronic 
configuration of many elements, 


1.6.3 THE s-BLOCK ELEMENTS 


The elements of group l (alkali metals) and group 2 (alkaline earth 
metals) which have ns' and ns? outermost electronic configuration 
belong to the s-block elements. They are all reactive metals with 
low ionisation enthalpies. They lose the outermost electon(s) 


‘Teadily to form +1 (in the case of alkali metals) or +2 ions (in 


etallic character and the 1.6.5 THE d-BLOCK ELEMENTS (TRANSITION 


metals). The m 
group. The compounds of 


n of those of beryllium are 


the case of alkaline earth 
reactivity increase as We 80 down the 
the s-block elements, with the exceptio 
predominantly jonic. 

Block Elements 


1.6.3.1 Characteristics of s- 
alency of +1 an 


1. They have the common group V 
group 1 and 2 respectively. 


2. They are malleable and ductile. 
. They are good conductors of heat and electricity. 


4. They are prepared by the electrolysis of their fu 


compounds. 


5. Chemically they are very T 
y 1 or 2 electrons which can be given ou 


ntial. 


d +2 for 


sed 


w 


eactive as their last shell contains 
onl t easily. 


6. They have low ionisation pote 
7. They form ionic compounds (except 


are diamagnetic and form colourless C 
ganates and dichromates. 


lithium and beryllium). 
8. They ompounds 

except chromates, perman 
9. They are good reducing agents. 


Note: The above properties are not applicable to hydrogen. 


1.6.4 THE p-BLOCK ELEMENTS 


The p-block elements comprise those belonging to groups 13 


to 18 and together with the s-block elements are called the 
elements or normal or main group elements. The 
from ns?np' to ns’np® 
ble gas with a closed 
ce shell of 


representative 
outermost electronic configuration varies 

in each period. Each period ends in a no 
shell ns*np® configuration. All the orbitals in the valen 
filled by electrons and it is very 
‘difficult to alter this stable arrangement by the addition or removal 
of electrons. The noble gases thus exhibit very low chemical 
reactivity. Preceeding the noble gas family are two chemically 
important groups of non-metals. They are the halogens (group 17) 
and the chalcogens (group 16). These two groups of elements have 
high negative electron gain enthalpies and readily add one or two 


electrons, respectively, to attain the stable noble gas configuration. 
from left to 


The non-metallic character increases aS we move 
right across a period (—>) and metallic character increases as .we 


go down the group (J). 


the noble gases are completely 


1.6.4.1 Characteristics of p-Block Elements 
1. They have variable valencies and oxidation states, e.g. +3 
and +5. 
2. Most of them are electronegative. 
. Most of them are non-metals. 
4. They are bad conductors of hea 
metals). 
5. They form both covalent and ionic bonds. 
6. The non-metallic oxides are acidic in character, ¢.8. NO,, 
P,O,, SO, etc. 
They form both coloured and colourless compounds. 
Most of the non-metals have polyatomic molecules. | 


Wd 


t and electricity (except 


en 


ELEMENTS) 


These are the elements of 
table. These elements are c 


group 3 to 12 in the centre of the periodic 
haracterised by the filling of the inner 


d orbitals by electrons and are therefore referred to as d-block| 
elements. These elements have the outer electronic configuration; 
(n-!1) d!-!° ns'*. They are all metals and mostly form coloured 
ions. But Hg which has the (n — 1d" ns’ electronic configuration 
does not show most of the properties of transition elements. Ina 
way, transition metals form a bridge between the chemically active 
metals of s-block ‘elements and the less active metals of groups 
T3 and 14 and thus take their familiar name ‘transition elements’, 
1.6.5.1 Characteristics of d-Block Elements 

1. They have variable valencies and oxidation states, ©.8. 
Fe(II), Fe(III), Cu), Cu(II), Mn(I), Mn(IV), Mn(VI) and 
Mn(VI). 
They are malleable and ductile. 
. They are hard and have high density and melting point. 
They are good conductors of heat and electricity. 
. They form ionic compounds as well as giant molecules and 


xes in which they are covalent. 
contain unpaired electrons 


comple 
6. They are paramagnetic since they 
(each electron acts as a small magnet). 
7. They form coloured compounds and coloured complexes. 
They have vacant orbitals. Electrons take up energy and 
move to higher energy levels and thus appear coloured. 


8. They have higher ionisation potential than s-block elements. 


Note: Those d-block elements which have partially filled 

d-orbitals or form ions in which the d-orbitals are only 

partially filled, have some special characteristics and are 
defined as transition elements or metals. Exceptions are 

Zn, Cd and Hg. Zn has all the d-orbitals completed both 
in the metal atoms and in Zn” ions. 


ace 1s? 2s* 2p® 3s* 3p° 3d"° 45° 

Cd = 1s? 2s? 2p° 3s? 3p% 3a"? 45” 4p® 4d"? 55° 

Hg = 1s” 2s? 2p® 35° 3p° 3d!? 45? 4p® 4d"? af’ 55? 5p 

5d? 6s 

IIB group metals cannot be included in transition metals. Other 

exceptions are Sc and Cu, where Cu shows intermediate behaviou! 

since it forms compounds in two oxidation states Cu? and Cu 

The latter ion is transition metal ion. 


1.6.6 THE f-BLOCK E 
LEMENTS (INNER-TRAN N 
ELEMENTS) | “ey: 
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ea are Wae by the outer electronic configuratio’ 
n Th The last electron added to each elemen“, 1 
inner Gavsition ele o series of elements are hence called th 
Within each series i Weer elements). They are all metals: 
The chemistry of » the pr operties of the elements are quite simil 

ry of the early actinoids is more complicated than the! 


j 


corresponding lanthanoids, due to the large number of oxidation 


states possible for these actinoid elements. 


1.6.6.1 Characteristics of f-Block Elements 

1. All are metals. 

2. They show variable valency. The +3 is the most important 
oxidation state. Few elements show +2 and +4 oxidation 
states. 

3. They are paramagnetic in nature. 

ae ees ae 
4. They form coloured compounds. 
5. They have tendency to form complexes. 


LEER LENO 

6. Chemically, lanthanides are very similar. It is difficult to 
separate them from a mixture by application of a chemical 
property. Similary. actinides have similar chemical 
properties. The members of actinides show the phenomenon 
of radioactivity. Elements above atomic number 92 are 
called transuranium elements (Z = 94 to 102) and are not 
found in nature. These are man-made. 
They are obtained in nanogram or even less by nuclear 
reactions. 


For names and shapes of /-orbitals, refer to the table 
and figure given in Example 1.35. 


1.6.7 INERT GASES 


The elements which belong to the 0 (zero) group of the periodic 
table are known as inert gases. They have 8 electrons (except 
helium) in their outermost shell. Therefore, their combining 
capacity (valency) is zero. Hence, they are inert in nature. However, 
it was discovered recently that they form a number of compounds 
with the most electronegative element, fluorine. In inert gases, 
atomic radii are very large. Interatomic forces are weak since 
electrons are paired. They exist in monoatomic state. 

Elements in the long form of the periodic table have been divided 
into four blocks i.e. s, p, d and f, based upon the name of orbitals 
in which the last electron enters. These are shown in Table 1.8. 


Table 1.2 Division of periodic table into s, p, d and f-blocks 


p-Block elements 


2 16 
ns’ np 
(six groups) 


Transition 
elements (d-Block elements) 


Transition and inner transition elements: lanthanides and actinides. 


Block elements: (n — 2°  (n-\jd? ' n°. 


1.7 METALS, NON-METALS AND 
METALLOIDS 


The elements can be further divided into metals, non-metals and 
metalloids (see Fig. 1.2). 


~~ 


2. They comprise more than 78% of all known elements. 
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. They appear on the left side of the periodic table. 

. They usually have high melting and boiling points. 

. They as usually solids at room temperature (except mercury 
(Hg)). Gallium (Ga) and cesium (Cs) have low melting points 
(303 K and 302 K). 


Note: Due to low melting point and high boiling point of 
Ga, it is used in making high temperature thermometer. 
6. They are good conductors of heat and electricity. 


7. They are malleable (can be flattened into thin sheet by 
hammering) and ductile (can be drawn into wires). 


n> 


17:2 NON-METALS 


1. They are located at the right side of the periodic table. 


2. Ina horizontal row, the property of elements changes from 
metallic on the left to non-metallic on the right. 


3. They are poor conductors of heat and electricity. 
4. Mostly they are brittle and are neither malleable nor ductile. 


5. Down the group, the metallic character increases and non- 
metallic character increases along the period (i.e., as one 
goes from the left to the right). 


6. They are usually solids or gases at room temperature with 
low melting and boiling points [except boron (B) and carbon 


(C)]. 


Note: Boron has the highest melting point in its group because 
boron exist as B,, (icosahedron structure). 


i 4.7.3 METALLOIDS OR SEMI-METALS 


They show properties that are characteristics of both metals and 
non-metals. The change from metallic to non-metallic character 
is not abrupt as shown by the thick zig-zag line in Fig. }.2. 

For example, the elements, i.e. silicon (Si), germanium (Ge), 
arsenic (As), antimony (Sb) and tellurium (Te) bordering this line 
and running diagonally across the periodic table are metalloids. 

Note: Ge is transparent in the infrared region and therefore 
is used in the making of infrared windows, prisms and 
lenses. Si is a very important component of ceramics, glass and 
cement. Si and Ge (though to lesser extent) are used in the 
production of semiconductors and integrated cireutt, 


1.7.4 NATURE OF BONDING IN METALS 
The bonding among metal atoms cannot be tonic, cor alent or van 
der Waals types as explained below: 

1. Taking the example of lithium, itis Known that each lithium 
atom has eight nearest neighbours. Electronte configuration 
of Li is Ly?2s' ie. it has only one valence electron. Hence, 
the possibility of its forming electron pair covalent bonds 
with eight other atoms is ruled out 

2. Presence of only one kind of atoms in a metal without any 
clectronegativity difference rules out the possibility of tonic 
bonding. 

3. The fact that the metals are quite strong rules out the 
possibility of their being held together by the weak van der 
Waals forces. 
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1.7.5 ELECTRON SEA MODEL OR ELECTRON 

GAS MODEL 
To explain the various characteristics of metals such as 
conductivity, lustre, melleability, ductility etc., a model called 
electron sea model or electron gas model has been put forward. 
According to this model, as metals have low ionisation energy, 


their valence electrons are held very loosely, i.e. they are almost 


like free electrons (Fig. 1.3). 


Fig. 1.3 Structure of metals (electron sea model) 

All atoms contribute to form a pool of electrons which is 
mobile. Leaving the valence electrons, the remainder portion of 
the metal atom is a positive ion called ‘kernel’. For example, in 
lithium. each atom contributes one valence electron to the pool 
leaving behind Li® ions; in case of Mg, each atom contributes 

two valence electrons to the pool leaving behind Mg” ion. These 
positive ions or kernels are held in the three-dimensional space 
in a definite pattern in the sea of mobile electrons. This model is 
called electron gas model because the electrons are free to move 
in all directions like the molecules of a gas. 
The simultaneous attraction between the kernels and the mobile 
electrons which holds the kernels together is called the metallic 
bond. 


1.7.6 COMPARISON OF COVALENT BOND AND 
METALLIC BOND 

A few important points of differences are as follows. 

Covalent bond: 

1. In a covalent bond, the valence electrons are localised 
between the atoms and hence it has a directional character. 

2. Covalent bonds are quite stronger as the valence electrons 
in them are strongly attracted by the nuclei of the atoms. 

Metallic bond: 

1. In the metallic bond, the valence electrons are spread all 
over the crystal more or less uniformly. Hence, it is non- 
directional in character. 

2. In this case, the valence electrons are mobile and are weakly 
attracted by the nuclei (kernels) and hence it is weaker. 


1.7.7 CHARACTERISTICS OF METALS AND THEIR 
‘ EXPLANATION BY ELECTRON SEA MODEL 


The characteristic properties of metals and their explanation on the 
basis of electron gas model of the metallic bond are given below: 
1. Electrical conductivity: Electrical conductivity of the 
metals is due to mobile electrons. In a metal crystal, the 
electrons are flowing equally in all directions. But when a 
potential difference is applied across a metal, there will be 

) a directed flow of electrons towards the positive electrode. 


Af | 


The directed flow of electrons carries the electric curre 
from one point to another and, therefore, the metals a, 
known to be good conductors. 

2. Effect of temperature on conductivity: The conductiyj 
of the metal decreases with the rise in temperature. Thi 
is because with the rise in temperature the positive] 
charged kernels also start vibrating which interfere with t 
movement of electrons. As a result conductivity decreas 
In metals, the electrons are the charge carriers while į 
ionic liquids the charge is carried by the ions. Further, t 
electrons are lighter than ions and hence are more mobil 
It is because of this reason that the electrical conductivi 
of metals is much higher than the electrical conductivity 
ions in liquids. 

3. Thermal conductivity: Thermal conductivity of the meta 
is also due to mobile electrons. On heating a part of t 
metal, the kinetic energy of the electrons in that regi 
increases. The energised electrons move rapidly to the cool 


in the cooler part of the metal. Thus, the heat is condu 

throughout the metal. 
4. Metallic lustre: The bright metallic lustre is due to t 
delocalised mobile electrons. When light falls on the surfac 
of a metal, the most loosely bound electrons absorb pho 
of a radiant energy of visible light. Consequently, 
electrons start vibrating at a frequency equal to that of 
incident light. The vibrating electrons emit electromagn 
radiations in the form of light. As such it appears as if li 
is being reflected from metal surface and the surface gai 
a shining appearance which is known as metallic lustre. 
Malleability and ductility: Since the metallic bond 
non-directional; metals can be twisted, drawn into wires 
beaten into sheets. This is because the kernels can slip o 
each other when a deforming force is applied. | 


wn 


1.7.8 ELECTROPOSITIVE OR METALLIC CHARACTER 


The alkaline earth metals are highly electropositive and hen 
metallic and their electropositive or metallic character increas 
down the group. However, they are less electropositive or metalli 
than the alkali metals. 
Explanation: On account of their relatively low ionisatid 
energies, the alkaline earth metals have a strong tendency to l 
both the valency electrons to form dipositive cations. Thus, th 
elements show strong electropositive or metallic character. 
Down the group (4), the atomic radii increase and ionisati 
energies decrease, Consequently, the electropositive or metal 
character increases, | 
Further, since the atoms of the alkaline earth metals hav 
smaller size and higher ionisation energies as compared og 
corresponding alkali metals, their tendency to lose valen 
electrons is lesser than those of alkali metals. Consequent!) 
alkaline earth metals have less electropositive or metallic charac? 
as compared to alkali metals. 


te 


] 
I 
I 
a 


B 


Xe 


Periodic Classification of Elements and General Inorganic Chemistry 1.19 
TI enoe Classincation of tlements and General Inorganic LNeMIstly Oe TA 


Due to the smaller size of the kernel and greater number of 
valence electrons, the metallic bonding in alkaline earth metals 
is stronger as compared to alkali metals. Because of this reason, 
these metals are less soft (harder) than alkali metals. | 


1.7.9 METALLIC CHARACTER OF TRANSITION 
ELEMENTS 


All the transition elements are metals having hep, ccp or bec 
lattices. They exhibit all the characteristic of metals, e.g. they 
are hard, lustrous, malleable and ductile, have high melting and 
boiling points, high thermal and electrical conductivity and high 
tensile strength. 

Explanation: Transition elements have relatively low ionisation 
energies and have one or two electrons in their outermost energy 
level (ns! or ns’). As a result, metallic bonds are formed. Hence 
they behave as metals. The unpaired d-electrons also result in 
the formation of metallic bonds. Greater the number of unpaired 
d-electrons, stronger is the bonding due to the Overlapping of 
unpaired electrons between different metal atoms. Cr, Mo and W 
have maximum number of unpaired d-electrons and are therefore 
hard metals whereas Zn, Cd and Hg are not very hard metals due 
to the absence of unpaired electrons. 


1.7.10 MELTING AND BOILING POINTS 


Transition metals have very high melting and boiling points. 
The melting points of the transition elements rise to a maximum 
and then fall as the atomic number increases. Manganese and 
technetium have abnormally low melting points. 


Explanation: Strong metallic bonds between the atoms of these 
elements are responsible for the high melting and boiling points. 
This is clear from their high enthalpies of atomisation (i.e. heat 
required to break the metal lattice to get free atoms). 


The strength of the metallic bond depends upon the number of 
unpaired d-electrons (half-filled d-orbitals). Greater is the number 
of unpaired electrons (half-filled orbitals) stronger is the metallic 
bonding. Because of the stronger metallic bonding, these elements 
have high melting and boiling points. 


In a particular series, thè metallic strength increases up to the 
middle with the increasing number of unpaired electrons, i.e. up 
to d° configuration (e.g. Sc has 1, Ti has 2, V has 3 and Cr has 
5 unpaired electrons). After Cr the number of unpaired electrons 
goes on decreasing (e.g. Fe has 4, Co has 3 unpaired electrons and 
so on). Accordingly the melting points decrease after the middle 
of the increasing pairing of electrons. 


As there are no unpaired electrons in Zn, Cd and Hg, they are soft 
and have low melting points. Hg is liquid at ordinary temperature 
With melting point of 234 K. 


Decreasing order of metallic character is given below: 


K > Na > Ba > Ca > Mg > Al > Zn > Fe > Ni > Sn > Pb 
H> Cu>Hg>Ag>Au> Pt 


The useful mnemonic to remember the metallic series is: 


P = Potassium (K) | | M = Magnesium (Mg)| | | C = Copper (Cu) 
S = Sodium (Na) | | A = Aluminium (Al) H = Mercury (Hg) 


B = Barium (Ba) Z = Zinc (Zn) A = Silver (Ag) 
C = Calcium (Ca) | | I = Iron (Fe) A = Gold (Au) 
N = Nickel (Ni) P = Platinum (Pt) 
T = Tin (Sn) 
L= Lead (Pb) 


Note: That hydrogen is not a metal and comes between 
MAZINTL and CHAAP 


Considering the atomic number position in the periodic table, 
arrange the following elements in the increasing order of metallic 
character: Si, Be, Mg, Na, P. 


Sol. Metallic character increases down a group and decreases 
along a period as we move form the left to the right. Hence, the 
order of increasing metallic character is P < Si < Be < Mg <Na. 
i a 


1.8 PREDICTION OF GROUP, PERIOD 
AND BLOCK OF A GIVEN ELEMENT 


The group, period and block of any element can be predicted from 
its electronic configuration by the following ways: 
1. Principal quantum number of the valence shell corresponds 
to the period of an element. 


2. The orbital containing the last electron indicates the block 
of an element. l 
3. The group of an element is predicted from the number of 


electrons in the valence shell or a penultimate shell (n-1) 
as follows. 


a. For s-block elements, the group number is equal to the 
number of valence electrons. 


b. For p-block elements, the group number is equal to 10 + 
number of electrons in the valence shell. 


- For d-block elements, the group number is equal to the 
number of electrons in (n — 1) d-subshell + number of 
electrons in valence shell (nth Shell) Alternately one 
can calculate group number = number of electrons in 
(penultimate shell + valence shell) — 8. 
d. For f-block elements, the group number is always 

3 or IIB. Sel | 
Note: The element with atomic number 103 is present in the - 
3rd group (or III B) and 7th period. Similarly, the element with 
atomic number 104 is present in the 4th group (or IV B) and 

_ 7th period. Likewise elements with atomic numbers from 105 

_ to 118 are present in the Sth, 6th, 7th, 8th, 9th, 10th, 11th, 12th, 

_and so on up to 18th group and all of them are present in the 7th 
period. Element with atomic number 119 again is present in the 
Ist or IA group and in 8th period and so on. 


ie) 
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Predict the period, group number and block 
elements. A (at. no. = 8), B (at. no. = 11), C (at. no. = 
D (at. no, = 54). 
(Sol. Electronic configurations of different elements are 
A-> 1s? 2s? 2p" 
B > Is? 2s” 2p° 35! 


Cais ky 39° 3p° 3d 48° 
06 35° 3p" 3d" 45° 4p” 4d"? 5s? 5p° 


of the following 
28) and 


D> Is? 2s* 2y 
Element A: p-block element 


Group number = 10 + number of electron in the valence shell 


=10+6=16 

Period of the element = Principal 
shell = 2nd. 

Elements B: s-block element 
Group number = Number of electrons in valence shell = 1 


quantum number of the valence 


Period number = 3rd 
Element C: d-block element 
Group number = Number of electrons in penultimate shell and 


valence shell = 8 + 2 = 10 

Period of the = Principal quantum number of the valence shell 
= 4th 

Element D: p-block element 

Group number = 10 + number of electron in the valence shell 
=10+8=18 

Period number = 5 


What is the atomic number of the element having maximum 
number of unpaired 2p electrons? To which group it belongs 2. z 


D -it belongs to 15 (or VA gp) group 


_— = i pas = ae 
eet - PEG, ee 
K Å NE ER 
A ae a 1 
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The elements Z = 117 and 120 have not yet been discovered. In 
which family/group would you place these elements and also’ 
give the electronic configuration in each case. Re 


Sok The elements with Z = 117 belong to the halogen family 
(group 17) and the electronic configuration is [Rn]5/'46d'°7p° 
The elements with Z = 120 will be placed in group 2 (alkaline 
earth metals) and will have the electronic configuration [Uuo]8s”. 


r 
Piit 
ied 


Write the electronic configuration of the elements given below 
and also predict the block, group number and period to which 


they belong, (Z = Atomic number) 
I. A (Z=5), B (Z= 11), C (Z=28), 
D (Z= 54), E (Z= 59), F (Z = 90), 


i. Classify them as representative elements, transition, inner 
transition elements and noble gases. 


| Element A (Z= 5): 


~ Group number = N 


~ 


Name of element = Boron, (B) Electron; i 


24>! 
conjuration of A= Is? 25° 2p 


The last electron enters in 2p or 
p-block elements 
Group number = 
shell 


bital, therefore it belongs, 


10 + Number of electrons in the valeng 


=10+3=13 


Period of the element = Number of the principal quantu 


number of the valence shell = 2nd. 
Element B (Z = 11): Name of element = sodium (Na) 


Electronic configuration of B = 1s? 2s°2p" 35° 


The last electron is present in 3 s-orbital, therefore it belong 


to s-block elements. 
umber of electrons in the valence she| 


=] 

Period of the element = Number of the principal quantun i 
number of shell = 3rd 

Element C (Z = 28): (Name of element = Nickel) (Ni) 
Electronic configuration of C: 1 2s72p° 3573p" ZÉ 45° 
The last electron enters into 3d-orbital, therefore it belong 


to d-block elements. 

Group Number = Number of electrons in the penultimar 
shell + number of electrons in the valence shell = 8 + 2: 
10. 

Period of the element: Number of principal quantum numbe 
of the valence shell = 4th. 

Element D (Z = 54): Name of element = Xenon (Xe) 
Electronic configuration: 1s? 2s*2p° 3573p 3d!° 45° 4p° 4d 


5s? 5p* i 
I 
Z 


The last electron is present is 5p-orbital, therefore it belong 
to the p-block elements. 
Group number = 10 + Number of electrons in the valenc 
shell = 10+ 8 = 18. S 
Period of the element = Number of principal quantum 
number of the valence shell = Sth. 
Element E (Z = 59): Name of element 
= Praseodymium) (Pr 7 - 

Electronic configuration of E: 1s? 2572p8 3573p° 3a"? 457 4 

2p 353p 3d 4s" +: 
4d"! 55°5p 6s Sa! 4f. ih 
But its actual electronic configuration is 6s, 4%. p 
The last electron enters into the 4/orbìtal, therefore ! ü 
belongs to f-block elements. - 
Group Number: Since it belongs to the lanthanide series is 
therefore as such it does not have any group number of i" Ss 
own but it is considered to lie in group 3. pal 
Period of elements; Number of principal quantum numb’ 
of the valence shell = 6th. 
Element F (Z = 90): Name of the element = Thorium (T! 
Electronic configuration of F: [Rn] 6d'75°5f4 F 
But its actual electronic configuration is [Rn] 60°75". ot 
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The last electron enters into the Sf-orbital, therefore it 
belongs to block elements. 

Group number: Since it belongs to actinide series, therefore 
as such it does not have any group number of its own but it 
is considered to lie in group 3. 

Period of the elements = Number of principal quantum 
number of the valence shell = 7th. 

Elements A and B are representative elements since their 
last electron enters in s- and p-orbitals respectively. 
Element C is a transition element since its last electron 
enters in the d-orbital. 

Element D is a p-block element with completely filled 
s- and p-orbitals of the valence shell and is called a noble gas. 


— 


Il. 


Elements E and F are an inner transition elements since 
their last electron enters in the forbital. 


Write the names and the atomic numbers (Z) of the following 
elements: 

a. The fourth alkaline earth metal 

b. The fifth alkali metal 

c. The sixth element of the first transition series 

d. The second inner transition elements and 

e. The third noble gas 


a. Sr (Z= 38) b. Cs (Z= 55) 
c. Fe (Z=26) d. Pr(Z=59) 
e. Ar (Z= 18) 


How do the electronic configuration of the elements with 
Z = 106-108 differ from one another? 


IBD Electronic configuration of Z = 106 = 6d" 7s” 
Z =107 = 60°78" 
Z = 108 = 6a° 7° 
Elements with Z = 106, has four, Z = 107, has five, while 
Z= 108 has six 6d-electrons. 


Predict the name and position of the clement in the periodic 
table with the electronic configuration (n — l) ns’ for n= 5. 


Sol For n = 5, the electronic configuration = (5 — |] Jd 
5° = 453? The element corresponding to this configuration is 
palladium (Pd) (Z = 46), which is a d-block element. 
Group number = Number of electrons in (n — |) subshell + 
number of electrons in nth shell 
=8+2=10 
Period of the elements: Number of principal quantum number 
of the valence shell = Sth. 


Elements A to FE have the following electronic configuration: 
; 2, 3 
A: [He]2s?2p’, B: [Ne]3s73p", C: [Ne]3s°3p", 


D: [Ne]3973p", E: [Ar]4s”. 
Which of the above will belong to the same group in the periodic 
table? 


(SGP Elements having similar valence electronic confi guration 
belong to the same group of the periodic table. 

Therefore, elements A and B having four electrons in the valence 
shell, i.e. 2s”, 2p” and 35° 3p respectively belong to the same 
group, i.e. group 14 of the periodic table. 


1.9 GENERAL INORGANIC 
CHEMISTRY OR PERIODIC 
TRENDS IN PROPERTIES OF 
ELEMENTS 


The periodic law states that properties of the elements vary 
periodically with their atomic numbers. The basis of this periodicity 
lies in the periodic repetition of the electronic configuration of the 
elements as the atomic number increases. Regular variations in 
physical and chemical properties are observed down the group 
(4) or along the period (—) in the periodic table. This regular 
gradation in properties is called periodicity. — 

For example, along the period (>), chemical reactivity tends to 
be high in group 1 metals, lower in elements towards the middle of 
the table, and increases to a maximum in the group 17 non-metals. 

Similarly, down the group (¥) of representative metals (alkali 
and alkaline early metals) reactivity increases whereas down the 
group (}) of non-metals (e.g. halogens) reactivity decreases. 


1.9.1 EXPLANATION OF PERIODICITY 


1. Ina period from the left to the right there is a regular change 
in electronic configuration of elements. 

2. In a group from the top to the bottom the outermost shell 
electronic configuration is similar. 

3. The chemical properties of the element depend upon their 
electronic configuration. So, there is a regular change in 
chemical properties in a period and in a group, elements 
have similar chemical properties. 


1.9.2 TRENDS IN PHYSICAL PROPERTIES 

There are various physical properties of elements which show 
periodic variation such as 

» Atomic and ionic radii 


— 


. Screening or shielding effect 
. Penetration effect 
. lonisation energy (IE or AH’) 


. Electron gain enthalpy (A,,H°) and electron affinity (EA) 
. Electronegativity (EN) and its scales 


A U A WY N 
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7. Metallic and non-metallic properties 


8. Polarity of covalent bond and percentage of ionic character 
9. Bond strength 
10. Acidic, basic and amphoteric character 
11. Bond length 
12. Bond angles 
13. Periodicity of valence or oxidation stales 
14. Typical elements 
15. Bridge elements 
16. Periodic trends and chemical reactivity 
17. Magnetic properties 
18. Fajans` rule (or change of ionic character to covalent 
character) or polarisability or polarisation 
19. Inert pair effect 
20. Factors which determine the formation (or stability) of the 
compounds 
21. Lattice enthalpy (AHP) 
22. Hydration enthalpy (Ay aH’) 
23. Flame colouration 
24. Colour of substance in visible light 
25. px—px multiple bond 
26. px—dz muluple bond 
27. Hydrogen bonding 
28. Geometry, shape and hybridisation of compounds and ions 
29. Lanthanide and actinide contraction 
30. Dipole moment 


1.10 ATOMIC RADIUS 


Determination of the size of an atom is very complicated and 
cannot be precise due to: 
1. The size of an atom (~1.2 A or 1.2 x 10°'°m in radius) is 


very small. 
2. The electron cloud surrounding the atom does not have a 
sharp boundary. 
There is no practical way by which the size of an individual atom 
can be measured. However, atomic size can be made by knowing 
the distance between the atoms in the combined state. 


The distance from the centre of the nucleus to the outermost 
shell containing the electrons is called atomic radius. It is a 
very important property of an atom since different physical and 
chemical properties of atoms are related to it, It refers to both the 
covalent or metallic radii depending on whether the clement isa 


non-metal or a metal. 


140 


© 
S 


= 


Atomic radius/pm 


co 
© 


ey 
© 


2 4 6 8 10 
Atomic number (Z) 


Fig. 1.4 (a) Variation of atomic radius with atomic 
number across the second period 
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Fig. 1.4 (b) Variation of atomic radius with atomic number 
for alkali metals and halogens 


Exceptions: Elements of 2nd and 3rd transition series (i.e. 4d 


Sd series) belonging to the same vertical columns are similar 
size and properties because of the intervention of lanthanides 


shown in Fig. 1.4(c). 
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Fig. 1.4 (c) Trends in atomic radii of transition elements 
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1.10.1 TYPES OF ATOMIC RADII él-molsedis One CI atom Another CI atom 
2 
These are of four types: 7 
1. Covalent radius: It is one-half of the distance between P 
the nuclei (internuclear distance) of two covalently bonded T ; 
like atoms in a homo-diatomic molecule which is called the I ee as i 
covalent radius y that atom. i | > 
Fcovalent orr = 2 [bond length] ' Io ! vdwi 
. ; Covalent van der ' 
For example, bond distance in Cl, molecule =198 pm. bond Waals 
rç (covalent) = 198/2 = 99 pm. distance distance 
(a) (b) 


99 pm 


l¢—198 pm» 


Fig. 1.5 Overlapping of atomic orbitals to form a covalent bond 


The covalent radius is measured approximately as the radius 
of an atom’s core which is in contact with the core of an 
adjacent atom in a bonded situation. 


. Metallic radius: Metal atoms are assumed to be closely 
packed spheres, which are considered to touch one another 
in metallic crystal. 


Metallic radius is half the internuclear distance separating 
the metal cores in the metallic crystal. For example, the 
distance between the two adjacent copper atoms in solid 
copper is 256 pm; hence, the metallic radius of copper is 
256/2 = 128pm. 


‘Thus, metallic radius > covalent radius. 


VIE 


. van der Waals radius: It represents the overall size of 
the atom which includes its valence shell in a non-bonded 
situation. It is half of the distance between two similar atoms 
in separate molecules in a solid. 


Covalent radius of two C] atoms in Cl, molecule [Fig. 1.7 
(a)], van der Waals radius of Cl atoms in two non-bonded 
isolated Cl atoms [Fig. 1.7 (b)] and covalent and van der 
Waals radii in two Cl, molecules [Fig. 1.8] are shown below. 


Fig. 1.7 


In Fig. 1.7 (a), electron clouds of two Cl atoms merge with each 
other and r, = PQ/2, while in Fig. 1.7 (b), two Cl atoms are just 
in contact with each other (no bond formation). Therefore r,,. = 
PO/2, 


When two Cl, molecules formed by overlapping of electron 
clouds of two Cl atoms that are brought in close contact with 
each other (no bond formation) (Fig. 1.8). Then 7 4w of two Cl, 
molecules = PS/2 = 180 pm; and r, of two Cl, molecules = RS/2 
= 99 pm. 


It may be noted that r, ,, of two atoms or of two Cl, molecules 
is greater than r, of two atoms or molecules. This is because in the 
formation of covalent bond, atoms have to overlap each other while 
in the formation of bonds, atoms/molecules simply come closer 
to each other and do not enter overlapping (no bond formation). 


Fig. 1.8 Covalent and van der Waals radii in a chlorine molecule. 
The inner circles correspond to the size of the chlorine atom 
(rdw and r, are van der Waals and covalent radii respectively). 


4. Ionic radii; A neutral atom changes to a cation by the loss of 
one or more electrons and to an anion by the gain of one or 
more electrons, The number of charge on cation and anion is 
equal to the number of electrons lost or gained respectively. 
The ionic radii of the ions present in an ionic crystal may be 
calculated from the internuclear distance between the two 
ions, 


FS 
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e Number of electrons is same. | 
Numbcr of protons is increasing. | 


Feation Fanion 


i | 
e—a ° _ | 
- e So, the effective nuclear charge is Increasing i 
t; i atomic size is decreasing. In an isoelectronic Serie 
t t atomic size decreases with the increase of cha, 
\ | \ . , , 
\ K Some of the examples of isoelectronic series ay 
\ \ L n ay 
Galon | \ Anion as under. eee 
UO ` i S*, C19, K®, Ca*", Sc 
e—a 
” ` O 2- 
Internuclear SO,,NO, ‚CO, 
distance O 
(ionic radii) N,, CO, CN 


eee l eee NH,, H,0® 
The ionic radius is the distance between the nucleus of an ion 3 


and the point where the nucleus exerts its influence on the electron 1.10.2 PERIODICITY IN ATOMIC RADIUS AND | 


| 


cloud. IONIC RADIUS | 
The characteristics of ionic radii are as follows: 1. For normal elements: | 
a. The ionic radius ofa particular ion is of constant magnitude. a. In a period from the left to the right the effective nucle, 2 
b. lonic radii have an additive character, i.e. the inter nuclear charge (Zg) increases because the next electron fills in ty 
distance between two ions is equal to the sum of the radii same shell. So, the atomic size decr eases. For example t 
of the ions of which the ionic crystal is composed. Thus, ine avalent radit ot he second Peres elements A 
. as follows: 
"cation anion ionic radii Li Be B C N O F 
Forexample, Ru =95 pm and the internuclear distance between 1.23 0.89 0.80 0.77 0.74 0.74 0.72 | 
the ion pairs in NaCl ionic crystal is 276 pm. b. In a group moving from the top to the bottom the 
oe =e. em number of shells increases. So, the atomic size increases 
op Bey. ey Although the effective nuclear charge increases its effec 
a a Na is negligible in comparison to the effect of increasing 
' = 276 — 95 = 181 pm number of shells. For example, the covalent radii of IA 
i. Radius of cation: Radius ofa cation is invariably smaller group elements in A are as follows: 
than that of the corresponding neutral atom o Li Na K Rb Cs 
Na Na 1.23 ° 1.57 2.03 2.16 2.35 
dnei of electrons = 11 10 2. The atomic radius of the inert gas (zero group) is show 
Number of protons (p’s)= 11 11 the largest in a period because of its van der Waals radiu 
1s, 2s*2p°, 3s!  1s?, 2522 pê which is generally larger than the covalent radius. The van 


der Waals radius of inert gases also increases in moving 


ii Radius of an anion: Radius of an anion is invariably from the top to the bottom i 
in a group. 


bigger than that of corresponding atom 


Number of e” = 17 18 i 


Number of p = 17 17 Which of the following species will have the largest and 


a , , l , smallest size Mg, Mg”, Al, AP*? 
iii Isoelectronic species: A series of atom, ions and Bs 


molecules in which each species contains same number SGM Atomic radii decrease along the period. Cations are smalle 
of electrons but different nuclear charge is called than their parent atoms. Among isoelectronic species the one wit) 
isoelectronic species. the larger positive nuclear charge will have a smaller radius. 


: The largest species i :t is A+ 
N?- O?- F° Ne Na® Mg” AI” g pooh i5 Me; he smallest one is AI. 
Mg > Al > Mg“ > Al 
Number of electrons| 10 10 10 10 10 10 10 


Number of protons |7 8 9 J0 Il 12 13 LLUSTRATION 1.16) s 


at A 3 
Ratio | j 0.7 08 0.9 1.0 11 1.2 1.3 a. Compare the size of Cl, CIP and Fe?" ion. 


ionic radius) 17] 140 136112 95 65 50 b. The radii of Ar is greater than the radii of chlorine, Explain. 


- | Bol.) 


Note: Smaller the value of (2) > larger the size of that species. 


Z ee 17 
a. — ratio for Cl= — = 1.00 
e 17 


17 
yO = — = 0.944 
CiP m =. 
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a. In the sixth period, after filling of 6p orbitals, the next 


26 
2+ _ 26 iog 
Fe” = T 1.08 


Cle > Cl > Fe? 


b. Explanation: In chlorine, the radii mean the atomic or 
covalent radii which is actually half the intermolecular 
distance between two atoms, whereas in argon the 
radii mean the van der Waals radii as argon is not a 


diatomic molecule. van der Waals radii is actually half 


the distance between adjacent molecule. So, van der 
Waals radii being larger than the atomic radii. Hence, 
argon has a larger radii than chlorine. 


a. Give and explain the decreasing order of atomic radius of 


fluorine (F). nitrogen (N) and oxygen (0). 


b. Give the decreasing order of van der Waals radii: N, O, H, 


Cl. Br. 


a. Decreasing order of atomic radius is O > F > N. 
Explanation: The atomic size generally decreases across a 
period as shown Fig. 1.4 (a) for the elements of the second 
period. Because within period the outer electrons are in the 
same valence shell and the effective nuclear charge (Z g) 
increases as the atomic number increases resulting in the 
increased attraction of electrons to the nucleus. 

So, the decreasing order of atomic radius should be 
N>O>F. 

But it is not observed, since from N to O, Zg increases, so 
the size should decrease from N to O. But in oxygen pairing 
of electrons takes place, so due to the repulsion between 
paired electrons, size of O > N. [N = 2s” 2p’, O = 2s° 2p*] 
Similarly, due to the repulsion between two lone pairs of 
electrons in F (2s* 2p”), the size should increase from O to 
F. But high nuclear charge of F than that of O, compensates 
the repulsion between two pairs of electrons. Hence, size of 
O>F a 

Thus decreasing order of atomic radius is O > F > N. 


» F d £ Numbers of energy shells and 
J 
Naw 7 
Nuclear charge 


i. H has only one energy shell (n = 1), Cl has three 
(n = 3) and Br has four (n = 4). Therefore, 


ae of Br > Fdw of Cl > ray, of H 


ii. Both N and O have two energy shells (n = 2), but Z on 
oxygen (+ 8) is greater than on N (+ 7). Therefore, 


Pla of N >F dw ofO 


Hence, the decreasing order of r gw 15 
Br>Cl>N>O>H 


v. Al’ 
Arrange them in decreasing order of their size. - 


electron (i.e. 57th) enters the Sd-orbital against aufbau 
principal and there after the filling of seven 4f-orbitals starts 
with cerium (Z = 58) and ends up with lutetium (Z = 71). 
Explain this anomalous behaviour. 


. In the seventh period, after the filling of 75-orbital, the 


next two electrons (i.e. 89th and 90th) enter the 6d-orbital 
against Aufbau principle and there after the filling of seven 
5f-orbitals begins with proactinium (Pr, Z = 91) and ends 
up with lawrencium (Lr, Z = 103). Explain this anomalous 
behaviour. 


a. This can be explained on the basis of greater stability 


of the xenon (inert gas) core. After barium (Ba, 
Z = 56), the addition of the next electron (i.e. 57th), should 
occur in 4forbitals in accordance with aufbau principle. 
Since the 4forbitals lie inside the core, and will tend to 
destatabilise the xenon core. 

Z = 54, => [Kr]4d'°4f° 5s°5p°Sa? 

Therefore, the 57th electron prefers to enter 5d-orbitals 
which lies outside the xenon core and whose energy is only 
slightly greater than that of 4forbitals. 

Thus, stability of the atom due to xenon core compensates 
more than the slight instability caused by the addition of 
one electron to the higher energy 5d-orbital instead of the 
lower energy 4/-orbital. 

Thus, the outer electronic configuration of La (Z = 57) is 
5d'6s” rather than the expected 4f 16s". Once 5a-orbital has 
one electron, the next electron (i.e. 58th) instead of entering 
the outer Sd-orbital, enters the inner 4f orbital. This is due to 
greater nuclear charge and thereafter the continuous filling 
of the 4/-sub shell occurs till it is complete at lutetium (Lu, 
Z=71, 4f'*5a'6s’) 


. The anomalous behaviour is due to: 


i. The smaller energy difference between 5f- and 
6d-orbitals than between 4f- and Sa-orbitals. 


ii. Due to the greater stability of radon (Rn, Z = 86), the 
next two electrons (i.e. 89th and 90th) after filling the 
7s-orbital prefer to enter 6d-orbitals before filling of 
5f-orbitals begin with proactinium (Pa, Z = 91) and 
continues till it is complete with lawrencium (Lr, 
Z= 103), | 


Which of the following species are isoelectronic? 


ii, 0> 
vi, CI? 


iii, Mg” 
vii, K 


i, Ne iv. F 


viii, Na 


BUID The number of electrons in these species are: 


i, Ne= 10 ii, O7 =8+2=10 
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iii. Mg = 12—2=10 iv. F=9 
v. Al’ = 13-3 =10 vi. CIO=17+1=18 

vii. K = 19 viii. Na= 11 

Thus Ne, O”, Mg?*, AL* 
which has 10 electrons). 

Nuclear charge on these isoelectronic species are as: 

Ne = +10 O% =+8 

Mg” = 12 Al** = 13. 
Size of the species decreases as the nuclear charge increases, 


therefore the size of isoelectronic species decreases in the order. 
O~ > Ne > Mg” >AL*. 


Which of the following species has the smallest size? 
a KS Ar b. Si, P, Cl CO 07,07 


‘Sol 
a. Z for Sr, KÊ and Ar = 38, 19 and 18 respectively. 
Electronic configuration of Sr = [Kr] 5s” 
Electronic configuration of Sr** = [Kr] (it has four shells) 
Electronic configuration of K = [Ar]4s! 
Electronic configuration ofK® = [Ar] (it has three shells) 


Ionic size of Sr is smaller than that of KÊ, due to higher 
nuclear charge which compensates the effect of additiona 
shell. . 


Since K© and Ar are isoelectronic species with 18 electron 


are isoelectronic species (each one of 


Z ~ 19 Z 18 
each. So, — for KÊ = — =1.05 and — forAr= — =1.0. 
e 18 e 18 


Smaller is the value of Z , larger the size of that species. 
So decreasing order of size is 
Ar < KÊ? < Sr” 
b. Z for Si, P and Cl = 14, 15, 17 
Decreasing order of size is 
Si>P>Cl 
Thus, Cl is of the smallest size. 


Moreover, along the period, size decreases from the left to 
the right. All of then belong to the 3rd period. 


c. Species with more negative charge is larger than its parent 
atom. 
Thus, the decreasing order of size is 
Oo +O" >c. 
Thus, O is the smallest in size. 


Arrange the following in order of decreasing radii? 
LEO N, s” b. P,8i,N,C, e I°%,1°,1 


a. Since F®, N*, O” are isoelectronic species (with 10 
electrons). So, size of anions decreases as nuclear charge 
increases (Z for F”, O”, N* = 9, 8 and 7 respectively) 
So, decreasing order of size among isoelectronic anions are 
as: 


O P 


N* > O07 > F° 
Since S belongs to the 3rd period while F, O, N all belong 
to the 2nd period. Therefore, size of S% is largest. 
Thus overall order of decreasing size is 
S* > N* > O* > FO 

b. C and N belong to the 2nd period whereas Si and P belong 
to the 3rd period. Elements in the 3rd period have highe, 
atomic sizes than those of the 2nd period due to increase iy 
shells. Thus, size of Si and P are higher than those of C and 
N respectively. 
Moreover, along the period atomic sizes decrease from the 
left to the right due to the increased nuclear charge. Thus, 
size of C > N and Si > P. Thus, overall decreasing order of 
atomic sizes is 
Si>P>C>N 

c. Decreasing order of radii is 
Peir 
because the size of anion is always greater while that of an 
cation is always smaller than the parent atom. 


1.11 SCREENING OR SHIELDING 
EFFECT OF INNER SHELL 
ELECTRONS ON THE VALENCE 
SHELL ELECTRON 


In multi-electron atoms, the valence shell electrons are attracted 
by the nucleus and repelled by the electrons in the inner shell. The 
combined effect of these two opposing forces is that the attractive 
force exerted by the nucleus on the valence shell electrons is 
partially decreased or weakened by the repulsive force exerted 
by the electrons present in the inner shell. Thus, the valence shell 
electrons experience less charge of the nucleus. 

The actual charge experienced by the valence shell electrons is 
called effective nuclear charge and the repulsive force experienced 
by the valence shell electrons from the electrons present in the 
inner shells is called the shielding or screening effect. Thus, the 
effective nuclear charge (Z p is 

Zt = Total nuclear charge (Z) — Screening constant (0) 


1.11.1 FACTORS AFFECTING THE MAGNITUDE OF 
SCREENING EFFECT 
Number of inner shells: o depends on the numbers of electrons 
in the inner shells, The greater the number of inner electrons, larg 
is the screening effect and hence larger is the magnitude of o and 
hence the magnitude of Z oy Will decrease. 
As the screening effect increases, Z „œ decreases. Consequentl 
the force of attraction by the nucleus for the valence she 
electrons decreases and hence the ionisation enthalpy decreas 
down the group (4). ; 


1.11.2 CALCULATION OF © AND Zay BY SLATER’S 
RULE 


The magnitude of ‘o’ and hence that of ‘Z agp can be calculated by 
using Slater’s rule, as follows. 
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1. For ns- or np-orbital electrons: 

a. Write the electronic configuration of the element in the 
following order and group them as 
(1s), (2s, 2p), (3s, 3p), (3), (4s, 4p), (4d, 4f), (5s, 5p), 
(5d, 5f), (6s, 6p), ete. 

b. Electrons to the right of the (ns, np) group are not 
effective in shielding the ns or np electrons and 
contribute nothing to o. 

c. All other electrons in the (7s, np) group contribute to 
the extent of 0.35 each to the screening constant (except 
for 1s for which the value is 0.30). 

d. All the electrons in the (77 — 1)th shell contribute 0.85 
each to the screening constant. 

e. All the electrons in the (7 — 2)th shell or lower contribute 
1.0 each to the screening constant. 

2. For d- or f-electrons: Rules (a) to (c) remain same but rules 

(d) and (e) get replaced by rule (f). 

f. Allthe electrons in the groups lying left to (nd, nf) group 
contribute 1.0 each to the screening effect. 


Calculate the effective nuclear charge experienced by the 
4s-electron in potassium atom (Z = 19). 


Sa The electronic configuration of K is 1s”, 2s” 2p°, 33? ap 
4s! and this atom has 4 shells in it. Therefore, 

(Zs, = 2-9 

= x Number of electrons in (n —1)th 
g = | shell + 1.00 x Total number of electrons 
in the inner shell 

= 0.85 x 8 +1.00 x 10 
= 16.80 
= Z- o= 19 — 16.80 = 2.20 


Hence, Zog 


Calculate the effective nuclear charge of the last electron in an 
atom. The electronic configuration is 1s”, 252p, 383p. 


(Sa z= 2+2+6+2+5= 17. and this atom has 3 shells in all. 
0.35 x Number of electrons left 

in nth shell + (0.85 x Number of 

electrons in (n—1)th shell + (1.00 x 


j Total number of electrons in the 
inner shells)) 
= (0.35 x 6) + (0.85 x 8) + (1 x 2) 
= 10.9 
Thus, Zg = Z-06)= 17- 10.9=6.1 


Calculate the screening constant in Zn. 
a. F ora 4s-electron b. For a 3d-electron 


ma The electronic conten of Zn (Z = 30) is 
18°; 2572p. 35 3°; 3d"°; 4s”. 


Since o is calculated for one electron in 4s sh 


ell, so one electron 


is left in 4s shell. 


(0.35 x Number of electrons left in 45 or 
nth shell) + (0.85 x Number of electrons in 


«O= | (4 1)th shell) + (1.00 x Total number of 


electrons in the inner shell) 
(0.35 x 1) + (0.85 x 18) + (1.00 x 10) 
= 25.65 
i. o for 4s = 0, 
zero). 
ii. Since o is calculated for one electron in 3d-orbital, 
so, 9 electrons are left in 3d-orbital. 
0.35 x Number of electrons left in 
shell or nth shell | 


[Rule (b)]. (o for right of (ns, np) is 


j = i 00x Number of electrons in the l 


inner shell 


(0.35 x 9) + (1.0 x 18) 
= 21.15 


ee 
3. Type of orbitals occupied by the electrons: 


a. 


s 


Due to different shapes and orientation of different 
orbitals, the screening power decreases as follows: 
ns>np>nd>nf 

Sereening power decreases 
From the shapes of electron charge clouds of orbitals, 
it is clear that the ns-orbitals are spherical symmetrical 
in shape. Therefore, it screens the nuclear charge 
more effectively than np-orbitals which are dumbell 
in shape. Similarly, np-orbitals screen the nuclear 
charge more effectively than nd-orbitals which double 
dumbell in shape which in turn screens the nuclear charge 
much more effectively than nf-orbitals which are diffused 
and complex in shape and orientation. 
This order also means that the electrons present in 
d- and f-orbitals are much more shielded than those in s- or 
p-orbitals by the inner shell electrons. Thus an electron in 
np-orbital is more effectively shielded than the ns-electron 
by the inner shell electrons. 
For example, consider Be (1s? 2s’) and B ( Ls? 2572p!) 
atoms, 2p electrons of B atom are more effectively 
shielded by 1s and 2s electrons while the 2s electrons of 
Be atom are not effectively shielded by the Is electrons 
and second 2s electron. 
An electron present in the nth orbital is more effectively 
shielded by the electrons in the (n —1)th orbital while the 
same electron is not effectively shielded by the other 
electron present in the same orbital. 
For example, in Li atom (18? 2s'); 2s! electron is 
more effectively shielded by two electrons present 
in 1s-orbital while in He atom (1s*) one of the two 
electrons in 1s-orbital is not effectively screened by 


, | i 
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the other electron present in the same orbital i.e., 
ls-orbital. 

c. Application of shielding effect: 

i. This concept has been used to explain why the 
ionisation potential values of the elements ofa given 
group decreases down the group (4). 

ii. It has been used to explain why a large decrease in 
the value of ionisation potential is observed when 
we proceed from an inert gas to alkali metals. 

iii. It has been used in explaining the inert pair effect. 

iv. It has been used to explain the lanthanide and 
actinide contraction. 

4. Variation of screening effect or o in the periodic table: 
Greater is the magnitude of o, greater is the amount of 
shielding effect caused by the intervening electrons on 
the valence shell electrons. 

Since o increases both down the group (1) of and along 


the period (—>), so the magnitude of screening effect also 
increases in the same direction. b. An anion is larger in size than its parent atom. 


voda m p-block elements c. The order of successive ionisation potential IP,, IP.,, IP, 
S-DIOCK elemen = 


a J2 fasfaa fis fie fiz{is | ... etc. of an atom is in the following order: 
1l 2 13 | 14 | 15 17 |18 


IP, < IP, < IP, 
d. Why 4s-orbital is filled before 3d-orbitals: The lower the 
values of Z acting on the 3d-electron as compared to on 
Increases 4s-electrons, shows that 3d electron is less tightly bound 
to the nucleus than the 4s-electron. 
Consequently, the additional electron in atom prefers to 
enter 4s-orbital than 3d-orbital. 
5. Variation of effective nuclear charge in the periodic re ne J le, let the two electronic configuration of 
potassium (K, Z = 19), are as shown below: 


table: f 
a. Itis observed that the magnitude of effective nuclear i. 183°, 2s? 2p°; 3s? 3p® 3a°; 4s! poner j TES ) 
charge or effective atomic number increases in a before 3d orbitals 
period when we move from the left to the right. 3 d-orbital is filled 
before 4s-orbital 


s-Block p-Block elements 
elements 


i [2 peta [is e re 


Effective nuclear 


charge (Z. Increasses 


Remains almost the same 


6. Application of effective nuclear charge: On the basis of 
Z „p the following facts can be explained: 


a. A cation is smaller in size than its parent atom. 


Increases 


ii, 157, 2s?2p°; 3s? 3p° 3d’; 45° 


Therefore, o on 4s-electron as calculated by Slater rule 
is 


(0.85 x No. of electrons in (n —1)th shell) 
(as! = le x No. of electrons in the inner A 
(0.85 x 8) + (1.00 x 10) = 16.8 

Zy = Z~G=19—168=2:20 


b. In the subgroup of normal elements the magnitude Similarly, o on 3d-electron is 
of effective atomic number remains almost the (o), 1 = [1.00 x Total no. of inner electrons] 
same, as shown below: = (1.00 x 18) = 18 


fe Lye Lo = 19 = 18. | 
Hence, Z,,, of 3d-electron is less than that of 
4s-electron. So, additional electron in potassium (K) atom 
prefers to enter 4s-orbital than 3d-orbital. 
e. Why 4s-electrons are removed before 3d-electrons in thé | 
conversion of 3d-transition elements into cations: 


ales 


a A 


ESE JS SE 


The greater the value of Z,,, on one of the 3d-electrons 
than 4s-electrons in an atom shows that 3d-electrons 
are more tightly held to the nucleus than the 
4s-electrons. Consequently, in the conversion of 
atom into cations the electrons to be removed are 
4s-electrons and not 3d-electrons. 
For example, consider the conversion of vanadium atom 
(V; Z = 23) into V* cation and V"* is formed by the 
removal of two electrons from 4s-orbitals and not from 
3d-orbital. Thus, 
V(1s°. 2s” 2p’: 35°73", 3a, 4s) | (1s; 2s2p°; 
39°3p°3d°) + 2e 
Calculation Z,,- on of the 4s-electron is given by: 
(0.35 x No. of electrons left in the nth shell) 
(o),.1= | + (0.85 x No. of electrons in (n—1)th shell) 
+(1.00 x No. of electrons in the inner shell) 
= (0.35 x 1) + (0.85 x 11) + (1.00 x 10) = 19.70 
Lag Z—6 = 23 - 19.70 = 3.30 


Calculation of Z,,-0n one of the 3d-electron is given by: 


(0.35 x No. of electrons left in the 
3d-orbitals) + (1.00 x Total no. of 
electrons in the inner orbitals) 
(0.35 x 2) + (1 x 18) = 18.70 
i a 23 — 18.70 = 4.30 


(9)34! = 


Il 


Hence, Z,,, of one of the 3d-electrons is greater than 4s- electrons 
in vanadium atom shows that 3d-electrons are more strongly held to 
the nucleus than the 4s-electrons. Consequently in the conversion 
of V >V”, 4s-electrons are removed and not 3d-electrons. 


p 


CONCEPT APPLICATION EXERCISE 1.41 
. 3d-, 4d- and 5d-series consists of 10 elements each? 
. Why the f-block elements are called inner transition 
. Transition elements show horizontal as well as vertical 
. Be and Al are placed in different periods and groups but 


. The outer electronic configuration of some elements are 


. Arrange the following elements in decreasing order of 


. Name the species that will be isoelectronic with the 


Explain. 
element? 
relationship. Explain. 


they show the similar properties. Explain. 


given below: 
a. 6d 15 b. 4f! 5d’ 6s' 
e. 22 2p® 3s d. 3d 4s’ 
e. 45 i 4p 


State to which of the periodic table each of these elements 
belongs. 


metallic character: 
K, Mg, B, Al. 


following atoms or ions. 
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. Which one of the following pairs would h 


. Arrange the following ions in order of their decreasing 


. What property did Mendeleev use to classify the elements 


_ Name the element having the lowest electronegative, | 


_ Name the lightest solid non-metal having the highest | 
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b. Ne 
d. Rb® 


a, Ca" 


€ Cr 
ave a smaller 


size. Explain. 


a. Na® or Mg” 
c. Por As 


b. O or F° 


ionic radii. 
Li®, K®, Mg", Al" 


in his periodic table. 


. Elements with Z = 107, 108 and 109 have been made | 


recently. Indicate the groups to which they belong. 


. Why Zn, Cd and Hg are not considered as typical | 


transition elements? 


. Why Cu, Ag and Au are transition elements, although | 


they have completely filled d-orbitals? 


. Half-filled and full-filled orbitals are stable. Why? 


. What are super heavy elements? 
. How many anomalous pairs were present in original | 


Mendeleev periodic table? | 


. How many s-block elements are known? | 
. Which block of elements consists of metals, non metals — 


and metalloids? 


_ Which is the hardest elements? 
_ Which elements is lowest melting point liquid metal? 
. Which element is heaviest melting and boiling point 


metal? 


_ Name the liquid non-metal. 
_ Name the best and the poorest conductor of current among 


metals. 


_ Name the heaviest solid metal. 

. Name the most poisonous element. 

_ Name the heaviest naturally occurring element. 

. Among the radioactive elements, which is a liquid 


element? 


lightest and liquid metal. 


tensile strength. 


< Which element has highest catenation property? | 
. Which non-metal sublime on heating and have metallic 


lusture. 


. Which is the most stable element? | 
_ Name the element which is the poorest conductor of 


| 


current among non-metals. 


_ Name the elements with highest EN and with highest EA 


or A g. 


< Which element is used in the making of high temperature 


thermometer? 


. Which element is used in the making of infrared (IR) 


windows, prisms and lenses? 


j 
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37. Answer the following: l . 

a. Name the element not known at the time of 
Mendeleev. 

. Name any two typical elements. 

. Name any two bridge elements. 

Name two pairs showing diagonal rel 

Name two transition elements. 

Name two rare earth elements. 


Name two transuranic elements. 
ase compounds of Cr show maximum 


ationship. 


TM mo lae & 


. In which c 


radius. 
i. K,CrO, ii. CrO,Cl, 
iii. Cr,(SO ‘as iv. CrCl, 


In s- and p-block elements the OS. changes by 2 units, but 

in transition elements it changes in units of one. Explain? 

39. Mn,O- is an acidic oxide, why? 

40. Why Ar (argon) (at. wt. = 39.94) has been placed before 
K (at. wt. = 39.10) in the periodic table? 

41. Why Ag is a noble metal and K is a highly reactive metal? 

42. Calculate the screening constants of alkali metals for 


valency electrons. 
43. Calculate the screening constants of members of the 2nd 


period for valency electrons. 


[MeAMSwers So Se eee 
8.a. Mg  b.F° c. P 
9. KÊ > Mg” > A> > Li® 
10. Atomic masses 
11. 7. 8 and 9 groups respectively 


15. Z> 100 

16. Four (Ar, K). (Co, Ni), (Te, I) and (Th, Pa) 

17. Thirteen 18. p-block 

19. Carbon (diamond) 20. Hg 21. Tungsten (W) 

22. Br 23. Ag and Pb 24. Os 25. Pu 

26. U 27. Fr 28. Cs 29. B 30. C 

3LI 32. Te 33. S 34. F and Cl respectively 


35. Ga 36. Ge 


1.12 PENETRATION EFFECT OF 
ELECTRONS IN DIFFERENT 


ORBITALS 


Due to different shapes and orientation of different orbitals, the 
penetration effect decreases as follows: 
nsz np>nd > nf 
penetration effect decreases 

From the shapes of electron charge clouds of orbitals, it is clear 
that ns-orbitals are spherical symmetrical, therefore the electrons 
of ns-orbital has the maximum probability of being found near the 
nucleus and this probability goes on decreasing in case of p-, d-, 
and f-orbitals of the same shell. 

In other words, ns-orbitals are spherical symmetrical in shape, 
therefore they are much more penetrated or attracted towards the 
nucleus than np-orbitals which are dumbell in shape. Similarly, 
np-orbitals are much more penetrated towards the nucleus than 
nd-orbitals which are double dumbell in shape, which in turn are 


more effe 
which are diffused and complex in shape and orientation. 


1.12.1 APPLICATIONS OF PENETRATION EFFECT 


ctively penetrated towards the nucleus than nf-orbital 


1. If penetration effect of the electron is more, it will be close 
to the nucleus and hence will be held more strongly by the 
nucleus. Consequently, the ionisation potential/energy wil 
be high. 

lonisation energy increases with the increase in the 
penetration effect of electrons in different orbitals. 


2. Thus, the ionisation energy will be more to remove an 
from ns-orbital than an electron from np-orbital, 
at required to remove an| 


electron 
which in turn, will be more than th 


electron from nd-orbitals and so on. | 
For example, the first ionisation enthalpy of B < Be and 
Al < Mg. 

According to the general trend ionisation enthalpy increases 
along the period (—). But the observed order is found to be 
reverse, which can be explained by the penetration effect as 


below: 
Boron (B; Z = 5); 1s? 2s?2p' 
Beryllium (Be, Z = 4); 1s” 2s? 
In case of boron, an electron has to be removed from 
2p-orbital to form B®-ion. Whereas in case of Be, an electron 
has to be removed from 2s-orbital to produce Be®-ion. Since 
2s-orbital is much more penetrated towards the nucleus than 
2p-orbital, hence the 2p-electrons of B is more shielded 
from the nucleus by the inner core of electrons than the 
2s-electrons of Be. Therefore, it is easier to remove an 
electron from 2p-orbital than 2s-orbital of the same shell. 
Therefore, the first ionisation enthalpy of B is lower than 
that of Be. 

Similarly, the first ionisation enthalpy 
Al(Z = 13) ( 1s?, 2s? 2p°; 3s73p') is lower than that of Mg 


(Z = 12) (1s, 2s? 2p°;3s7). 


1.13 IONISATION ENERGY/ENTHALPY 


(IE OR E,) AND IONISATION 
POTENTIAL (IP) 


1. Ionisation energy/enthalpy of an element is defined as 
the minimum amount of energy required to remove the 
outermost shell electron from an isolated gaseous atom (X) 
to form gaseous ion. It is usually represented as AHS, of 
IE,. For example, 

® .- 
KmA Te 

2. Ionisation enthalpy is also known as ionisation potential (IP) 
since it is the minimum potential difference (in a discharg¢ 
tube) required to remove the outermost electrons from a 
isolated gaseous atom to form gaseous ion. 

3. Difference between ionisation energy (E, or A H9) and 
a ae eee ©). 

HOH enthalpy (A,H~): 
lonisation energy is defined as absolute zero, whereas at any 


other temperature it is defined as ionisation enthalpy and 
| 


| ro 
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in that case heat capacities for the reactants and products 


have to be taken into account. For example, enthalpies of 
reactions at any temperature (7) is: 


@ = 
Xie) X (œ) we 
=, na =) T © 
A HOC) = A, H°(O) + | A,Codr 


The value of C, for each species in the above equation is 


e 
2 7 2 

E < E 
So, A.C, = -5 (for ionisation). 


Therefore, 
A H° (ionisation enthalpy) = E, (ionisation energy) + 5 
RT. | 

4. Units of IE and IP: It is measured in electron volts per atom: 
(eV atom’) or kilo calories per mole (kcal mole’) or kilo 
joules per mole (kJ mole”). These quantities are related as: 


Note: One electron volt is the energy acquired by an electron 
while moving under a potential difference of one volt. 


(leV atom ™)= 3.83 x 10°? cal atom! 
= 1.602x 107'?J atom” (1 cal = 4.184 J) 
= 3.83 x 10°°° x 6.022 x 10” cal mol”! 
= 23.06 x 10° cal mol! 
= 23.06 k cal mol”! 
= 1.602 x 10°? x 6.022 x 107J mol”! 
= 96.49 kJ mol! 


Energy is required to remove electrons from an atom and 
hence ionisation enthalpies are always positive. 


Ionisation enthalpy of hydrogen atom is 13.58 eV mol | 
or 13.58 x 96.49 = 1310.334 kJ mol *. 


1.13.1 SUCCESSIVE IONISATION ENTHALPIES 
(A.H° or IE) 

The ionisation enthalpies to remove first, second, third etc. 
electrons from an isolated gaseous atom are called successive 
ionisation enthalpies. It is found that AH,° > A,H,° and A,H,° > 
AH,” and so on, i.e. AH}? < AH? <AH,° or IE, < IE, <IE..... 
Explanation: The second ionisation enthalpy will be greater than 
the first ionisation enthalpy because it is more difficult to remove 
an electron from a positively charged ion than from a neutral atom. 

In the same way the third ionisation enthalpy will be greater 
than the second and so on. 
The term ‘ ionisation enthalpy’, if not mentioned, is taken as the 
first ionisation enthalpy. 


1.13.2 FACTORS AFFECTING THE MAGNITUDE OF 
IONISATION ENTHALPY 
It depends on the following factors: 
1. Size of atom: The values of ionisation potential of an 


element decreases (less positive value) as the atomic size 
increases, 


AH® or IE «© ————— 
ee Atomic radius 


In a larger atom, the outer electrons are far away from the 
nucleus and thus the force of attraction with which they 
are attracted by the nucleus is less and hence can be easily 
removed, so less IE. 

For example, IE decreases down the group (1) as shown in 
Table 1.9 


Table 1.9 First IE of alkali metals in kJ mol 


Element 
IE (kJ ı mol" ) 


2. Effective nuclear charge (Z,,,): The greater the -e on the 
nucleus of an atom, the more difficult it would be to remove 
an electron from the atom. 

AH® (or) IE x Z p 
With the increase in Z {p the electrons of the outer shell are 
more strongly held by the nucleus and hence greater energy 
is required to remove an electron from the atom. 
For example, IE increases along the period (—>) due to the 
increased Z as shown in Table 1.10. 


Table 1.10 First IE of second period elements in kJ a 
ea Urge +5" Enpa, +7 +8 
ee (Z) 
IE (kJ 5 a ~ 

520 (G99 |80] 1086 1681 | 2080 
mol ) ~ —__ 


_ Note the trends __!| 


3. Shielding or screening effect of the inner shell electrons 

(refer to Section 1.11): The shielding or screening 
effect increases if the number of electrons in the inner 
shells between the nucleus and the outermost electrons 
increases. 
The screening effect reduces the force of attraction 
between the outermost electrons and the nucleus, hence 
the outermost electrons can be easily removed. Hence 
the value of IE decreases with the increase in screening 
effect. 


l 


A H?(or) IE «© ————_— 
(on) Screening effect 


4. Penetration effect of orbitals (refer to Section 1,12): 
Ionisation enthalpy increases as the penetration effect 
of the electrons in different orbitals increases. The 
order of energy required to remove electrons from 
s-, p-, d- and f-orbitals within the same shell is s > p > d> f 
Since s-orbital is more close to the nucleus and thus is 
more penetrated (or attracted) towards nucleus than the 
p-orbital of the same shell. Thus, it is easier to remove 
an electron from a p-orbital in comparison to s-orbital. 
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Generally the IE increases along the period (~). 


(With exception from Be to B and Mg to Al 
and N to O and P to S.) 


Down the group (|) 


Generally the IE decreases down the group (4) with 
some exception in transition elements. 


Application: First IE of B and Al should be greater than 
Be and Mg respectively. But the first IE of Be > B and 
Mg > Al. This 1s occurred due to the penetration effect 
of orbitals (refer to Section 1.12). 

5. Stability of half-filled and fully filled orbitals: According 
to Hund’s rule the stability of half-filled and completely 
filled degenerate orbitals has extra stability. Therefore, the 
removal of an electron from such an atom requires more 
energy than expected. For example, 

a. IE, of Be (Z=4 (1s* 2s”) >B (Z=5) (1s? 2s 2p'), because 
Be has fully filled orbitals which is a stable electronic 
configuration. 

b. Similarly, IE, of Mg (Z = 12)(1s? 2s” 2p® 3s?) > Al 


(Z = 13) (1s 25° 2p® 3573p, ') 
e i IE, of N(Z=7) (Is? 2s?2p)2p)2p1) > 


O (Z=8) (ls? 2s*2p72p},2p) 


Because N contains exactly half-filled p-orbitals 
which imparts greater stability to N, so removal of 
electron from N is difficult and hence IE, is high. 


ii Electronic configuration of O 
= Qn In 2m. 1H, 1 
(Z= 8) (1s* 2s°2p, 2p, 2p, ) 
Electronic configuration of O® 
Z 23.23, la, 15, 1 
(Z= 8) (Is 2s°2p, 2p, 2p, ) 
Electronic configuration of N 
(Z= 7) ($ 28° 2p'2p,' 2p,") 
Electronic configuration of N? 
(Z=7) 8" 2p,'2p,' 2p’) 
Electronic configuration of OY (obtained after 
removal of one e ) is exactly half-filled 2p-sub shell 
while this is not in the case of N”, 
Since the removal of an electron from O gives a 


more stable arrangement than that of N; hence, JE, 
of O <IE, of N. 


o 


— aE TE EE Cee 
d. Similarly, IE, of P (Z = 15) (1s° 28° 2p" 3s 3P , 3p, 3p) 
is greater than IE, of S (Z = 16) (18° 2s” 2p° 3s” 3p? 3,1 
) 
3p,) 
e. Noble gases have the highest JE, in their respectiy, 
period. 


For example, IE, of Ne is higher than any other elements of th, 
second period. 

Similarly, IE, of Ar is higher than any other element of th, 
third period. Because they have ns np arrangement which is , 
stable electronic configuration hence the large amount of energy 
is required to remove an electron form such stable arrangement 


Note: The more stable the electronic configuration, the greater 
is the IE or A H°. 


1.13.3 VARIATION OF IE OR AH® IN THE 


PERIODIC TABLE 


The IE, of the representative elements and noble gases given 
in Table 1.11 and IE, of elements having Z = 60 are plotted in 
Fig. 1.9. . 


Table 1.11 IE, of representative and noble gases (kJ mol *) 


IE, decreases down in group 


[Note the trend in the elements circled] 


IE of an element mostly depends upon its electronic 
configuration and thus shown periodicity in the graph. There is a 
maxima at the noble gases which have closed electron shells and 
very stable electronic configuration, On the other hand, minima 
occurs at the alkali metals, Thus, alkali metals have the lowest IE, 


and hence have high activity. 
A è 2 6 
On the contrary, noble gases with stable configuration (ms“np’) 


have highest IE, and hence are chemically inert. 


Note: Cs have the lowest JE , and is the most electropositive 
elements, 


2. Types of electrons to be removed. Considering the IE, of 
the 2nd period elements: 
a. Lito Be: From Li to Be, IE, increases due to increase 
in nuclear charge and smaller atomic radii of Be than 
that of Li. 


b. Be to B (exceptional case): Although from Be to 
B nuclear charge increases, yet the IE, of Be > B 
(explained in section 1.12.1 (3)). 
0 2 pee , : a 10 c. B to Cand to N: From B to C and to N, IE, increases 
a) oe due to the increasing nuclear charge and decreasing 
atomic radius, 
d. N to O (exceptional case): IE, of N should be less 
than IE, of oxygen, but the observed trend is IE, of 

Li (520) N > IE, of O, as explained in Section 1.13.2 (5) (c) 

Na (496) (i and ii). 

e. Oto F and to Ne: IE, increases from O to F and to Ne, 
because of the increasing nuclear charge. Ne has the 
highest IE, in the 2nd period due to the stable noble gas 
configuration (ns”, np’). 

Cs(374) Similar trends in the IE, of the 3rd period have been 


(IE) or A,H/kJ mol * 
+ 
oO 


350 
0 10 20 30 40 50 60 ee 
Aiomme e 1.13.5 VARIATIONS OF IE DOWN THE GROUP (~) 
JE, decreases down the group (1) (see Table 1.11). 
Fig. 1.9 (a) First ionization enthalpies A.H° of the second period as a Explanation: 


function of atomic number (Z). (b) First ionisation enthalpies A H° of 


1. Increase of atomic size: Down the group (+), the atomic 
alkali metals as a function of atomic number (Z). 


size increases gradually due to the addition of new shell 
at each succeeding element. So, distance of the valence 
1.13.4 VARIATION OF IE ACROSS THE PERIODS AND electrons from the nucleus increases. Consequently, the 

DOWN THE GROUP force of attraction between nucleus and outermost electron 
decreases and hence IE should decrease. 


, rall d . 
E a Coma Oe () 2. Increase of screening effect: The number of inner 


2. IE, generally increases across the period (—). with exception electrons increases with the addition of new shells thereby 
as marked in Table 1.11 and Figs. 1.9, i.e. from Be to B, Mg the screening effect increases. Thus, the force of attraction 
to AL N to O and P to S. between the nucleus and the outermost electron further 


decreases and hence JE should d 
The observed trends are explained on the basis of three | ik aKa 
i 3. Increase of nuclear charge (Z): Z increases with the 


increase in atomic number, which results in the increase of 


a. The attraction of electrons to the nucleus, i.e. on the force of attraction between the nucleus and the outermost 


basis of Z e electron and accordingly JE should increase. 
b. The repulsion of electrons from each other. The combined effect of the increase in the atomic size and 
e Atomic radii (IE and atomic radii are closely related the shielding effect compensate the effect of the increased 
nuclear charge, Consequently, the outermost electrons are 
properties). h 
eld weakly by the nucleus and hence IE decreases down 
Explanation: Along the period (—), the nuclear charge (Z) the group (4) 


increases and atomic radii decrease although shell remains the 

same. Due to these opposing factors, the outermost electrons are 

more strongly held by the nucleus, so more energy is required to 

remove the electrons. Hence J E, increases along the period (—). 

However, some exceptions are observed in this general trend. 
These are due to: . 

1. Extra stability of the half-filled and full-filled electronic 1-13.6 IMPORTANCE OF IONISATION POTENTIAL 

configuration. A number of conclusions can be drawn from the concept of 

ionisation potential. 
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1. The elements having low values of ionisation anes 
readily lose their valency electrons and act as electropos! H 
elements. These elements form cations and ionic compounds. 


2. The elements having low values of ionisation potential act 
as strong reducing agents. 


3. Stability of the various oxidation states of an element can 
be predicted. When the difference in ionisation potential 
(A HÊ) of two successive states is aproximately 10 to 15 eV 
aloni (or 965-1450 kJ mol`’) or less, the lower oxidation 
state is not stable one. For example, in case of Al, AH = 
6.0, AH,” = 18.8, AH,° = 28.4 and A,H,° = 120 eV atom 
are the values of successive ionisation potential. Al” state 
is not possible because the AH,° is very high. 


Differences in successive ionisation enthalpies are: 

(AH,° — AH,°) = (18.8 - 6.0) = 12.8 eV atom 

(AH, - AH,°) = (28.4 - 18.8) = 96 eV atom | 

(AH,° - AH,°) = (120.0 — 28.4) = 91.6 eV atom 

Since the difference in the successive ionization enthalpies 
between (AH, — AH,°) and (A,H,° — AH,,°) is less than 
10-15 eV atom ’ and that of (AH,° = AH,°) is much more 


than 15 eV atom |. So, Al* is stable while Al® and A1?* are 
unstable. 


4. When the difference in ionisation potential (AH®) is about 

16 eV atom” or more, the lower oxidation sate is stable one. 

For example, in the case of sodium (Na, Z=11), AH? =5.] 

and A H,° =47.3 eV atom” are the successive IP, hence Na” 

is a stable state and formation of Na? is not easy because 
high energy is required. 


5. The elements with low values of IP are basic in character. 


The first ionisation enthalpy (A H9 
elements, Na, Mg and Si are respe 
mol '. Predict whether the first A, 
close to 575 or 760 kJ mol” 


) values of the third period 
Ctively 496, 737 and 786 kJ 
H? value for Al will be more 
19 Justify your answer. 

“Sol. It will be more close to 575 kJ mol”. The value for Al 


should be lower than that of Mg because of the effective shielding 
of 3p electrons from the nucleus by 3s-electrons, 


Calculate the energy required to convert all atoms of Mg to 


Mg” ions present in 48 mg of Mg vapours. IE, and IE, of Mg - 


are 740 and 1450 kJ mol! respectively. 


‘Sok Mg.) > Mg’ g) + & IE, = 740 kJ mol 
M2? g) > Mgt + e; IE, = 1450 kJ mol" 
.. Total energy required to convert 1 mol of of Mg.) into 
Mg” y ion = IE, + JE, 
= (740 + 1450) kJ mol”! 
= 2190 kJ mol! 


48 x10” 


ol 
48mgofMg= 5, ” 


= 2x 10% mol 
-3 
- Energy required to ionise 2 x 10~ mol of Mg, 
; = 2190 x 2 x 10” 
= 4,380 kJ 


: : -l 
The first (IE,) and second (IE) ionisation energies (k J mol”) 9 
anew elements designated by roman numerals are shown belo 


I 2370 5250 

II 520 7300 

ll 900 1800 

IV 1700 3400 
Which of the above elements is likely to be: 
a. A reactive metal 
b. A reactive non-metal 
c. Anoble gas 
d 


. A metal that forms a stable binary halide of the formula 
(X = the halogen). 


a. Most reactive metal will be an alkali metal of the 1st group 
with its IE, > IE,. Thus, the most reactive metal is II. 
b. Most reactive non-metal will be a halogen of the 17th group, 


Its IE, will be quite high. Thus, most reactive non-metal 
is IV. 


c. A noble gas will have very high IE,. Thus, I is a noble gas, 
- A metal that forms a stable binary halide will be an alkaline 


earth metal of the 2nd group. Its IE, will not be much higher 


than IE,. Thus, III is such a metal that forms a stable binary 
halide of formula AX. 


utral atoms are give 
below. 


A: 1s 25? B: 1s? 257273 

C: Nee 2572p* D: 1s? 2s? 2p 35! 
In which of this electronic confi 
have highest (a) TE, and (b) IE,. 


guration would you expect to! | 


a. B: Because of exactly half- 
more than A and C. 


filled 2p subshell its TE, will be 


b. D: Because after the removal of one el 


a configuration of a noble gas and t 
highest. 


€ctron, D will acquire 
hus its IE, will be the | 


The ionisation potential of hydrogen is 13.60 eV. Calculate the | 


energy required to produce one mole of H® 
kJ mol’), 


ion (1 eV = 96.3 | 


Sol The ionisation potentia] 


Hp) + 13.60 ev + H ie 
We know 1 eV = 96.3 kJ mor 


13.60 eV = 96.3 x 13.60 = 1309.68 kJ 
Thus, energy per mol = 1309.68 kJ 


Which of the following electronic Configurations has the lowest 
value of ionisation energy? Explain. 


a.ls? 2s72p° b. 1s? 2s*2p° 


‘i a. 


G. lis? 2s°2p* 35! 


| three and force of attraction betwee 


nthe nucleus and the outermost 


the lowest value of IE. 


For each of the following pairs whic 


h has greater IE and w 
ees Oi 


hy? 
b. K, Br c Br d. Na® Ne 
a. Li. Because the size of Li® is smaller and Z_. is greater 
than the corresponding values of Li. 


b. Br. Because Br has Seven electrons in the outermost shel] 


and has tendency to gain an electron rather than losing it. 
Moreover, the smaller size and hi 


gh nuclear charge favour 
high IE for Br. 
c. Br. It is due to the smaller atomic radius of Br than that of 
I. 


d. NaÊ. As it has small atomic radius 
than Ne. 


and high value of Zoff 


Calculate the percentage of Mg® 
absorbs 120 kJ of ene 
1450 kJ mol", 


2.4 
Sol. Moles of Mg = 3 0:1 


(g) and Mg” o) if 2.4 g of Mg 
rgy. The IE, and IE, of Mg, g) are 740 and 


@ 
Energy required in the conversion of 0.1 mol of Mg, to Mg (ey 
= 740 x 0.1=74kJ 
Energy left unused = 120 — 74 = 46 kJ M 5 
So, 46 kJ of energy will be used to ionise Mg œ) © Mg” ig 
“. Number of moles of Mg”. converted into 
46 
2+ 
= = 0:03 
8 ® 1450 
Number of moles of Mg") left = 0.1 — 0.03 = 0.07 


 % of M2’ p) = x10 = 70% 


and % of Mg” = 100 — 70 = 30% 


May be represented as 


The electronic confi 
below: 


a. ls? 2s°2p° 


Girls? 2572p° 


ii. 
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guration for the following atoms are given 


b. 1s* 2s? 2p 


e. 1s? 2s°2p° 3s! 

From the above configuration, arrange them in decreasing 
IE. 

Which ofthe electroni 
the lowest IE? 
Which of the electro 
for noble gases? 


Ce be" 2s*2p° 35s? 


c configuration given above will have 


nic configuration given above will be 


i. Arrange the electron 


- Since the M- 


ic configuration of all the atoms in 
tomic number, in such a manner that 
same outer energy shell are grouped 


decreasing order of a 
atoms containing the 
together, e.g. 


1s? 2572p°352(7 = 12) > 1s? 2s?2p° 35!(z = 11)... M-shell 
(c) (e) 
>1s* 25°2p9(Z = 


10) > 1s? 2s72p°(Z = 9) > 152 2s°2p4 
(Z=8) ...L shell 

(a) (b) 
shell is far away from the nucleus than L-shell, 


So lesser amount of energy is required to remove an electron 
from M-shell than from L-shell. 


Thus, the IE of atoms (c) and (e) should be lower than that 
of atoms (a), (b) and (d). 


Moreover, in case of atom (c) the electron is to be removed 
from the more stable com 


pletely filled 3s-orbitals, whereas 
in case of atom (e) is not so. 


Therefore, the IE of atom 

atom (e) [i.e. (c) > (e)]. 

The nuclear charge on atoms (d), (a) and (b) is +10, +9 and 

+8 respectively. Since the IE increases with the inc 

nuclear charge so the decreasing order of IEs are: 
(d) > (a) > (b) 

Therefore, decreasing order of IEs of all the atoms is 
(d) > (a) > (b) > (c) > (e) 


From the above discussion it is clear that atom (e) has the 
lowest IE. 


~(d) 


(c) should be higher than that of 


rease in 


The electronic configuration of atom (d) represents the 


noble gas 1s? 2s*2p* since the configuration of noble gases 
is ns-np’. 


The IE, and IE, (kJ mol ') of three elements A, B and C are 
given below: 


A B C 
IE, 400 550 1150 

0 2090 
IE, 2650 107 


Identify the elements which represent (a) an alkali metal, 
(b) an alkaline earth metal or (c) non-metal. 
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BID Œ (A 


Since IE, of element (A) is very 
Ikali metal. 


high as compared to TE,, 


therefore it is an a 
(b) (B) 
Since IE, of element (B) is higher th at 

nt (C), therefore 1t 1s an 


an that of element (A) and 
lower than that of eleme alkaline earth 
metal. 

(© (C) 

Since 1E, of eleme 
and B. therefore it is a non-metal. 


The sum of TE, and lE, and those of IE, an 


nt (C) is the highest of the two elements À 


d IE, in (kJ mol’) 


of Ni and Pt are: 
(IE, + IE,) (IE, + IE,) Total 
Ni. 2.5 10° 8.8 x 10° 11.3 x 10° 
a Soo. R N 0 
a. What is the most common oxidation state (O.S.) of Ni 
and Pt. 


b. Name the metal ( Ni or Pt) which can more easily form 
compounds in its +4 O.S. 


‘Sol. Thermodynamic stability of the transition elements and 
their compounds can be evaluated in terms of magnitude of IE’s of 
metals. The smaller the IE of the metal, the stable is its compound. 
a. Ni = +2 and Pt = +4. 
Since (IE, + IE,) (2.5 x 10°) of Ni is less than (IE, + 
IE.) of Pt. so, the most common oxidation states of 
Ni = +2. Similarly (IE, + IE,) of Pt is less than 
7 IE. 4 ) of Ni, so, the most common oxidation state of 


b. Pt forms more stable complexes in +4 state due to its higher 
stability than +2 state. 


The IE, of C atom is greater than that of boron (B) atom, whereas 
the reverse is true for IE,. Explain? 
‘Sol. The electronic configuration of C and B are as follows. 
C: I Z J J 
ý a 2p 2p n 
B: I$ 25 2p’ 
Due to the higher nuclear charge (Z) in C, the force of attraction 


towards valency electrons is K 
more in C atom and 7 ag 
C> IE, of B. hence JE, of 


After loss of one electron j i 
, the configuration of C® ; ®:., 
eine g nofC” and B” isas 


®, 1253,29] _ Eas ; 
C A ls 2s 2p, diner aly ce 4- g 
@ “er 
B® 152 252 Dult Be +e 
(Stable) 


® a. 
The B” configuration is stable hence the removal of the 


2nd electron is difficult in compari ® 
ae parison to C7. Hence, IE, of 


oe 


IE, of first atom is greater than second 


der is true for IE). 
(c) Be > B 


Note: The pairs in which 
atom whereas reverse OF 


noon Ores i i 


alkali metals shows a jum 
jump. Explain. 


tion while alkalinę 


ile the third) 
The second IE for p while hird 
IE for alkaline metals shows a | 


. l 
The alkali metals have ns configura 


earth metals have ns? configur | | 
So after IE,, the alkali metals attain the inert gas configuration 


while the alkaline earth metals attain it after [E,. Now the remova| 
of electron froma noble gas confi guration requires high JE, so there 
is a jump in the IE, for alkali and IE, for alkaline earth metals. | 


1.14 ELECTRON GAIN ENTHALPY | 


(A gH) AND ELECTRON 


AFFINITY (EA) 


When an electron is added to a neutral gaseous atom (X) to convert 
it into a negative ion, the enthalpy change accompanying the 
process is defined as the electron gain enthalpy (A, HH”). Electron 
gain enthalpy provides a measure of the ease with which an atom 
adds an electron to form anion as represented by Eq. (1.1). 


AL) 


Depending on the element, the process of adding an electron 
to the atom can be either endothermic or exothermic. For many 
elements energy is released when an electron is added to the atom 
and electron gain enthalpy is negative . For example, the halogens 
(group 17) have very high negative electron gain enthalpies 
because they can attain stable noble gas electronic configurations 
by picking up an electron. 


ation. 


© 
Xote X w 


On the other hand, noble gases have large positive electron 
gain enthalpies because the electron has to enter the next higher 
principal quantum level leading to a very unstable decion 
configuration. 

The electron gain enthalpies have large negative values towards : 
the upper right of the periodic table preceding the noble gases 


1.14.1 inia BETWEEN ELECTRON GAIN 
NTH 5 
ALPY (A. gH ) AND ELECTRON AFFINITY 


A the negative of the enthalpy changed for the process 
q: (1.1) is defined as the electron affinity (E ; 

atom under consideration. If energy is released Pe A of 
is added to an atom, the electron affinity ek ae ae 
e A convention. If energy rete beac 
to a d an electron to an atom, then the electron affini 

Is assigned a negative sign. How Y iae pe 
at absolute zero and aia Bir ee N 7 
capacities of the reactants and products have io ae ji 


account in A „H° = -EA — ; RT. 


1.14.2 SUCCESSIVE ELECTRON GAIN ENTHALPIES | 
After the addition of one electron the atom becomes negatively 
charged and the second electron is to be added to a negatively 
charged ion. But the addition of the second electron is opposed 
py the electrostatic repulsion and hence the energy is required for 
the addition of second electron. 

Thus, the second electron gains enthIpy of an element is positive. 
for example, when an electron is added to oxygen atom to form 0° 
ion, energy is released. But when another electron is added to 0° 
ion to form O% ion, energy is required or absorbed to overcome 
the strong electrostatic repulsion between the negatively char ged 
O° ion and the incoming electron being added. Thus, 

(First electron gain enthalpy) (A,,H,°): 


Ow) +e — OF is AE = -140 kJ mol! 

(Exothermic process) 
(Second electron gain enthalpy) (A,H,°): 
“(ey Agha = + 780 kJ mol! 


i (Endothermic process) 
Likewise A,,H,~ of S is also positive. 


on = 9 
©) d 
O og — 0 


For example, 


S +2 =s 


= -1 
a oy SegH,° = - 200 KJ mol 


(Exothermic process) 
+ 600 kJ mol”! 


(Endothermic process) 


e - 2- O_ 
S @*e —>S Aega 


1.14.3 UNITS OF A, „H®/EA 
Like IE, A. ral or EA is ad either in eV atom ! or kJ mol. 


1.14.4 VARIATIONS OF A. H° IN THE PERIODIC TABLE 


1. a. Generally, A, Hy iene (less negative) down the 
group (Ñ). 
b. Generally, AH J 
period (—). 
But from Table 1.12, it is evident that A. gH” does not 
show perfectly regular trend along the period (—>) and 
down the group (1) because of a number of exceptions. 
2. Variation of A 4H” along the period (—): 
Generally, A ar increases (more —ve) along the period (—). 
Explanation: The Z y increases and atomic sizes decrease 
along the period (>) and consequently it will be easier to add 
an electron to a smaller atom since the added electron on an 
average would be closer to the positively charged nucleus. 
Hence, A. © in general, increases (more and more —ve) 
along the period (~>). 
- Variation of A,,H° down the group ($): 


Generally, A. He decreases (less negative) down the group 
W. 

Explanation: Both the atomic size and Z, increase down 
the group (1). But the effect of atomic size is much more 
predominating than Ze Thus, with increases in atomic size, 
the attraction between ithe nucleus and incoming electron 
decreases and hence the A, m decreases (becomes less 
negative). 


increases (more negative) along the 


Ww 
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1.14.5 FACTORS ON WHICH A, „H° DEPENDS 
It para on the following factors. 
. Size of atom: In general, the A, HO value decreases (less 
negative) with increasing atomic “radius or size of an atom. 


A_H° or EA £ —— ~ 
eg Atomic radius 


Explanation: The larger the size of an atom, the larger 
is the distance between the nucleus and the last shell 
which receives the incoming electron. As a result, force of 
attraction between the nucleus and the incoming electron 
decreases and hence A, H® decreases (less negative value, 
i.e. energy released is lesser) (see Table 1.12). 


Table 1.12 AH” of some elements in kJ mol? 


Note the trend 
v oo ele Le eee ae 


He 
ol tL A ti 
Li | Be A NN NE Ne 
—60 | (~0) a F (+116) 
3 |Na |Mg |Al | Si A 
-53| (~0) | -44 | -119 N Cael Sa (+96) 
Ca. |Ga |Ge |As Se Kr 
a (~0) | -36 | -116 | -77 |-195 A (+96) 
Rb | Sr Sn Sb Te Xe 
—47 | (~0) a —120}-101 |-190 “oh (+77) 
Cs |Ba |TI |Pb Bi Po |At Rn 
—46 | (~0) | -30|-101 |}-110 |-174}-270 | (+68) 


2. Effective nuclear charge (Z, 5): The higher the Z ẹ the 


greater is the tendency of the atom to attract the incoming 
electron towards itself and hence the higher the amount of 
energy is released (1.e. Aue becomes more —ve). 

3. Electronic configuration: Elements with half-filled or full- 
filled orbitals are more stable. As a result, energy is required 
to add an incoming electron, since they do not accept the 
incoming electron so easily. 


Hence, A, a have high positive value. The effect of this 
factor on the magnitude of A, H° of an element can be 
understood by the following examples: 


a. A,,H® values of the 2nd groups: ns-orbital of the 
valende shell of the atoms of the 2nd group is completely 
filled and the addition of an extra electron to this ns- 
orbital is not possible. Consequently, the elements of 
the 2nd group have practically zero A, aH”, 

b. AH” values of N and P: The valence shell of N and 
P are: 

N = 25s” 2p; P = 35" 3p’ 

2p- and 3p-orbitals in N and P respectively are half- 
filled, and hence are extraordinary stable. Thus, the 
addition of an extra electron to these orbitals is not 


— 


A H® values 
eg 


————— 
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possible. Consequently, N and paaie a 
(N=+ 20.1 and P = -74 kJ mol). ; s 
on 
3 ns: The valence shell c eee 
a io, i o? a ) requires one electron to stabilise its 
naloge S 


ration 
nfiguration by attaining stable noble gas configu 
co 
(ns? np’). 


Thus, halogens ha 
electron. Consequently, they 


~ @) 
values of AH > 


© 
However. from Cl to j K A.gH d 


guration of 


son 


ve a strong tendency to accept one 
have very high negative 


ecreases, i.e. becomes less and 
less negative due to the corresponding increase in the size of the 
stoms: Th Cl. the incoming electron is added in 3p-subshell, in Br 
it adds in 4p-subshell while in I it adds to the 5p-subshell. 

As the distance between the nucleus and the sub-shell increases, 
the attraction between the incoming electron and nucleus 
decreases, hence AHO decreases (i.e. less negative) along the 


period (—) from Cl to Br to I. 
Exception (I): Generally, A.M” decreases (i.e. becomes less and 
less ve) down the group (). So, the decreasing order of A, HO 
should be F > Cl > Br> I. 
But the actual order observed is as follows 
C0 > F > Br > I 
EN: -349 -333 -325 -295 


Note: A..H™ of F is lower (i.e., less negative) than that of Cl. 


It is due to the very small size of F atom. There is strong 
electron—electron repulsion in the relatively small 2p orbitals 
of F and thus, the incoming electron does not experience much 
attraction. Hence, the incoming electron is not added easily as it 
is added in large 3p-orbitals of C1. 


Consequently, the A, mi © of F is less negative than that of Cl. 


Note: Among halogens, Cl has the highest (most —ve) Ae. 
Alternatively: 


Due to the very small size of F atom, the incoming electron 
experiences a strong repulsion between the seven non-bonding 
electrons on the F atom and incoming electron. So, the incoming 
electron is added with difficulty. However, due to the large size 
of Cl atom the incoming electron experiences very less repulsion 
between the seven non-bonding electrons and incoming electron, 
Consequently, the A. HH” of F is less negative than that of C1. 


Exception (ID): Similarly, AH” of some of the elements of the 
2nd period have less (—ve) value than the corresponding elements 
of the 3rd period. For example, 


A, H of some elements are as follows: (see Table 1.12) 


| B < Al, I N<P, O<s, 
-23<-44]|+20<-74 Ae hi, 


eel 


————— 


aes | 


F<Cl Pe 
and 322 < — 349 


The same explanation as gi 


1.14.6 A.gH° oF NOBLE GASES - 
ely filled subshells (7s" np ), therefore the 
the next higher principle quantum 
ctronic configuration. As ą 
dditional electron. That iş 


ven in exception (I). 


Inert gases have complet 
incoming electron has to enter 
level leading to a very unstable ele 
result, energy is required to add an a ti 
why AH of noble gases have large positive values. 


Down the group (1), the size of the atom increases and hence 


A. H® have lower positive values. 
eg 
A_H® of Ar (+ 96) is lower than that of Ne (+ 116). 
eg l 
However, A.gH° of He is the lowest (+ 48) of all the inert gases, 


This unexpected behaviour is due to its smallest size so it has much 
higher tendency to accept an incoming electron than any other 


inert gases. 


1.14.7 IMPORTANCE OF ELECTRON GAIN ENTHALPY 
Certain properties of the elements are predicted on the basis of 
values of electron gain enthalpy. 

1. The elements having high (—ve) values of electron gain 
enthalpy are capable of accepting electron easily. They form 
anions and electrovalent compounds. These elements are 
electronegative in nature. 


2. The elements having high (—ve) values of electron gain 
enthalpy act as strong oxidising agents, for example, F, Cl, 
Br, O, S etc. 


On the basis of the general trend of ionisation potential 


and electron gain enthalpy, the following properties can be 
predicted: 


a. Metallic nature decreases ina period while non-metallic 
nature increases. Metallic nature increases in a group 
while non-metallic nature decreases. The arrow (+) 
represents a group and (—) represents a period. 


Metallic Non-metallic 
Metallic 


Decreases: z . 
(electropositive) > Non-metallic 


Increases 
(electronegative) 


Increases D 
ecreases 


b. Reduci i 
neducing nature decreases in a period while oxidising 
re increases, The reducing nature increases in 3 
group while Oxidising nature decreases 
Reducing nature Oxidisi 
ng nature 
Reducing 


Decreases; 
nature 


Oxidising 


Increases 
nature 


Increases m 
ecreases 


c. Stability of the metal incre 
the metal decreases in a per 
decreases while the activj 


ases while the activity of 


iod and in a group stability 
ty increases. 


TT Nn 


——. 


Stability of the metal Activity of the metal 
stability of Increases; Activity of Decreases 
‘he metal the metal 
Decreases 


Increases 


This trend is observed especially 


in 1,2 and 13 group 
elements. 


d. The basic nature of the oxides decreases in a period 
while acidic nature increases. In a group, basic nature 


increases while acidic nature decreases, 


Basic nature of oxides Acidic nature of oxides 


Basic nature Decreases: Acidic nature Increases 
of oxides of oxides 


Increases 


Which of the following will have the most negative electron 
gain enthalpy and which the least negative? 
P, S, Cl, F. Explain your answer. 


Decreases 


‘Sa. Electron gain enthalpy generally becomes more negative 
across a period as we move from the left to the right. Within 


a group. electron gain enthalpy becomes less negative down a 
group. However, adding an electron to the 2p-orbital leads to the 
greater repulsion than adding an electron to the larger 3p-orbital. 
Hence, the element with the most negative electron gain enthalpy 


is chlorine: and the one with the least negative electron gain 
enthalpy is phosphorus. 


CI>F>S>P 


The amount of energy released when 10'* atoms of C] vapours 
are converted to CIF ions, according to the equation: 


Cl... +@€— Ca is —58 x 10° J atom! 
Calculate the AH” of CI atom in kJ mol” and eV atom”. 


Sol The amount of energy released when 1 mol (~ 6.0 x 107° 
atoms) of Cl are converted to CI® ions according to the above 
equation is AHS of CI vapours. 


i A. H° of C] vapours 


~58x107°J x6 x10” 
10 


=—348 x 10 J mol! 
-3.48 kJ mol! 
We know that 
l eV atom! = 96.49 kJ mol ! 
Therefore, A.gH° of Cl vapours in eV is 


— 3.48 


__ -1 
96.49 0.036 eV atom 
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The electron gain enthalpy of chlorine is 3.7 eV. How much 
energy in kJ and kcal is released when | g of chlorine is 


converted completely to Cl” ion in the gaseous state, (1 eV = 
96.3 kJ mol ') 


a. The electron gain enthalpy in kJ is represented as 
~ - u^) - 
Cl, +e —>Cl (gy + 3.7 eV 


Now, | eV atom ' = 96.3 kJ mol | 
3.7 eV = 3.7 eV x 96.3 kJ mol! 


Energy released when 35.5 g (1 mole) of chlorine ts 
completely converted to Chin ion = 3.7 x 96.3 kJ 


Energy released when | g of chlorine is completely 
_ 3.7% 96.3 


O e 
converted to C] (g) 10N 355 


= 10.04 kJ 
b. A. gH” in kcal 


(1 eV = 23.06 kcal mol!) 


_ 3.7.x 23.06 


A. He =2.4 kcal 


eg 35.) 


Write the electronic configuration of the element with atomic 
number of 9, 11, 21 and 36. Predict the following from these 
configurations: 

a. Which of them has the lowest ionisation potential? 

b. Which of them has the highest electron gain enthalpy? 

c. Which of them are non-metals? 
d 


- Which of them has zero electron gain enthalpy? 


“Sol. The electronic configuration of the given elements are 


Atomic number 
9 : 1s? 2s*2p° 
Il : 1s? 2s?2p° 3s! 
21: Is? 2572p* 3573p" 4s? 3a! 
36 : — Is” 2s°2p° 3573p? 4s`4d"'4p° 


a. The element with atomic number 11 has the lowest ionisation 
potential. 


Reason: Because after losing the most loosely bound 
electron it acquires a stable configuration. 

b. The element with atomic number 9 has the highest electron 
gain enthalpy. 
Reason: Tendency to acquire stable configuration on 
receiving an electron., 

c. The element with atomic numbers 9 and 36 are non-metals. 


d. The elements with atomic number 36 has zero electron gain 
enthalpy. 


Á — ——_—_——— TT 
a a E "i O° > S. (Same explanation as in (a) and (b). 


Which of the following has the high 
Give reasons. 
a. [Ne]3s-3p° 
ce. [Ne]3s°3p° 
‘Sol. Atomic number (Z) of (a). (D). (©) and (d) respectively are: 
10 + 5 = 15, Element ts P. 


d. O° > S? 
Due to small size of O atom, repulsion between the electron, 


est electron gain enthalpy. 
on O? and the additional incoming electron is much More| 


than in S° 
Hence, AH of O? is more +ve than that of S”. 


Give the decreasing order of A, HH of the following oe 
B, CEN, O: 


[GM N>B>C>O 

Explanation: N has +ve A, Ho because of its stable half. 
filled electronic configuration. Whereas in case of B, C and 
O. since the size decreases along the period (—) i.e.. from B 
to C and to O, thus A becomes more and more —ve from 


b. [Ne]3s°3p* 
d. [Ne]38°3p° 


a. Z= 
b. Z= 10 +6 = 16, Element is S. 
c. Z=10+7=17. Element is Cl. 
d. Z = 10 + 8 = 18. Element is Ar. 
The clement chlorine corresponding to electronic configuration 
(c) has the highest electronic affinity. Halogens have ns” np 
configurations due to which halogens show a strong ey to 


accept an electron to acquire inert gas configuration (ns? np 6), 


Therefore. (c) the highest (—ve) electron gain affinity value due BoC Oo. 
Spas very See Se Thus, the overall decreasing order of A, H is 
N>B>C>O. 


Arrange the elements with the following electronic configuration 
of valence electron in decreasing order of ADHS: 
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How many Cl atoms can you ionise in the process Cl > ce 


a. 3s-3p* b. 2572p" +e by the energy liberated for the process Cl + € — cre 

©. 2s°2p° d. 2s?2p° for one Avogadro number of atoms. Given IP = 13.0 eV and 
BRD «>> > a>d(WN>O>S>F) EA = 3.60 eV. 

Elements (b). (c) and (d) are of the 2nd period namely O, N and SGI Let n atoms be ionised. 


F respectively. whereas element (a) is of the 3rd period and is S 
atom. 


Out of F. O. N and S, only N has (+ve) A, De because of its 
stable half-filled electronic configuration. F, O and S have (—ve) 

AH But F has the most —ve A, ig , Since it requires one electron 
to acquire the nearest inert gas conti guration. 


Out of O and S, O has the less — ve A.,H® than S because 
of electron—<lectron repulsion present in its small and compact 
2p-orbital. 

Thus decreasing order of A.jH 1S 

c>b>a-d(N>+~O-S-F) 


Which one of the following pairs has higher A, A Hy 


s; S°.0 b. NP, P 
e S0 LOE, gE 
a. S->0 


Due to repulsion between the electrons on S~ and the 
additional incoming electrons AH” ofS 
that of O is —ve. 
b. N“ >P 
Due to repulsion between the electrons on N” and the 
addition incoming electron ApH of N° = + ve while that 
of P is — ve. 


+ ve unlike 


6.02 x 10” x EA =n x IP 


_ 6.02 x10” x 3.60 
7 13 


= 1.667 x 107° atoms 


1.15 ELECTRONEGATIVITY AND 
ELECTROPOSITIVITY 


Electronegativity (EN) is defined as the tendency of an atom to 
attract shared pair of electrons towards itself in a covalently bonded 
molecules. It is represented as x (pronounced as (chi) or EN. 

It may be noted that both IE and A. gH” relate to atoms in theif 
gaseous isolated state, whereas EN is a property of an atom in the 
bonded state. 

Unlike IE and A, git, itis not a measurable quantity. However, a 
number of sumonod scales of EN of elements, e.g. Pauling scale, | | 
Mulliken—Jafte scale, Allred—Rochow scale and Sidan s have 
been developed. The most widely used is the Pauling scale. Linus | 
Pauling, an American scientist in 1922 assigned arbitrarily a value | 
of 4.0 to F (fluorine), which has the greatest ability to attrac 
electrons. 

The EN of any element is not constant. It varies depending on 
the element to which it is bound. Although it is not a measurable 
quantity, yet it provides a means of predicting the nature of forc? 
that holds a pair of atoms together. 

B 


plectropositivity (EP) is a measure of an element’s ability to 
donate electrons, and therefore form positive ions; thus, it is 

osed to electronegativity. Mainly, this is an attribute of metals, 
meaning that for the most part, the greater the metallic character 
of an element, the greater the electropositivity. Therefore, the 
alkali metals are most electropositive of all. This is because they 
have a single electron in their outer shell and as this is relatively 
far from the nucleus of the atom, it is easily lost; in other words, 
these metals have low ionisation energies. 

While, electronegativity increases along periods in the periodic 
table, and decreases down groups, electropositivity decreases along 
periods (from the left to the right) and increases down the groups. 

Flectropositive shark repellent utilises electropositive metals 
as shark repellents, since they generate measurable voltages in a 
seawater electrolyte relative to a shark. 


1.15.1 VARIATION OF EN IN THE PERIODIC TABLE 
1. EN generally increases along the period (-), i.e. from 
lithium (Li) to fluorine (F) in the periodic table. 
2. EN generally decreases down the group (J), i.e. from 
fluorine (F) to astatine (At) in the periodic table. 


Note: F is the most EN element with a value of (4.0) 
(Pauling scale) and Cs is the least EN element. 


There are some exceptions to this general rule: 

a. Gallium and germanium have higher electronegativities 
than aluminium and silicon respectively because of the 
d-block contraction. 


b. Elements of the fourth period immediately after the 
first row of the transition metals have unusually small 
atomic radii because the 3d-electrons are not effective 
at shielding the increased nuclear charge, and smaller 
atomic size correlates with higher electronegativity (see 
Allred—Rochow electronegativity. 


c. The anomalously high electronegativity of lead, 
particularly when compared to thallium and bismuth, 
appears to be an artifact of data selection /(and data 


availability)—methods of calculation other than the 
Pauling method show the normal periodic trends for 
these elements. 


1.15.2 GROUP ELECTRONEGATIVITY 


In organic chemistry, electronegativity is associated more with 
different functional groups than with individual atoms. The terms 
Sroup electronegativity and substituent electronegativity are 
used synonymously. However, it is common to distinguish between 
the inductive effect and the resonance effect, which might be 
described as o- and n-electronegativities respectively. There are 
a number of linear free-energy relationships which have been used 
to quantify these effects, of which the Hammett equation is the 
best known. Kabachnik parameters are group electronegativities 
for use in organophosphorus chemistry. 
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1.15.3 FACTORS AFFECTING THE MAGNITUDE OF 


ELECTRONEGATIVITY 
1. Atomic radius: As two atomic radius of the element 
increases the EN value decreases. 
] 


EN Atomic radius 


Explanation: Atomic radii tend to decrease along the 
period (>) and increases down the group ($). The attraction 
between the outer (or valence) electrons and the nucleus 
increases as the atomic radius decreases in a period. 
Therefore, EN also increases. Likewise, EN values decrease 
with the increase in atomic radii down a group. This trend 
is similar to that of IE. 


2. Effective nuclear charge (Z,,,): The EN value increases as 
the Z ef ON the atomic nucleus increases. 


EN oc Leer 


3. Number of inner shells: The atom with greater number of 


inner shells has less value of EN than the atom with smaller 
number of inner shells. 


1 


BNO Number of inner shells 


For example, EN values of halogens decrease from 
F(Z = 9) to At (Z = 85), since the number of inner shell 
increases in the same order. Decreasing order of EN of 
halogens is 


F (4.0) > CI (3.0) > Br (2.8) > I (2.5) > At (2.2) 


4. Charge on the ion or oxidation state of the atom: The 


EN increases as the oxidation state (OS), i.e. the number of 
positive charge of the atom increases. But the EN decreases 
as the negative charge of the atom increases. 
EN œ +ve charge 
l 


and EN o« —— 
—ve charge 


Explanation: A cation attracts the electron pair more rapidly 
towards itself than its parent atom. This is due to smaller 
size of the cation as compared to its parent atom (i.e. size 
of M® < size of M). Thus a cation has higher EN than its 
parent atom. (EN of M® > EN of M), e.g. 

Decreasing order of EN = M” > M?* > M!* >M... 

Order of size = M > M‘ > M** > M* for example, the 
decreasing order of EN of some atoms and their ions. 

a. Fe** (1.96) > Fe? (1.83) > Fe(1.8) 

b. Pb** (2.33) > Pb** (1.87) > Pb (1.80). 


An anion has less tendency to attract the electron pair than its 


parent atom. This is due to larger size of the anion as compared to 
its parent atom (i.e. size of X® > size X). Thus, an anion has less 
EN than its parent atom. 


Decreasing order of EN = X > X° > X” 


Decreasing order of size = X^ > X°>X 


d 
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For example, F® ion has less EN value (0.8) than F atom (4.0). 

The chemical effects of this increase in electronegativity can be 
seen both in the structure of oxides and halides and in the acidity 
of oxides and oxoacids. Hence CrO, and Mn,O, are acidic oxides 
with low melting points, while Cr,O, is amphoteric and Mn,O, is 
a completely basic oxide. 


Thus, the atoms which have high positive Values of jy 
and A_ H® also have higher values of EN. | 
eg | 


For example, halogens (group 17) which have the hj Bh, 
IE and A, He also have highest values of EN. | 


The effect can also be clearly seen in the dissociation constants 
of the oxoacids of chlorine. The effect is much larger than could 
be explained by the negative charge being shared among a larger 
number of oxygen atoms, which would lead to a difference in pK, 
of log, (1/4) = — 0.6 between hypochlorous acid and perchloric 
acid. As the oxidation state of the central chlorine atom increases, 
more electron density is drawn from the oxygen atoms on to the 
chlorine, reducing the partial negative charge on the oxygen atoms 
and increasing the acidity. 

5. Nature and number of atoms (i.e. substituent attached 
to the atom): It is evident that EN of an atom is not the 
property of this atom in its isolated state but it depends on 
the number and nature of the atoms to which it is bonded. 
For this reason EN value of an atom is not constant. 


For example, EN of P atom in PCL molecule is less than 
that in PF 5 molecule. 


Similarly, EN of C atom in CF,Br is more than in CH,Br, 
because C-atom in CF,Br acquires greater positive charge 


than in CH,Br. 
F 
+ HY oo B 
F<—C —>Br u] —> Br 
F H 


6. State of hybridisation: The magnitude of EN increases 
as the s-character in the hybrid orbitals increases because 
s-electrons are comparatively near to the nucleus, and are 
more attracted or penetrated into the nucleus. 

For example, the EN values of C-atom in CH 4 (sp*), ethene 
(sp) and ethyne or acetylene (sp) are shown below in 
increasing order, 


a. Hydrocarbon CH, CH,= CH, HC=CH 


b. Hybridisation state sp? sp” Sp 
c. s-character 25% 33.33% 50% 
d. EN values of C 2.48 2:75 3.25 


Increasing order of EN 


It implies that CH, is unreactive, ethene is more reactive 
while ethyne is highly reactive. 


Moreover, the highest value of EN of C-atom in ethyne also 
accounts for its highly acidic hydrogen atom, i.e. acidic 
properties of ethyne. 


7. Ionisation energy (IE) and electron gain enthalpy 
(A,,H®): Higher IE of an atom means that it is difficult to 
remove the most loosely bonded electron from the atom 
which also means that A. Ho of that atom will also be 
greater. 


The concept of EN is used to predict the metallic, non-metal} 
character of elements and polarity of bonds. 


Similarly, alkali metals (group 1) which have the lowest} 
and AH” have the lowest values of EN. 


1.15.4 APPLICATIONS OF EN 


1.15.4.1 Metallic and Non-metallic Properties 


1. Non-metallic elements have strong tendency to gain 
electrons. 


EN œ Non-metallic properties of elements 
l 


(OREM ana E 


2. Thus, the increase in EN along the period (—) increases the 
non-metallic character (or decreases the metallic character) 
of elements. | 


3. Similarly, the decrease in EN down the group H) decreases 
the non-metallic character (or increases metallic character) 
of elements. 


1.15.4.2 Polarity of Covalent Bond 


In all homonuclear diatomic molecules such as hydrogen molecule 
(H,), chlorine molecule (CL), fluorine molecule (F,), oxygen 
molecule (O,), the electron pair or pairs is shared equally between 
the two atoms. This means that the shared electrons are equally 
attracted to both the nuclei and therefore spend equal amounts 
of time near each nucleus. As a result, the molecule is neutral 
non-polar. | 
In the heteronuclear diatomic molecule the bonding is different. 
Electronegative is defined as the tendency of an atom to attract 
electrons towards itself ina chemical bond. Thus, in heteronuclea 
diatomic molecule, both the atoms joined by the covalent bond 
possess different electronegativities. As a result, the atom having 
higher value of electronegativity attracts the shared electro? 
pair much more strongly than the other atom. For example, ! 
HF the electron pair is More attracted towards F as it is mof 
electronegative than hydrogen. Due to this, the fluorine end of th? 
molecule appears negative and the hydrogen end positive. Such 
molecules having two oppositely charged poles are called pol 
molecules and the bond is said to be a polar covalent bond. 


F 


F H———_______® fF 


® 
Equally shared Unequally shared 


A covalent bond, in which electrons are Shared unequally 2° j 
the bonded atoms acquired a partial positive and negative charg’ 
is called a polar covalent bond or a covalent bond between tW 
dissimilar atoms is a polar covalent bond. Two kinds of notati” 
are used to indicate a polar covalent bond. 


> 


H — F o H —F 
olar covalent bonds may be thought of as being intermediate 


petween the non-polar bond and the pure ionic bond. 


15.4.3 Characteristics of Polar Bond 


1. The polarity of the molecule is determined from their dipole 
moment (u) values. Higher the difference in EN of two 
bonded atoms, the higher is the dipole moment (u) of the 
molecule. 

2, Ionic character in a polar covalent bond: The concept of 
EN is also used to know the nature of bond and to calculate 
the percentage of ionic character in 4 polar covalent bond. 
These trends are summarised below: 


(where x and x, are the EN values of atoms A and B in AB 

molecule) 

a. When X; = Xp then A-B bond is non-polar covalent bond 
or simply covalent bond, eg. H,, Cl, and N, moleules. 

b. Where x,> Xp l.e. X4— Xp 18 small, then A-B bond is 
polar covalent bond and is represented as A®_R5+ 
Ka? Xe 
For example, both O-H covalent bonds in H,O molecule 
are polar covalent ponds and are represented as 
o®-H®, Since Xo > Xy and Xo- Xy is small. 

c When x, >> Xp i.e. x 4-Xp 1S very large, A-B bond 
is an ionic or polar bond and is represented As 
A®-BÊ, since X4>> Xg- For example, NaCl molecule 
is an ionic bond and is represented as Na®C1© 
(here Cl = A and Na is B). 


, since 


1.15.4.4 Percentage of ionic Character in 

Polar Covalent Bond 
lt two atoms A and B are linked by a polar covalent bond, the 
percentage of ionic character in this bond depends on the difference 
of EN values of A and B. 

1. Greater the difference (y Ap), greater is the percentage of 
ionic character in A-B bond. 

2. When (7,-7%,) = 1.7, the bond is 50% ionic and 50% 
covalent. 

3. When (7,,~7,,) < 1.7, the ionic character in A°B” is less 
then 50% and that of covalent character is more than 50%. 
Thus A°—B™ is predominantly covalent. 

4. When (x A Xp) > 1.7, the ionic character in AB 
than 50% and that of covalent character is less than 50%, 
hence A^-B* bond is predominantly ionic. 


Ionic character and stability of bond decreases 


as differencein electronegativity decreases 


tö is more 


SiH,, NCL, PH, and AsH, are unstable. Their EN differences 
are given below: 

EN differences in SiH, = (Xy — Xs; = 2-1 — 1-8 = 0.3) 

EN differences in NCL = 0u- ta" 3.0 — 3.0 = 0.0) 

EN differences in PH, = (Xp — Xy = 2-1 — 2-1 = 0.0) 
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EN differences in AsH, = (Xy - Xa, = 2.1 - 2.0 = 0.1) 

5. Pauling has estimated the approximate percentage of 
ionic character in various A-B covalent bonds from the 
(X,~ Xp ) values, i.c. electronegativity difference of the two 
atoms forming the covalent bond. 


Aa : | Percentage of Nature of | 
ionic character | A-B bond | 

0 0 | Purely covalent 

0.1t008 | 0.5-15 Covalent 

0.9 to 1.6 | | 19-47 | Polar covalent 

ivy a [30 | 50% ionic and 50% covalent 

1.8t03.2 -| 55-93 Ionic 


6. Hanny and Smith gave the following equation for calculating 
the percentage of ionic character in A-B bond on the basis 
of the values of electronegativity of the atoms A and B. 
Percent of ionic character = [16(%, — xp) + 3-5044 - 1a] 
This equation gives approximate calculation of percentage 
of ionic character, e.g. 50% ionic character corresponds to 
a= Xa) equal to 2.1. 

7. (Xo-X,) difference predicts the nature of the oxides formed 
by the element A. Xo is the EN of oxygen. 

a. If (xX -X,) is large, the oxide shows basic nature, e.g. 
Na,O. 

b. If (xo~Xa) is small, the oxide shows acidic nature, e.g. 
SO,. 

8. Ionic compounds having character < 20%, the compounds 
were found to be coloured, e.g. 


Compound => AgCl AgBr AgI AgS 
% ionic 
character > 22% 18% 11% 8% 
Colour > Whiteor Yellow Dark Black 
colourless yellow 
Lesser the percentage of ionic character, darker will be the 
colour. 


Calculate the percentage of ionic character in Cs—Cl bond in 
CsCl molecule, The electronegativity values of Cs and Cl are 
0.7 and 3.0 respectively, 


“Sol. Xap = Xer-Xes = (3.0 - 0.7) = 2.3 
Percentage of ionic character in Cs—Cl bond 
= [16 x 2.3 + 3.5 x (2.3)°] = (36.8 + 18.51) = 55.31 


Arrange the molecules, HF, HCl, HBr and HI in the decreasing 
order of the percentage of ionic character. Electronegativity 
values are as follows: 

H = 2.1 F = 4.0. Cl = 3.0. Br = 2.8. 1 = 2.5 


(SGU) Percentage of ionic character in H-F 
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QyrXy) = 0-21 1.9 
[lox 1.9435 Loy] 43 
ag ionic character in H-Cl 
Qe Xu) =30-21=09 

[lo 0.94 3.5 x (0.9)*] = 17.2 
aa of ionic character in HBr 
ar wD- ag-21=0.7 l 
= [16 x 0.7 + 3.5 * (0.7)*] = 12.9 
ag ionic character in HI 
5-2.1=0.4 


Xy = 25 i 
= [16 x0.4+3.5x (0.4)°] = 7.0 


as af ionic character = HE > HCL> HBr> HI 


1.15.4.5 Scales of EN (Measurement of EN) 

A number of scales have been developed to measure EN of the 
atoms. These scales are arbitrary and are based on various types 
of experimental data such as bond energy, dipole moment, IE and 
EA. Some of them are explained below: 

1. Pauling scale (1932): This scale gives a dimensionless 
quantity. commonly referred to as the-Pauling scale, on a 
relative scale running from around 0.7 to 3.98 (hydrogen = 
2.20). This scale is based on an emporical relation between 
the bond energy and EN of the two atoms bonded together 
(A-B) is given by the relation. 

The difference in EN between atoms A and B is given by 


ap | ] 
(Xs-Xp) = (eV) = \ Fa-p— z [Ea-a + Ep-B] (1.2) 


Note: 1 eV atom ! = 23.06 kcal mol” 


(23.06 = = 0.208 


(23.06)? 


Therefore. changing the value of eV in kcal mol ', Eq. (1.2) 
becomes 


] 
(Zap) = 0.208 E, 3 T 2 [Ex t Es] kcal mol! 


3) 


Another form of the equation can be written as 


l 
Orp" (ev)? [Ens = 4E sa *Ep-p F 


kcal mo!” ...(1.4) 


l 
= 0.208 [Es-n-VEa-a Epp?  ...(1.5) 


where 7, and 7, are the EN’s of two atoms A and B and 
E, p- E,_, and Ep p are bond energies of molecules A — B, 
A, and B, respectively in kcal mol`’. 

In Egs. (1.4) and (1.5), [Ex-» - VE,-4 * En-p] is known 
as ionic resonance energy of A-B bond and is denoted by 
^A,p: Thus, 


AaB” [E,-3 ~ VŒ,- * Eb-5] 


Substituting the value of A, _, in Eq. (1.4), we get 


)= 0.208 VAan in kcal mol” (1.6) | 


(Xa Xn 
Note: Converting tl 
(SI) unit, we know 
| eV atom | = 96.49 kJ mol! 


> Bi: 
he value of eV atom” into kJ moj 


l 
LEVY? = 964? 0.017 


-J ; 
Therefore, substituting the value of eV atom into kJ mof! 


in Eq. (1.2) and (1.4). 
From Eq. (1.2), we get 


l | i ~ 
(Xa X= 0.107 Ea E 2 [Env + Ep] kJ mol 


From Eq. (1.4), we get 


j 
(Xa — %p) = 0.107 [Exp — JEs-« * Ep-p P kJ mol! 
-- (1.8) 


= 0.107 JAy_p KJ mol” (1.9) 


Equations (1.7), (1.8) and (1.9) in kJ mol ' can be used and 
they give approximately the same result. 
Note: The dissociation energies of the A-B, A—A and B-B bonds 
are expressed in eVs, the factor (ev) ? is included to ensure a 


dimensionless result. 


2. Mulliken’s scale (1934): 
a. Mulliken proposed that EN of an atom is equal to the 


average of its ionisation potential (IP) and electron 
affinity (EA) values, when IP and EA of the atom are 
in eV atom’. 
„ - Da +A), 
ii 2 
If the values of IP and EA are taken in kcal mol`’, then 
p -= Pa HEA), _ 0P), + EA), 
* 2 x 62.5 125 


If the value of IP and EA are taken in kJ mo! !, then 
_ (P); + (BA), 
XA T 
540 


(1.10) 


(1.11) 


11?) 


Alternatively: However, it is more usual to use a linear 
transformation to transform these absolute values into 
values which resemble the more famili i 
iar Paul 7 : 
For IP and EA in eV, E 
Xa = 0.187 (IP + EA) + 0.17 
and for IP and EA in kJ molt, 
Xa = (1.97 x 10“) (IP + EA) + 0.19 ...(1.14) 
b. Mulliken’s values of EN are about 2.8 times more tha! 
the Pauling’s values. Hence to make the Mulliken’s values 


approximately equal to the Pauling’s values, then Eq. (1.11) 
becomes 


(1.13) 


x 


- aa 


_ MP), + (BA), _ (IP), + (ŒA), 


Xpouling 2x28 5.6 tal) 
OR 
= X Mulliken 
X Pauling 7 2.8 (1 .16) 


The constant 1/56 is called scale adjustment factor. This 
factor is used when IP and EA are taken in eV. 


c. In terms of electron gain enthalpy (A,,H° 
can be written as 


A.H® - AH 
Xa 


), Mulliken scale 


2 

where AH® represents ionisation energy. 
d. The Mulliken EN values are scaled down to match the 
IP+EA 


Pauling values by dividing in eV by 3.17 


The Mulliken EN can only be calculated for an element for which 
EAis known. The Mulliken EN of an atom is sometimes said to be 
the negative of the chemical potential. By inserting the energetic 
definitions of the IP and EA into the Mulliken EN, it is possible to 
show that the Mulliken chemical potential (hp is a finite difference 
approximation of electronic energy with respect to the number of 

8. 
electrons, 1 _ -(P+EA) 
2 
3. Allred-Rochow’s scale (1958): This scale is based on 
covalent radii. According to this scale, EN of an atom is 
the force of attraction between the nucleus of one atom and 


an electron of an adjacent atom bonded to it and separated 
from the nucleus by the covalent radius. Thus, 


Hu ~~ Xm 


Z 
EN or (%4) = 0.359 x 2 + 0.744 mae Ws 


where r is the radius of an atom in angstrom units (A°). The 


value of Z,,-is calculated on the basis of Slater’s rule taking 
all the electrons. 


The ionic resonance energy of C-H bond is ~ 6.0 kcal mol |, 
The EN of H is 2.1. Calculate EN of carbon ? 


Given: A. y% 6.0 kcal mol” 
(Sol. Ueta =().208 [E -s E Baus a Ep-B ij 


= 0.208 x (Ac_y)2 
] 
= 0,208 x (6.0)? = 0.208 x 2.5 = 0.52 
Xc = 0.52 + 2.1 = 2.62 


1.15.4.6 Bond Strength 


Ifthe EN difference of a covalently bonded atom (Ax) increases, 
the bond energy of the covalent bond also increases. For example, 
the decreasing order of the H-X bond strength is 


D 


Periodic Classification of Elements and General Inorganic Chemistry 1.45 


H-F > H-CI > H-Br > H-I 


As the bond strength is decreasing the acid strength is increasing. 


So the other increasing acid strength is 


HF < HCI < HBr < HI 


1.15.4.7 Acidic and Basic Nature of Oxides of Normal 


Elements in a Period 


1. The acidic nature of the oxides of normal elements increases 
along the period (—), due to the increase of EN of the 
elements from the left to the right in a period. 


The order of acidic or basic nature of the oxides of the 3rd 
period is given as under. 


Acidic nature is increasing 
Basic nature is decreasing 


- Acidic and basic character of XOH molecule in aqueous 
solution: Whether a given compound of XOH type (X = 
metal or non-metal) will behave as an acid or a base in 
aqueous solution is explained by considering the ionisation 
of XOH molecule in aqueous solution as follows: 


a. If Xo- Xy > Xo — X, then O-H bond will be more 
polar than O-X bond and hence the ionisation of XOH 
molecule in aqueous solution will take place at O-H 

bond and Lo” ions will be formed, as shown: 


X—0-+H+H,0 > X0° +H,0° 


The formation of H,0°® shows that XOH will behave as 
an acid in its aqueous solution. 


b. Ify,- XH < Xo Xy then X-O bond will be more polar 
than O-H bond and hence the ionisation of XOH 
molecule in aqueous solution will take place at X-O 

© 


bond and OH ions will be formed as shown: 
, © 
X + OH —> X® + OH 
X? + H,O —> [X(OH,)|® 


XOH + H,O —> [X(OH,)]® + OH 


© 
The formation of OH ions shows that XOH will 
behave as a base in its aqueous solution, 


c. From the above discussion it is evident that hydroxy 
compounds of metals such as groups 1 and 2 behave 
as bases in aqueous solution (except Be (OH),, which 
is amphoteric in nature) while those of non-metals like 
halogens behave as acids (see Illustration 1.5 1). 
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Arrange the following compounds in order of their decreasing 
stabilities: 

HF, CCl,, HBr, HI, HCI. 

(Given EN values of elements as below) 

H = 2.1, F = 4, Cl = 3.0, Br = 2.8, I = 2.3, N = 3.0 


S EN differences for: 
HF =40-2.1=19, 
HBr = 2.8 — 2.1 = 0.7, 
HCl = 3.0 —2.1 =0.9. 
The greater the differences in EN, the greater is the bond energy 
of the covalent bond and the greater is the stability of the covalent 
bond. 
So. the order of decreasing stability is 
[Compound]: HF > HCl > HBr > HI > Py 
lax l 19 09 07 04 00 


Predict which of the following hydroxy compounds is acidic 
and which is basic in aqueous solution: 
i. CSOH ii. IOH. 


EN values are: Cs = 0.7, O =3.5, H=2.1,1=2.5. 


NCI, = 3.0 — 3.0 = 0.0 
HI =2.3-2.1=0.2 


ES The EN values of different elements present in CsOH and 
IOH and those of xo — Xu» Xo Xcs and Xo — X, are given below: 
cs 28 o 14 y 1.0 1.4 


I — O-——_H 
EN => 0.7 3.5 21 25 3.5 2.1 


o 
Here Xo~Xcs (2-8) > x5-%, (1.0), so CsOH will give OH ions 


while IOH will give H,O° ions, consequently CsOH behaves as 
a base while IOH behaves as an acid. 


NaOH behaves as a base while Zn(OH), is amphoteric. Why? 


Sol In Na+ O-H, Xo Gna > Xo ~ lip therefore it is the Na—O 
bond breaks and releases OH ions. So, NaOH is basic. 


But in Zn ~ O ~ H, XoXzn = Xo Xp. therefore there is equal 
probability that the bond breaks in both ways (releasing both H,0° 


© 


and OH in agueous solution). So, Zn(OH), is amphoteric. 


1.15.5 DIFFERENCES BETWEEN AeH? AND EN 


These are summarised below: 


© 
AoH 


. Itis the tendency of an atom 
in a molecule to attract the 
shared pair of electrons. 


1. It is the tendency of an 
isolated gaseous atom to 
attract an electron. 


2. It can be measured experi- 2: 


mentally and is uay 
expressed in eV atom or 
kJ mol”'. 


It cannot be measured 
experimentally. It is only 
a relative number with 
respect to F taken as 4.0, 


. EN of an atom is noy 
constant. It depends on 
the state of hybridisation 
of the atom, e.g. EN of 
sp hybridised atom > sp? 
hybridised atom > sp 
hybridised atom. 


3; Aga of an atom is 
constant. 


It also depends on oxidation 
state (OS) of an element. 
EN œ OS. 


It also depends on the nature 
of substitutent attached to í 
EN of C in CF, Br > EN ọ 
C in CH,Br. 


) 
i 


It is property of bonded 
atom. i 


4. It is the property of an | 4. 
isolated atom. 


5. It does not change regularly | 5. It changes regularly in a 
in a period or group. period and there are certain|, 
exception in a group. 


1.16 SOME IMPORTANT BOND 
CHARACTERISTICS 


1. Bond length: The equilibrium distance between the centres! 


of the nuclei of the two bonded atoms is called its bond 
length. 


It is expressed in terms of Angstrom (1A° = 107!° m) or 
picometer (1 pm = 10"! m). It is determined experimentally 


by the X-ray diffraction or electron diffraction methods ot 
spectroscopic methods. 


a. Factors affecting bond length: 


i. Size of the atoms: Bond length increases with the 
increase in the size of the atoms, e.g. bond lengths of 
H-X are in the order as H-I > H -Br > H-Cl > H-F 

ii. Multiplicity of bond: The bond length decreases 
with multiplicity of bond, i.e. 

bond length of C=C <C=C<C_c. 

Types of hybridisation: Since s-orbital is smallet| 

is size, the greater the s-character, the shorter is the 

hybrid orbitals and hence shorter is the bond length, 

e.g. bond lengths of sp*, sp? and sp hybrid orbitals of 

C-H bond are in the order as: 

sp’ (C-H) > sp” (C-H) > sp (C-H). 

b. Calculation of bond length: Generally in case of 
heteroatomic molecule of AB type, bond length, Ce) 
is equal to the sum of covalent radii of A and B atoms 


dnp (1.18) 


=r th, 


j. 
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hough Eq. (1.18) holds good in most of the heteroatomic 
are yet the experimental value of d 
mnie 


(A-B) is found to be 
jontly less than the sum of, and rp. The decrease in bond length 
slig 


Jue to the ionic character in A-B bond. The increase in ionic 
iS 


haracter of A-B bond decreases the bond length, d 
ch 


(A-B) 
schomarkar and Stevenson (1941) Proposed the foll 


Owing 
formula for the calculation of bond length. 
0 
da-B) = Ta thy 9.09 (Xa- Xp) (1.19) 


(x and Xp are the EN’s of A and B elements.) 
A 


l ae 
~ da-m” -X = Xn) x Stability of AB molecule ssi 1,20) 


i.e. lesser is the value of (X4 — Xp), More will be the bond length 
and thus less will be the stability of AB molecule. 


Calculate the dy — cœ in (CH,),N molecule by using Eqs. 
(1.18) and (1.19) above and show from which equation 
dy-c) closely resembles with the experimental value of 
do = 1-47 A. 
Given: ry = 0.75 A, eo = 0.77 A, Nie 3.0; Ae = 2.5 

BE Using Eq. (1.18), we get 


dnc) =" tre = (0.75 + 0.77) A= 1.52 A 
Using Eq. (1.19), we get 


An cy = ry tre- 0.09 n= Xe) 


= 0.75 + 0.77 — 0.09 (3.0 — 25) 


| =1.475 Å 
The value of dy _c) Closely resembles the experimental value 


by using Eq. (1.19). 


2. Bond strength or bond energy or bond enthalpy: It is the 
amount of energy required to break one mole of bonds of a 
particular type so as to separate them into gaseous atoms. 
It is expressed in kJ mol”. 


a. Factors affecting bond strength: 


i. Size of the atoms: The greater the size of the atoms, 
the greater is the bond length and less is the bond 
dissociation energy or bond strength. 


ii. Multiplicity of bonds: The bond strength increases 
with the multiplicity of the bond, e.g. bond 
dissociation energy are in the order: 


N=N>O=O>H-H. 


iii. Number of lone pairs of electrons present: The 
greater is the number of lone pairs of electrons 
present on the bonded atoms, the greater is the 
repulsion between the atoms and hence the less is 
the bond dissociation energy. 


3. Bond angle: A bond is formed by the overlap of atomic 


orbitals. The direction of an overlap gives the direction of 
the bond. 


The angle between the lines representing the direction of the 
bonds, i.e. the orbitals containing the bonding electrons, is 
called the bond angle 

Alternatively: It is the angle between the orbitals containing 


bonding electron pairs around the central atom in a molecule/ 
complex ion. 


It is expressed in degree, minutes and second. For example, 
H-C-H bond angle in CH, H-O-H bond angle in H,O, 


H-N-H bond angle in NH, and CI-B-CI bond angle in BCI, are 
shown as: 


H 
c )109.5° Ns, 
u~ | a Je, 
H 
(CH4) (H20) 
() Cl 
N o 
AN> P 120 
107° Cl Gl 
H H 
(NH3) (BCh) 


a. Calculation of bond angles: 


i. The concept of EN has been found to be very useful to 
explain the variation of bond angle. 


For example, for AB, type molecule (A is the central 
atom, B are the atoms attached with atom A and x is the 


number of B atoms), the B-A-B bond angle is changed 


with the change of EN of central atom or with change 
of size of central atom 


Rule (i): If the EN of central atom decreases or/and size 
increases bond angle decreases. 
Bond angle (B-A-B) œ EN of central atoms and 
l 


E a U 
Size of central atom 


Table 1.13 Change of bond angle of hydrides of groups 15 and 
16 with change of EN and size of central atom 


(Hydrides EN of H-A-H bond 
of group central angle Bond angle 
15)(A=N, | atomA | decreases 


P, As, Sb) 


as EN of 
H-N-H = 107.5°| | central atom 
H_-P_H = 933° decreases 
As = 2.0 | H-As-H = 91.8° ont aia 
Sb=1.9 | H-Sb-H = 91.3° increases 


Decreasing order of EN of central atom A: N > P > As > Sb. 
Increasing order of size of central atom A: N < P < As < Sb. 
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H-A-H bond 
angle 


EN of 
central 
atom A 


"(Hydrides 
of group 
16) A=0,5, 


Bond angle 


Se, Te ot Bl decreases 

- central atom 
decreases 
or size of A 


Se=2.4 | H-Se-H=91° 

Te=2.1 | H-Te-H = 90° 

Decreasing order of EN of central atom A: 
O>S>Se>Te 

Increasing order of size of central atom A: 

O<S<Se<Te 
Explanation: For example, the angle of H,O > H,S (Figs. 
1.10(a) and 1.10(b)). 
The outer shell electronic configuration of group 2 
elements is ns” np* or ns? np? np, np. They undergo sp 
hybridisation, containing 2 lone pairs The expected bond 
angle is 109°, 28’. But due to greater /p—lp repulsion as 
compared to /p—bp repulsion, bond angle decreases. 


VP 
Pa 


increases 


as fs 95 | H-S-H =92.3° 


+ô ’ = +ô 
H 
92.3° 
Smaller distance Larger distance 
(closer bond pairs), (farther bond pairs), 
more repulsion. lesser repulsion 
Fig. 1.10(a) Fig. 1.10(b) 


Note: Charge — 25 on O > Charge — 26 on S. 

Similarly charge +6 on H in NH, > charge +ô on H in HLS. 

ii. Effect of EN: As O-atom has higher EN than S atom, O-H 
bond is sufficiently polar i.e. there is a significant more 
positive charge (+5) on H-atoms in H,O than on H-atoms 
in HS. So, there is greater repulsion between H-atoms in 
H,O and HLS. 

Hence H-O-H bond angle > H-S-H bond angle. 

iii. Effect of size: O-atom is smaller in size than S-atom. So, 
the bond length of (O-H) in H,O is less than the bond length 
of (S-H) in HLS. As a result H-atoms in H,O are quite close 
so that they repel each other and the bond angle (H-O-H) 
increases to 104.5° and the bond angle (H-S—H) decreases 

to 92.3°. 
Alternatively: With the decrease of EN from O (3.5) to Te (2.1), 
the A-H bonding electron pairs in AH, molecules are drawn farther 
away from the central atom (A) but nearer to H-atom. The effect of 
this shifting of bonding electron paris (bp) towards H-atom is that 


the repulsion between the bonding electron pairs (bp) and lone pairs 


(Jp) on central atom [(4p-/p) repulsion] increases. The increase 
in (bp-Ip) repulsion results in that bonding electron pair come 
still close to each other and hence the bond angle progressively 
decreases from H,O to H,Te. 


—— 


: ————— ee 
Similarly, the decrease in bond angle of the hydrides of ero, 


15 can also be explained. 


iv. For AB, type molecule, the 
with the change of EN of atom B. 


Rule (ii): If the EN of atom B decreases, the bond ang, 
(B—A-B) increases. 7 


B—A-B bond angle is chang, 


l 
Bond angle (B-A-B) « EN of atom B` 


This is evident from the data given in Table 1.14. 


Table 1.14 Change of bond angle of AB, molecules with thy 
change of EN of atom B 


Explanation: The decrease in bond angle, with increase of EN o 
atom B, the electron pair is attracted more towards more EN aton 
B, so the. bond pairs of electron are away from central atom A! 
or in other words, the distance between bond pairs is more. As: 
result the repulsion between the bond pairs in AB, molecule (wit! 
more EN of atom B) is less and the bond angle is less. 

For example, bond angle of NH, > NF, [see Figs. 1.11(a) an 
1.11(b)}. | 

Both NH, and NF, are pyramidal in shape with one lone pai 
on N. Since the EN of F > EN of H, the electron pair is attractel 
more towards F in NF,, i.e. bond paris of electrons are away fron 
N or in other words, the distance between bond pairs is more. 


As a result, the repulsion between the bond pairs in NF, is les 
than in NH,. 


Due to the greater repulsion between the bond pairs in 


than in NF,, the bond angle in NH, (107°) is greater than tha 
in NF, (102°). 


i 11 


N= z5 
e e 4 F° Toz >F 
<— More —> Net — Les —> Net 
repulsion repulsion 
Fig. 1.11(a) NH, molecule Fig. 1.11(b) NF, molcules 


ea 


— ption: (1) Bond angle of NBr, > NH, 
pxceP (ii) Bond angle of NMe, > NH, 
ted bond angle of NH, should be greater than NBr 
xper dangle is NBr, > NH 3 
` but observed bond ang 3 3° 


ccording to Rule (ii), if the EN of atom B decreases, 


the pond angle increases (EN of H = 2.1, EN of Br = 


2.8). l l 
since size of Br-atom is very large in comparison to 


he size of H-atom, so due to repulsion between Br 
atoms (1-¢- steric factor), the bond angle Br-N-Br 


N . 
I E increases. 
in 
Br 


@ Br 


Similarly, expected bond angle of NH, should be greater 
than NMe, but observed bond angle is NMe, > NH.. 


Same explanation as in (1), that is due to steric factor. 


ji. 


Rule iii: Molecules or ions without non-bonding electrons 
on central atom and having regular geometry, the change 
in EN of the central atom or the surrounding atom has no 
effect on the bond angle. 


For example, BF, BC1,, BBr,, etc. all have the same bond 


® 
angle of 120°. Similarly, CH,, CBr, CCL,, NH,, etc., have 
the same bond angle of 109°, 28’. 


Rule iv: For the molecule with same central atom with 
vacant d-orbitals, and with different B atom, the bond 
angle increases with the increase of EN of B atom having 
lone pairs of electrons. 


Explanation: For example, bond angle of PF, > PH, 
(opposite to NH, and NF,) (opposite of Rule (ii)). 

This is due to back bonding or (px—dm) multiple bond 
character. Due to this, PF, molecule shows resonance 


leading to partial bond character as shown in Figs. 1.12 and 
LB. 


(pn-dn) multiple bond 


Lone pair i or back bonding 
of electrons haaa 


P F: 
F hins More bond 
E: angle than PH3 
Vacant d-orbital 


Fig. 1.12 (a) PF, molecule 


Lone pair Vacant d-orbital 
of electrons 
a S Less bond 


(Here H-atoims do not have lone pair of 


electrons for the formation of pn-dn bond) 


Fig. 1.12 (b) PH, molecule 


ee <> 
N i v 
F: 
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ö 5 
P =~ P 
| 
| 
|] 
i] 


| 


F 


© 
P 
POs ia: 4 . 
e Ë 
® ep: ‘F: 


Fig. 1.13 Resonance structures of PF, molecule 


Due to this, the repulsion between P and F bonds is large 
and hence the bond angle is large. There is no possibility 
for the formation of double bonds in PH,, although P-atoms 
have vaccant d-orbitals but H-atom does not have lone 
pair of electron for back donation or for the formation of 
(pt—dr) multiple bond. 


. State of hybridisation: 


Rule v: State of hybridisation (sp, sp, sp’) is also 
used to determine the bond angle, since sp, sp’ and sp 
hybridisation have 180°, 120° and 109° 28’ bond angle 
respectively. 


Aa example, the bond angle of 
NO, (180°) > NO, (134°) > NO3(120°) > NOS, (115°) 
Explanation: 
@ 
e NO,: It has sp hybridisation with bond angle of 180°, as 


shown below: 
Ist formula: 


l 
Hybridisation (H) = 5 (V+ M— number of +ve charge) 


en a aS 
where V = number of valence e ’s (For N = 2s" 2p”, 


.. V=Se) 
M= number of monovalent atom attached to central atom 
= zero. 
1 
H= 5 (5+0-—1)=2=sp 
Alternatively: 


H = Number of bond pairs (bp) + Number of lone pairs (/p) 
OR 
= Number of bond pairs (bp) + Number of odd 
electrons (one unshared e ) 
+ H=24+0=2=sp 


® 
Hence the shape of NO, is linear with bond angle of 180°. 
xr ® x 


One bond 
pair each 


Note: 1 bond is excluded in bond pairs 

NO,: It has sp’ hybridisation with expected angle of 120° 

but observed angle is 134°. i 

Hybridisation = Number of bond pairs + Number of odd es | 
=2+1=3=sp 

OR f 

Hybridisation = 7 (V+ M+ Number of odd e s) 


(5+0+1)=3=sp° 


I 
2 
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Structure and resonance suuctures of NO, 


le? 
Pon Png A, 
° one Rae 
pair each 


Due to bp—bp repulsion (4e —2e repulsion), the bond angle 


is slightly increased from 120° to somewhat greater than 
134°. But there is also a repulsion between one odd electron 
(or one unshared e or one non- -bonding e ) and the bp (i.e. 
de” and le” respectively). The bond angle decreases to 134°. 


o 
WwW = % 
> N í ? a 
re Ne %, 
ENZ N. NS 


k ; ` NS 


O 134° O 
<— —> 
(bp-bp) 
(4e — 2e )repulsion 
D Note: (one €` — bp) repulsion > (bp — bp) repulsion. 
l NO,°: It is sp” hybridised with bond angle of 120°. It shows 
d three resonating structures. 


i _. 
H = 5 (V+ M+ number of — ve charge) 


2 
S r=) = (S) 
! 
O o O 


NO, ©: It is sp? hybridised with expected bond angle of 120° 
but seived angle is 115°. 


H= 5 (V+ M+ number of — ve charge) 


] 
= 5 S+0+ 1)=3 = sp’ hybrid 
Structure and resonance structure of NO, . 


Fr ae () © 
, N ẹ 

pÉ oo IN 
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Due to bp—hp repulsion (4e —2e repulsion), bond angle is 

slightly increased from 120° to somewhat greater 120°. But 
_ there is also repulsion between Jp and bp, which decreases 

the bond angle to 115°. 


Note: Here (Ip—bp) repulsion >> (bp—bp) repulsion and also, 
as in case of NO,, 

(Ip—bp) repulsion. > (one e —bp) repulsion. 

This repulsion produces bending effect in the molecule. 


(bp-bp) 
repulsion 


Comparison of bond aigle of NO, and NOP: NO, ; 
one non-bonding (or one nnshared e) iirc N 
has one lone pair of electrons (or two non- -bong 
e~’s). Hence, (/p—bp) repulsion in NO,° is greater | 
(one e —bp) repulsion in NO,, hence repulsion on the py 
pairs is more and the bond angle is less in NO, as compa 
to bond angle in NO,. 


i. i NO,” is sp hybridised and linear, bond angle is 180° 

ii. NO, is bent, due to (one e —bp) repulsion, bond angle; 
134°. 

iii. NO,” is sp” hybridised and planar, bond angle is 120° 

iv. NO,° is bent, due to (Ip—bp) repulsion, bond angle is 115 

Therefore, decreasing order of bond angle is 

NO,°® > NO, > NO,° > NO,° 


I. In which of the following triatomic molecules, the obsery, 
bond angle is 116°, 49’? 
a. H,O b. OF, c. CO, d. O, 
II. In which of the following molecules, bond angle is t 
maximum? 
a. BeCl, b. H,O c. HS d. CH, 


IHI. In which of the following molecules, bond angle betwe 
two adjacent covalent bonds is smallest? 


a. Be H, b. BF, c. NH, d. CCl, 
IV. Bond angle (H—S—H) in HS is close to 
a. 109° b. 107° c. 105° d. 902 3 
V. The hybridisation ofB in BF, is sp’. The bond angle in BF, 
will be 3 
a. 107° b. 109° c. 120° d 180° 


VI. Which of the following molecules contains a bond an 
which is smaller than the bond angle in CH Pes 


a. SF; b. SO, c.O, d. NH, s 


Sol 1. (a) 


For (a) and (b): H, Ö and ÖF, both are bent moleculesi 
which O-atom is sp? hybridised. Due ti 
(/p—lp), (Ip—bp) and (Sp—bp) repulsion, the boni 
angle is close to 104°. 


ro H E 


c. In CO,, C is sp hybridised and it is linear molecule wi! 
bond angle of 180°. 


:O oe co O: 
d. Only in O,, bond angie is close to 116° 49’, because th 
central O atom is sp? hybridised. Hence the answer" 


(d). 


j; 


- 


| 0 ra \ Of Ye, 
Fo 0: S 0 `O 
Ve 4 
Q: ' 
: 49 


Il (a) . 
In Bel les 


180° 
cl _ Re Cl 


ate. Ois sp hybridised and due to repulsion between 
k : i) (ip-bp) and (bp—bp), the bond angle is 104.59, 
(por 


Be is sp hybridised and it is linear Molecule 
angle is = 180°. 


In HS: S is sp hybridised but according to rule (i) 
n ” ee | 
the bond angle 1s 9? 3°. 


ĉ 


j. 1n CH, C is sp` hybridised, since there ig no lone pair 


of electrons, thus only (bp—bp) repulsions. Hence the 
bond angle is 109° 28’. 


Thus the answer is (a). 
m (€) 
a} BeH, is linear, the bond angle is 180°, 
b. BF, is trigonal planar, the bond angle is 120°. 


o InNH,.Nis sp’ hybridised and due to greater repulsion 


between (/p—bp) and (bp—bp) the bond an gle is reduced 
to 107°. 


d InCCl,,C is sp’ hybridised, the bond angle is 109°28’ 
as explained above for CH,,. 


IV (d): Refer to Section 1.16, Point 3(a). 


V (b): In BF Ê, B is sp? hybridised and the bond angle is 
109°28’. 


VI (a) 


2 In SF, S is sp°d hybridised having octahedral shape, 
each bond angle is 90°. 


b. In $0, 7 aN ) S is sp” hybridised but due to greater 
O/ . 
repulsion between ( Ip—bp) and (bp-bp), the angle 1s 
reduced to 118°. 


C, : > fe o ag 
©; is sp? hybridised and the bond angle is 116” as 


“plained above in Illustration 1.54 (J) (d). 
5 _ 
NH, is sp? hybridesied, since due to the absence of lone 


Pair electrons on N atom, thus only (bp-bp) repulsions, 
ŝo bond angle is 109° 28’. 


Hence the answer is (a). 


— 
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1.17 PERIODIC TRENDS IN 


CHEMICAL PROPERTIES (SOME 
OTHER PERIODIC PROPERTIES) 


Some of the trends in chemical properties of elements are described 
below, 


1.17.1 PERIODICITY OF VALENCE OR OXIDATION 
STATES 


The valence or oxidation State is very important property of 


elements and can be understood in terms of their electronic 
configuration. 


The electrons present in the outermost shell of an atom are called 


valence electrons, and their numbers determine the valence or 


„valency of the atom. 

The valence of the s and p block (representative) elements is 
usually equal to the number of electrons in the outermost orbitals 
and/or equal to eight minus the number of the outermost electrons. 


However, transition and the inner transition elements show 
variable valence due to the participation of not only the valence 


electrons but d- and f-electrons also in the bond formation. But 
their most common valence are 2 and 3. 


1. Variation of valence in period: Along the period (—>) the 
number of valence electrons increases from | to 18. But the 
valence of elements, w.r.t. H or O first increases from | to 


4 and then decreases to zero. These trends are observed in 
the valence of hydrides and oxides. 


To explain the concept of valence or oxidation state. consider 
the two compounds containing oxygen, OF, and Na.O. 


The decreasing order of EN of F. O and Na are 
F>O>Na 


Outer electronic configuration of F = 2s 2 


p. 

Each of the atom of F shares one electron with oxygen 
in the OF, molecule. Being the highest electronegative 
element, fluorine is given oxidation state —l. 
are two fluorine atoms in this molecule. OXY 


. , . TE 
outer electronic configuration 2s~ 2p* sh 


Since there 
gen with the 
ares two electrons 
with fluorine atoms and thereby exhibits oxidation State +2. 
In Na,O, oxygen being more electronegative accepts two 
electrons, one from each of the two sodium atoms and, thus. 
shows oxidation state -2. On the other hand, sodium w ith 
electronic configuration 3s! loses one electron W oxygen 
and is given oxidation state +1. 
Thus, the oxidation state of an element in a particular 
compound can be defined as the charge acquired by its atom 
on the basis of electronegative consideration from other 


atoms in the molecule, 


2. Variation of valence in a group: Down the group (L). the 
number of valence electrons remains the same, so all the 
elements in the same group exhibit the same valence. 


ee ee 
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he formulas of compounds 
lements: (a) 


predict t 
y the follow 
luminium and sulphur. 


Using the periodic table. 
which might be formed b 
silicon and bromine (b) a 


a. Silicon 1s group 14 element with a V 
belongs to the halogen family with a valence of 
the formula of the compound formed would be SiBr, 

group 13 with a valence of 3; sulphur 

lements with a valence of 2. Hence, 


pound formed would be ALS. 


ing pairs of € 


alence of 4: bromine 
1. Hence, 


b. Aluminium belongs to 
belongs to group 16 e 
the formula of the com 


1.18 TYPICAL ELEMENTS 
re also called as typical elements. 
These include Na. Mg. Al. Si. P, S, Cl. The properties of all 
elements belonging to 4 particular group resemble the properties 
of the corresponding typical element of that group. For example, 
the general properties of alkali metal can be predicted from the 
behaviour of Na. not Li, the first member of the family. 

The typical elements (all having n = 3) can take up 18 electrons. 
Note that for these elements 3d sub-shell is available but it is not 
filled. i.e. these have vacant d sub-shell. This is not the case with 
second period elements, hence they have somewhat different 
properties than the rest of the group or we can say that it is the 
typical element. which in true sense represents a group. 


1.19 BRIDGE ELEMENTS 


Elements of the IInd period are also called as bridge elements. 
The properties of these elements resemble the properties of 
elements of the IJIrd period placed diagonally, as shown. 


Elements of third period a 


Number of group = 4 
| Number of periods = 2 
| Pairs of elements diagonally placed = 3 


1.20 ANOMALOUS PROPERTIES OF 
THE SECOND PERIOD ELEMENTS 
(DIAGONAL RELATIONSHIP) 


The first elernent of each of the groups 1 (lithium) and 2 (beryllium) 
and groups 13-17 (boron to fluorine) differs in many respects from 
the other members of their respective groups. 

For example, lithium unlike other alkali metals, and beryllium 
unlike other alkaline earth metals, form compounds with significant 
covalent character, the other members of these groups mainly form 
jonic compounds. The behaviour of lithium and beryllium is more 
similar with the second element of the following group, i.e. My 
and Al respectively. This is called diagonal relationship in the 


periodic properties. 


Property 


Metallic 
radius 


(M/pm) 


lonic radius 
(M°/pm) 


The anomalous behaviour 1s due to the 


e small size 

e high charge de 
e high polarising power 
e high EN of the element 


nsity (charge/radius) ratio 
[Ionic charge/([onic radius) 


Explanation: 
1. Along the period (—>), EN of the element increases whil 
down the group (J) electropositivity of the elemen 


increases or EN decreases. 

These two effects tend to cancel each other in movin, 
diagonally from the top left to the bottom right. Therefor 
the elements diagonally related in this way tend to hay, 
similar properties. They form similar compounds thoug 
the valency is different. Sometimes the diagonal relationshy 
| Ionic charge | 


is explained in terms of polarising power | 7 > 
(Ionic radius)” 


On moving along a period, the charge on the ions increase 


while ionic size decreases hence polarising power increase 
On moving down the group the ionic size increases ai 
hence polarizing power decreases. On moving diagonal! 
these two effects cancel each other to some extent and hene: 
properties remain similar. 


2. The first member of the group has only four valence orbitat 
(2s and 2p) available for bonding, whereas the secor 
member of the groups has nine valence orbitals (3s, 3p an 
3d). As a consequence of this, the maximum covalency ° 
the first member of each group is 4, e.g. boron can 
form [BF], whereas the other members of the groups % 


ex ir 
pand their valence shell to accommodate more than t% 
a = . ` ~ 3 
pairs of electrons, e.g. aluminium forms [AIF] 
F: 


3. Because of the smaller size and the higher EN the fis 
member of p-block elements displays greater ability to fort 
pm—pt multiple bonds to itself (e.g. C=C. C=C, N= 
eree pea other second period elements (e.g. cA 
ccd ied =O) compared to subsequent members of th 
same group. 


onl ` 


Note: Diagonal relationship between (i) Li and Mg is due to! 


same charge density (ii) between Be and Al is due to sam 


charge density and EN (iit) between B and Si is due to samme 


size, EN and IE. 


GONAL RELATIONSHIP BETWEEN 
DIA 


) 520° irHiIUM AND MAGNESIUM 
| (CHEMICAL PROPERTIES) 


n Jet us consider diagonal relationship between 
J onl. i 
„jystratiC i 
„an illt nesium. 
As magne . a 
iol and gius of Li® is 0.60 A and that of Mg is 0.65 A. 
i ra D t l 
pi ri ' orm normal oxide 
if . 


to 


yi+0 7? 2Li,0 


. sact with nitrogen to form nitrides, Li. N g 
goth of them react ith nitrog des, Li,N and 


wey 


md N; — 2LiN = LiOH + Nh, 

3Mg +N, —~ Mg,N, —— Mg(Oh), + NH, 
1 Th air hydroxides and carbonates are unstable and decompose 
on heating 

LiOH -2> Li,O + H,O 

Mg (OH), -> MgO + H,O 

1.00, + Li,0 + CO, 

MgCO, 4+ MgO + CO, 


3, Their halides and alkyls being covalent in character are 
soluble in organic solvents. 


1.20.2 SIMILARITIES BETWEEN LITHIUM AND 
MAGNESIUM 


1. Both combine directly with nitrogen and their nitrides with 
water give ammonia. 


2. Both do not form solid bicarbonates. 
3. Hydroxides of both give oxides on heating. 


4. Their fluoride carbonates and phosphates are less soluble. 


1.20.3 SIMILARITIES BETWEEN BERYLLIUM AND 
ALUMINIUM 


L. Both are silvery white, good conductors of electricity. 
2. Both become passive with conc. HNO.. 

3. Their hydroxides are amphoteric. 

4. They liberate hydrogen from acids and alkalis. 

5. Both combine with nitrogen, carbon, silicon and boron. 


Are the oxidation state and covalency of Al in [AICK(H,O),}° 
same? 


BD vo. The oxidation state of Al is +3 and the covalency is 6. 
ÁT Ú a ee 


1.21 PERIODIC TRENDS AND 


CHEMICAL REACTIVITY 


It has been observed that there is a periodic trend in certain 
ndamental properties such as atomic and ionic radii, ionisation 
enthalpy, electron gain enthalpy and valence, and the periodicity 


= 
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is related to electronic configuration, That is, all chemical i 
physical properties depend on the electronic configuration O 
elements. 

1. Relationships between these fundamental properties of 
clements with their chemical reactivity: The atomic and 
ionic radii generally decrease along the period (>). ip 
consequence, the ionisation enthalpies generally increase 
(with some exceptions) and electron gain enthalpies become 
more negative across a period. In other words, the ionization 
enthalpy of the extreme left element in a period is the least 
and the electron gain enthalpy of the element on the extreme 
right is the highest negative. (It is noted that noble gases 
having completely tilled shells have rather positive electron 
gain enthalpy values.) This results into high chemical 
reactivity at the two extremes and the lowest in the centre. 
Thus, the maximum chemical reactivity at the extreme left 
(among alkali metals) is shown by the loss of an electron 
leading to the formation of a cation and at the extreme right 


(among halogens) shown by the gain of an electron forming 
an anion. 


This property can be related with the reducing and oxidising 
behaviour of the elements. 


It can be directly related to the metallic and non-metallic 
character of elements. Thus, the metallic character of an 
element, which is highest at the extremely left decreases 
and the non-metallic character increases along the period. 


Metallic character decreases 


Non-metallic character increases > 


The chemical reactivity of an element is shown by its 
reactions with oxygen and halogens. Elements on two 


extremes of a period easily combine with oxygen to form 
oxides. 


The normal oxide formed by the element on extreme lef 


is the most basic (e.g. Na,O), whereas that formed by the 
element on extreme right is the most acidic (e.g. CLO). 


Oxides of elements in the centre are amphoteric (e.g. ALCL, 
As,0,) or neutral (e.g. CO, NO. N,O). Amphoteric oxides 
behave as acidic with bases and as basic with acids, whereas 
neutral oxides have no acidic or basic properties. 
. Among transition metals (3d series), the change in atomic 
radii is much smaller as compared to those of representative 
elements across the period. The change in atomic radii is 
still smaller among inner-transition metals (47-sertes). The 
ionisation enthalpies are intermediate between those of s- 
and p-blocks, As a conseque 


nee, they are less electropositive 
than group | and 2 metals. 
In a group, the increase in atomic and ionic radii with the 
increase in atomie number generally results in a gradual 
decrease in ionisation enthalpies and a regular decre 


ase 
(with exception in some third period ele 


ments) in electron 
gain enthalpies in the case of main group elements. 
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Show by a chemical rea 
oxide and CLO; is an acidic oxide. 


So. Na, O with water forms a 
strong acid. 


Their basic or acidi 


ction with water that Na,O is a basic 


strong base whereas C1,0- forms 


Na,O + H,O —> 2NaOH 
C1,0, + H,0 — 2HCIO, 


c nature can be qualitatively tested with 


litmus paper. 


Predict the formulae of the stable binary compounds that would 
be formed by the following pairs of compounds: 

a. Aland C] b. Mg and J 

c Element 113 and F d. Si and 5 

e. Element 119 and oxygen. 


h 3e in its valence shell 


a. Al is an element of group 13 wit 
Therefore, its valence = 3. 
Cl is an element of group 17, with 7e in its valence shell 
therefore its valence = 8 7 = I. 
Formula = AICI, 
b. Mg is an clement of group 2, with 2 e in its valence shell 
Therefore, its valence = 2. 


1.22 MAGNETIC PROPERTIES OF 


Each element has some kind of magnetic properties associated 
with it. These properties are direct consequence of the electronic 
configuration of the atom. When a magnetic field is applied to 
substances, mainly two types of magnetic behaviour are observed: 


ELEMENTS 


(i) Diamagnetism and (ii) Paramagnetism. 


Diamagnetic substances are weakly repelled by the magnetic 
applied field and have all the electrons paired in their atoms, 


e.g. NaCl and H,O. 


Paramagnetic substances are attracted by the magnetic 
applied field and has one or more unpaired electrons in their 


N pot nt 
atoms, e.g. Cuv , Fe’. Cr’ and O,,. 


Substances which are strongly attracted by the magnetic 
applied field are said to be ferromagnetic. In fact, 


ferromagnetism Is an extreme form of paramagnetism. 


oa [105 [106 [107 | vox] 109 
bacal -d 
| s-block J oc, 


Ji 


Į isan e 
Therefore, its valence = 


_ Sj is an element of group l4 with 4e 


. Element (X) (Z 


n its valence she 


lement of group 17. with > 7e 1 
§—7=1. 


Formula = MgCl, 


= |13) lies in group 13. and 7th Perigy 
onic configuration is 757)! 


| 


Element (X) (At. no. 
Hence. its outer shell electr 


therefore its valence = 3. 

F belongs to group 17 with 7e inits va 
its valence = 8 — 7 = l 

- Formula = XF.. 


lence shell. Therefor 


in its valence shell 


Therefore. its valence = 4 

S is an element of group 16 with 6e 

Therefore. its valence = 8 — 6 = sA 
Formula = SiS, 

- 119) lies in group l. and 8th period, Heng 

8s'. Therefore, jt 


in its valence shel] 


its outer shell electronic configuration Is 


valence = | 
O is an clement of group 16 with 6e in its valence shell 
Therefore. its valence = 8 — 6 = 2. 


Formula X.O 


Ferromagnetic substances keep their magnetism even after 
the field is remained while paramagnetic and diamagnetit 
substances fail to do so. Fe, Co and Ni are some examples 
of ferromagnetic substances. 


Paramagnetism is due to the presence of unpaired electrons 
An electron in an atom which has two types of motion, one of 
its motion 1s about the nucleus (orbital angular momentum) 
and the other is its spin about its own axis (spin angulë 
momentum). 


A single electron spinning about its own axis generates ’ 
magnetic field. For two electrons in an orbital, the spins af 
opposite and hence the fields cancel each other. hence tht! 
have zero magnetic moment value. 


When there are one or more unpaired electrons in them. t 
unpaired electron gives rise to a magnetic field on accout" 
of its spin and because of the angular orbital moment. 


gnetic moment ([1,,,) of the first row of transition metal 
a 


6. | as is given by general formula: 
i0 


lice, = VAS S+D FL E+) 


here, 5 is the sum of spin quantum numbers and L 
y the orbital angular momentum quantum numbers. 
0 à 
for an electron, spin quantum number, S = +1/2, Hence, 
gesxn(n= number of unpaired electrons). 


= sum 


For the compounds of the first series of transition metals, the 
contribution of the orbital angular momentum is effectively 
quenched and hence is of no significance. For these the 
magnetic moment is determined by the number of unpaired 
electrons and is calculated by using ‘spin only’ formula. 
Taking L = 0, the magnetic moment is given as 


u, = V4S (S +1) 
in terms of n (number of unpaired electrons), u, is given by 
u, = y” (n+ 2) BM (Bohr magneton) 


7. Itis measured in Bohr magneton (BM). 


1BM= 7 =9.27 x 107" ergs gauss”! 


or 9.27 x 104 x J Tesla? or 9.27 x 1077 A m2 


where h is the Planck’s constant, e is the electronic charge, 
__cas the velocity of light and m is the mass of electrons. 


Note: The orbital motion in 4f orbitals is not quenched, as in the 
case of d-block elements. Hence the observed paramagnetism in 
4 f-block elements is due to both orbital motion of the electron 
and its spinning round its axis. 


When n= 1,p,= 101+ 2) = 3 =1.73 BM 
n= 2, u, = /2(2+2) = V8 = 2.83 BM 
n= 3, u, = .8(3+2)= 15 =3.87 BM 

and so on. 


“- H, © n (number of unpaired e7’s). 


Give the decreasing order of magnetic moment of the following: 
a. Ca b. Al ENE d. O 


a. Electronic configuration of Ca = 4s"; n= 0, p= 0. 

b. Electronic configuration of Al = 3s” 3p'; n= 1, p = V3. 
€. Electronic configuration of N = 2s” 2p; n=3, u= /15. 
d. Electronic configuration of O = 25? 2p'; n=2,p= V8 


pP 


j tor 
| Hence, the decreasing order of magnetic momen 
paramagnetism is 


N>O>AI>Ca 
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Which element in 3d, 4d and 5d transition series has the highest 
paramagnetism in 


a. elemental form 
Cr ELOS, 


[O.S. = oxidation state] 


ari elemental form: 
3d series: Cr (Z = 24) = 3d° 4s!; n= 6 u= J6+(6+2) 
= J48 BM 
4d series: Mo (Z= 42) => 4¢° 5s'; n=6, u= V48 BM 
Sd series: W (Z = 74) => 5d 65°; n= 4, u= V24 BM 


But Re has the highest number of unpaired e , as shown: 
Re (Z= 75) => Sd 6s": n =5, V35 BM 
b. In +1 oxidation state: 


b.+ 10S. 
d.+30S. 


3d series: Mn (Z = 25) > 3¢° 45°, Mn!* = 3 4s!; n=6, u 


= /48 BM 
4d series: Tc (Z= 43) > 4d 53°, Te!* = 4d 5s!:n=6, n= 


J48 BM 


Sd series: Re (Z = 75) > Sd? 63°, Re!” = 5d 6s!: n = 6, 
u= J48 BM 


c. In +2 oxidation state: 


3d series: Mn (Z = 25) => 3d? 4s’, Mn” = 3d°, 45°: n= 5. 


u= 35 BM 
4d series: Tc (Z = 43) => 4d? 5s*, Tc™ = 4d° 55°. n = 5, 
u= J35 BM 


Sd series: Re (Z = 75) > 5@ 6s°, Re” = Sd 65°: n=5, u 
= 735 BM 
d. In +3 oxidation state: 


3d sereis : Fe (Z = 26) = 3d° 49°; Fe™* = 3a? 45°: n=5, u= 


J5 BM 


4d series : Ru (Z = 44) = 4d’ 5s! (exception electronic 
configuration). 

n Ru = 4d 58°: n= 5, u= V35 BM 

Sd series: Os (Z = 76) > Sd° 7s"; Os% = Sa° 75°: n= 5. 
u= V35 BM 


Note: 


i From the above calculation it is clear that in the 
elemental form (zero OS), group 6 has the highest u, 
except W, in Sd series, but it is Re of group 7. 


ii. In +1 OS, group 7 has the highest p. 
iii. In +2 OS, again group 7 has the highest p. 
iv. In +3 OS, group 8 has the highest p. 
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1.23 FAJANS’ RULE AND CHANGE 
OF IONIC CHARACTER TO 
COVALENT CHARACTER 


When two oppositely charged ions of unequal size approach each 
other closely (during formation of an electrovalent bond), the ion 
smaller in size attracts the outermost electrons of the other ion and 
repels its nuclear charge. The net result is distortion or polarisation 
of the bigger ion. This distortion is usually done by the cation as 
its size is smaller than the anion (Fig. 1.14). 


(b) Polarised anion 


anion 


(a) No polarisation 


Fig. 1.14 Representation of polarisation 


The electron cloud of anion no longer remains symmetrical but 
is elongated towards the cations. The ability of a cation to polarise 
the nearby anion is called its polarising power and the tendency of 
an anion to get distorted or deformed or polarised by the cation is 
called its polarisability. Due to polarisation, sharing of electrons 
occurs between two ions to some extent and the bond shows some 
covalent character. This is shown in Fig. 1.14. 

Polarising power of cation (@) is calculated as 

Ionic charge 


7 (Ionic radius)? 

The magnitude of polarisation depends upon a number of factors 
or the increased covalent character is favoured by a number of 
factors. These factors were suggested by Fajans’ and are known 
as Fajans’ rules. 


1.23.1 FAJANS’ RULES 

1. Charge on the cation: As the charge on the cation increases, 

its tendency to polarise the anion increases. This brings more 
and more covalent nature in the electrovalent compound. 

For example, in the case of NaCl, MgCl, and AICI, charge of 

cation increases and polarisation increases,thereby covalent 

character becomes more and more as the charge on the cation 

increases. 

charge | the chloride chloride, °C 

800 Covalent 

712 Character 


Increases 


Sublimes 


Similarly, lead forms two chlorides PbCI, and PbC], having 
charges +2 and +4 respectively. PbCl, shows covalent 


nature. 

In general, if a metal] forms more than one halide, the halide 
having higher charge on the cation (i.e. higher oxidation 
state) is usually more covalent in nature in comparison to 
halide having a cation with lower charge, i.e. lower oxidation 
state or in other words, the melting point of the halide having 
higher oxidation state is less than the melting point of halide 


having lower oxidation state. 


2. Size of the cation: Polarisation of the anion increases ag, 
size of the cation decreases, i.e. the electrovalent compoun ‘ 
having smaller cations show more of the covalent natun 
For example, in the case of halides of alkaline earth Meta} 


the covalent character decreases. 
_ Melting point of ¢f 
: chloride, °C 


q 
a, 
oh 


Meltin 
ecreases 


d 


Covalent character 
increases 


Low melting point indicates more covalent nature. 

3. Size of the anion: The larger the size of the anion, mop, 
easily it will be polarised by the cation, i.e. as the size y 
the anion increases for a given cation, the covalent characte, 
increases. For example, in the case of halides of calcium 
the covalent character increases from F° anion to I° anion, 
Anion | Formula Melting point of the 

ize | of the | 


2 halide, °C 
) | halide a 


g point 
ecreases 


Meltin 


d 


= 
O 
— 
Q 
faw] 
— 
la] 
-< 
Y 
os 
fæ 
2 
S 
> 
Ee) 
J- 


Similarly, in the case of trihalides of aluminium, the covalent 
character increases with the increase in size of the halide 
anion. 

Al R < AICl; < AlBr; < All, 


Covalent character increases as 
the size of the halide ion increases 


4. Configuration of the cation: The cations with 18 electrons 
in the outermost shell bring greater polarisation of the anion 
than those with inert gas configuration, even if both the 
cations have same size and same charge. For example, CuCl 
is more covalent than NaCl. 


0.96 A 
CuCl 


800°C 


In general, all those electrovalent compounds having hig! 
values of polarisation (more covalent character) are found 
be less soluble in water but more soluble in organic solvents 


Size 
Compound 


Melting point 


The following examples support this view: 

a. Sulphides are less soluble in water than oxides of th 
same metal. 

b. Lithium salts are soluble in Organic solvents. 


e Beryllium compounds are less soluble than th 
corresponding other alkaline earth metal compounds: 


“a 


d. The solubility of aluminium halides decreases from AIF, 

| to All. 

Points to remember: B 

1. On moving down a group, the polarising power of the 

l cations goes on decreasing, 

2. Polarising power of the cations increases in moving 
from the left to the right in a period. 

3, The polarisability of the anions by a given cation 
decreases in moving from the left to the right in a period. 

4. The polarisability of the anions by a given cation 
increases moving down a group. 

5. Increase of polarisation brings more of covalent 
character in a compound. The increased covalent 
character is indicated by the decrease in melting point 
of the compound. 

Examples: 

Polarisation increases —> 

Covalent character increases + 


Melting point decreases > 
NaF < NaCl < NaBr < Nal 
(Size of anion increases) 


m.pt. (°C) 
988) = 6801... S755. 651 


iN (°C) |CaF, < CaCl, < CaBr,< Cal, 


(Size of anion increases) 
1392 S 7712 > 0 S> 575 


BaCl, < SrCl, < CaCl, < MgCl, < BeCl, 
(Size of cation decreases) 
960. > 872 > 712 ->= 712->405 
E7 NaCl < MgCl, < AICI, 
(Charge on the cation increases) 
801 > 712 > sublimes 
hae ee 
(Size of the cation decreases) 
£. |GeCL, < GeCl,; SnCL < SnCl,; PbCL, < PbCl, 
HF <H,O < NH, <CH, 
HF < HCI < HBr < HI 


e TE, N fie 
rE r ie a P ME 
Melting point decreases 
2. Solubility in polar solvent 
decreases 


3; Solubility in non-polar | 3. Solubility in non-polar 
Solvent increases solvent decreases 


4. Acidic property of oxides | 4. Basic property of oxides 
increases increases 


5, Non-metallic character | 5. Metallic character in- 
increases creases 
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Give the decreasing order of the acidic properties of oxides. } 
(Sol. Since the anions are same, so first check the charges on 
the cations. 


The higher the charge on the ions, the more covalent or more 
acidic is the nature. 


a. Zn?" O% b. K? O°, 
+5X2 -2x5 
ce P2 Os d. MgO% 


Since the charge on MgO and ZnO is same but the size of 
Zn?” < the size of Mg?” (small cation). 
OR 
Zn?" has d-orbitals, so more covalent. 
So. decreasing order of acidic character is : 
P,O,; > ZnO > MgO > KO, (HI > I > IV > II) 


: Give the decreasing order of the basic properties of oxides. 
ATO  b.ALO, eTO, —d.Ga,0, 
Anions are same, so check the charges on the cation. The 


lesser the charge on the ions, the more ionic or more basic in the 
nature. 


+1x2 -2 +3x2 -2x3 4+3x2 -2x3 +3x2 -2x3 


a. TL O b. Al, O, C. Tl, O, d. Ga, O; 


Charges on the cations in b., c., and d. are same so check the 
sizes of the cations. Large cation, more ionic and more basic. All 
of them belong to group 13. Therefore, size of Tl” > Ga” > AP~ 

Hence decreasing basic oxides : 


TLO > TLO, > Ga,O, > ALO, (a>c>d>b) 


Give the decreasing order of melting points of the following 
compounds: 


a. I. NaF II, NaCl Ill. NaBr IV. Nal 
b. I. Cal, Il. CaBr, Ill. CaCl, IV. CaF, 


Cr I.BaCl, I.SrCl  M.CaCl, -IV MgCl, 
V. BeCl, 


d. I.NaCl I.MgCl, UL AICI, 
CCl; RCL “© Sine =: ries 


a. NaF > NaCl > Na Br> Nal 
m.pt. (°C) 988 > 80L > 755 > 651 
1> H> M> IV 
[Size of anion increases, covalent character increases and 
m.pt, decreases] 
b. Cal’, > CaCl, > CaBr, > Cal, (IV > M> U> D 
m. pt. (0°C) 1392 > 772 > 730 > 575 
Since cation is same the charges on the ions are also same. 


So, the size of anion increases (group 17 ions), covalent 
character increases and m.pt. decreases. 


1.58  tnorgank Chemistty 
e Ba Ch > Sr CL = CaCl, > Mpc, BoC, (het “We IV 
y 
m.pt. OC) 960 > 872 > 772 = 712 > 405 
the charges on the tons are Also same, 


Sinee anion is same 
9 ions), covalent 


So, the size of cation decreases (Reoup 
character of cation decrenses ANE MPL MePredses: 


| i A 
a. Nacls MgCl > AlCh (le 


The charge on the cation increases, covalent character 
increases and Mm pt, decreases, 


| 12 Wa Hl 
©. LiCl> BeCl, > BCh > CCl (IV > mSS D 
The charge on the cation increases, covalent character 


increases and m,pt. decreases, 


Give the decreasing order of covalent character of the following 


compounds, È 
a. l. GeCl, MGc M SiG AIV SnCl, 


V.PbCl, V1. PbCl, 


b. 1. CH, 1.NH, HOS IVHF 
c. IHF MRG- UHB IV. HI 
à LAgl MNA MCa “TV. NaCl 


a. First check the charge, higher the charge on the ions, more 
is the covalent character (since anion is same) 


+2 4 +2 
I. Ge Cl, I. GeCl, WI. Sn Cl, 


+ +2 4-4 
rv. Sn Cl, V. PbCl, VI. Pb Cl; 
So, group compounds of higher charges appear first and 
then come the lower charges. All the compounds belong 
to group 14. Now check the sizes of the cation, the small 
cation shows more covalent character. 
Hence the decreasing order of covalent character is 


4+ 4+ 44 24 24 24 l 
Ge Cla )Sn Cl4 ) Pb Cl ) Ge Clo )Sn Clo X Pb Cl» 
Size increases and +4 charge 


ie. (I> JV > VI>1> H> V) 


b. Check the charges on the ions. Higher the charge on the 
ions, more is the covalent character. 
So. the decreasing order of covalent character is 


+4 -4 -5 2 +|42- 2 @ 
CH, > NH, > H»O > HF 


decreasing charges on the ions 


Size increases and +2 charge 


(J> I> I> IV) 


c. Since charges on the ions (cation and anion) are same and 
cation (H” jon) is also same. So, check the size of anion, 
Large anion, more is the covalent character (all anions of 
group 17). 
So, the decreasing order of covalent character 15 
HI > HBr > HCI > HF OV 7 IW I 2) 
d. Charges on the sons are same. 
| Size of Cu” = Size of Na” 
| Moreover, Ag” and Cu” have d configuration. 
\| Size of Ag? > Size of Cu” 


' 4 ` a | H “gn ~“ f ` ? | 
Small cation, with g configuration Is more © valent, Larp, 
anion with d configuration ts more covalent, 
So. the decreasing order of covalent character ts 


Cul- Aple Nal Nach (I1 > 1> I> IV) 
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Give the decreasing pH of aqueous solution of the following 
| 


compounds: a 
a, NaCl b. MgCl, © AICI, d. PCI, 


Since anions are same, so higher the charge on the iong 
more covalent and more acidic and hence less pH. 


So, the decreasing order of pH is 
KA) 


E) a4 Vi 
NaCI > Mg Cly > AI Chy > P Clg 
~~ Tnerensing, order of acidic or 
decreasing order of basic character 


— [a-bsrc. dj 


1.24 INERT PAIR EFFECT 

In groups [3-16 as we move down the group the stability 
of lower oxidation state increases. For example in group 
13. TI is more stable in +1 OS than +3. Similarly in groups 
14 and 15, Pb and Bi are more stable in +2 and +3 05 
than +4 and +5 OS. This is because as we move down the 
group, the tendency of s-clectron of the valence shell to 
participate in bond formation decreases. This reluctance of 
the s-clectron to unpair and participate in bond formation 
is called inert pair effect. This is ‘due to poor or ineffective 
shielding of ns? electrons of valence shell by intervening 
d and f electrons. 

The inert pair effect becomes more predominant as we move 
down the group because of the increased nuclear charge which 
outweighs the effect of the corresponding increase in atomic 
size and therefore ns? electrons become more reluctant to 
participate in bond formation. 


Note: OS in circle is more predominant in bond formation. à 


Electronic configuration 


[He] 2872p! 
[Ne] 3973p! 
[Ar] 3c!4s° 4p! 
[Kr] 4d'°5s° Sp 
[Xe] 4f'"5q'" 6s°6p! 


[He] 2872p" 
[Ne] 3973p" 

[Ar] 3d!’4s" 4p” 
[Kr] 4d!°5s* 5p 
[Xe] VAAT his 6s" 6p" 


FACTORS THAT DETERMINE THE 


1.29 ON (OR STABILITY 
OF COMPOUNDS 


he noted that some compounds are stable while others are 
12) 


im r words, some compounds are formed easily some or 


nol. a exists. but NH, does not exist. 
i, ea : ' 

NCL exists. but NCI, does not exist. 

Pcl. exists. but PBr, or PI, does not exist. 


va 
i 


pH, exists, but PH, does not exist. 

TIC. PbCI, and BiCl, are more stable than TICI,, PbC1, and 
BiCl.. 

IF. exists. but ICI, does not exist. 

- AlCl, exists as bridged dimer, but BCI, does not exist. 


Formation or stability of compounds can be explained by 
the following factors: 


a High EN of the element to excite electrons from central 
atom to vacant orbitals 


b. Presence of vacant orbitals 

c. Inert pair effect 

d. Sizes of the cation and anion 

Explanation: 

L. NH, exists, but NH, does not exist. 
Valence electronic configuration of N: 


2s 2p 
1] 
N atom does not have vacant d orbitals. Moreover, the EN of 


H atom is not sufficient to excite the 2s electrons to vacant 
orbitals. So. NH, does not exist. 


However, NH, exists since N atom can form 3 covalent 
bonds with 3H atoms by sharing 3 electrons from 3H atom 
to complete its octate. 


- NCI, exists, but NCI, does not exist. 

Although EN of C] atom is very high, it can excite 2s 
electrons to vacant orbitals. But N atom does not have vacant 
d orbitals so NC] ; does not exist. 

PCI, exists, but PBr, and PI, do not exist. Valence electronic 


Configuration of P = 357 3p’ 
3s 3p’ i 


3d 
[TITT] 


Vacant d orbitals 


Although P atom has vacant 3d orbitals and EN of Cl 1s 
sufficiently high to excite 3s electrons to 3d orbitals as 


3d 


a EL 


So, PCI, can form five covalent bonds with 5 Cl atoms by 
formation of sp°d hybridisation. 

But EN of Br and I atoms are not so high to excite 3s 
electrons to 3d orbitals, so PBr, and PI, do not exist. 


; PH, exists but PH, does not exist. 


Although P atom has vacant 3d orbitals but EN of H atom 
is not sufficient to excite 3s electrons to 3d orbitals. So, PH; 
does not exist. 


- TICI, PbCL, and BiCl, exist, but TICI,, PbCl, and BiCl. do 


not exist. 


, ae aa 
Valence electronic configuration of Tl = 6s° 6p = 


vacant p-orbital 


, 2 
Valence electronic configuration of Pb => 657 6p => 


6s? 6p" 
A 
vacant p-orbital 


Valence electronic configuration of Bi => 65° 6p’ 6d” 


6s” 6p? 6d 
4 | Tt tT | 
vacant d-orbital 

Although both factors, i.e. (i) high EN of Cl atom to excite 
6s electrons to 6p orbitals in Tl and Pb and to 6d orbitals in 
Bi and (ii) vacant orbitals to accommodate the excited 6s 
electrons, are present in all the compounds, yet TICI,, PbCl, 
and BiCl, are not stable compounds. 


This is due to the inert pair effect (refer to Section 1.24). 


. IF, exists, but ICI, does not exist. 


Valence electronic configuration of I = 5s* 5p° 5d? 


55? Sp” 5d 
ITT] 


Vacant d orbital. 


Both factors, i.e. (i) high EN of F and Cl atoms and 
(ii) vacant Sd orbitals are present. 

High EN of F and Cl can excite Ss and Sp electrons to 5d 
orbitals as 


IMT 


So, both IF, and ICI, can form 7 covalent bonds with 7F 
or 7 Cl atoms by formation of spid hybridisation, But ICL, 
does not exist due to the following reason: 

Size of EF’ ton is very small and l can accommodate 
7F° ions around it, but it cannot accommodate 7 large size 
Cl’ ions around it, as shown. 
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ICI, molecule 


IF, molecule 


7. AICI, exists as bridged dimer (e.g. Al Cle). but BCI, does 


not exist. 
Valence electronic configuration of B in the ground state 


Ae? Dp! 
= ZS ap 


Valence electronic configuration of B in the excited state 


Valence electronic configuration of Al in the excited state 


Bridged dimer structure of AICI, is formed by the donation 
of lone pair electrons to the vacant 3p orbitals as shown: 


:Cl. () Cl 
bs A -B-——-Cl: 
:Cl ra Cl ° 
Structure of BCl; 


@ orbital 
(Structure of bridged dimer of AICI3) 


Although B atom also has vacant 2p orbitals, it should also 
form bridged dimeric structure of BCl,. 


But boron halides exist as monomer because boron 
(B) atom is so small that it cannot accommodate four 
large sized halide ions around it with 2 coordinate and 2 
covalent bonds. 


1.26 IONIC BOND 


Kossel and Lewis explained that the formation of ionic bond 
primarily depends upon (i) The ease of formation of positive 
and negative ions from the respective neutral atoms, and 
(ii) The lattice of the compound, i.e. the arrangement of positive 
and negative ions in the solid, e.g. 

Me, — M'g + € (IE) 


Xg +e —> X Ir (AH 7) 


(2) 


It is evident that the ionic bond will be formed more easily 
between elements with comparatively low JE and elements 
with comparatively low (negative) A,,H f: 
Most ionic compounds have cations derived from metallic 
elements and anions from non-metallic elements. 


® 
The NH, ion is made up of two non-metallic elements 
which is an exception. 


ee oe 
line state consist of orderly three. 
dimensional arrangement of cations and anions held together by 
coulombic interaction energies. These ionic compounds crystalligg | 
in different crystal structures. This is due to the difference in th, 
size of the ions, their packing arrangements and other factors, 

In ionic compounds, the sum of IE and AH may be positivę 
but the crystal structure gets stabilised due to the energy released | 
in the formation of the crystal lattice. 

Example: 
Nap —? Na o tE 


Ionic compounds in the crystal 


(IE = 495.8 kJ mol ') 
(AH? = — 348.7 kJ mol") 
AH® = 147.1 kJ mol! 


ee rO 
Na,,+Cl,, > Na g + CI? 

The sum of the above two (i.e. 147.1 kJ mol ') is more than 
compensated for by the enthalpy of lattice formation of NaC| 


which is equal to 788 kJ mol’. 


_ O 
Clo te — Cla 


Thus, a qualitative measure of the stability of an ionic 
compound is provided by the enthalpy of lattice formation. 


1.26.1 LATTICE ENTHALPY 

Lattice enthalpy (A, H°) is the amount of energy released when 
crystal lattice of one mole of solid ionic compound is formed from 
their gaseous constituent ions. For example, 


® © OL _ | 
Na (g) + Cl Œ > NaCl,,) AH 788 kJ mol 
OR 


Lattice enthalpy (A, H°) is the amount of energy required to 
completely separate one mole of solid ionic compound into its 
gaseous constituent ions. For example, 


Ð © . O— =l 
NaCl, > Na? p + Cl’ (g; ApH® = 788 kJ mol 


This process involves both the attractive forces between ions 
of opposite charges and the repulsive forces between ions of like 
charges. 

Since the solid crystal is three dimensional, therefore, lattice 
enthalpy cannot be calculated directly from the interaction of 
forces of attraction and repulsion only. Hence, factors associated 
with the crystal geometry have to be included. 

Lattice enthalpy depends on the following factors: 

1. It depends on the size of the ions. If the sizes of cations 
and anions are comparable, then a strong lattice is 
formed and more (negative) energy is released. 


2. It depends on the magnitude of charges on the ions. lf 
the charges on the ions are greater, than a strong lattice 
is formed and more (negative) energy is released. 

3. Itincreases from uni-univalent ionic solid (e.g. NaCl) | 
uni-bivalent (e.g. MgCl,) and then to bi-bivalent ionic | 
solid (e.g. MgO). | 

4. The larger the magnitude of lattice energy, the greate! | 
will be the stability of tonic solid. 

5, Ionic solids having higer value of lattice energies hav? 
higher melting, boiling points and are very hard. 

6. lonic solids with high value of lattice energies have low 
solubility in water (polar solvents). 


a 


y 
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the lattice energy decreases down the group 


Generally es along the period. 


' and increas : 
theoretical interpretation of lattice energy was 
The re Born and Lande as 
J 
IZ? |Z" | 
a ea 
0 to 
is the lattice energy. 


equation helps to interact with all the other 
the nearest neighbours] 


given 


| where Vo 
he above 
jons besides ee | 
| z®| = Charge on the positive ion (only magnitude 
value) 
| z` = Charge on the negative ion (only magnitude 
value) 
n= Inter-ionic distances 


itis evident that the lattice energy becomes stronger (i.e. 


& ne negative value) as 7’), the inter-ionic distance decreases, 
1.2. 
© 1 
Up x a 
Example: 
r, (À) U, (kJ mor’) 
LiF 2.01 — 1004 
Cs] 3.95 —527 
o, The lattice energy depends on the product of the ionic 
charges, 1.€. 
U, x |Z*| |Z 
Example: 
r(A) — |Z*| (Z| U, (kJ mol’) 
LiF 2.01 1x] — 1004 
MgO 2.10 2x2 — 3933 


126.2 DETERMINATION OF LATTICE ENERGY 


< £ determined by the use of Born—Haber cycle, which is based 
z t Hess’s law of heat summation. 


FOr example. lattice energy of KBr(s) is determined as: 


_ He 
+ Br, (1) KBr... 


la yê | Ə 
| SoupH > AvapH 


en 


Ta 


J Br, (g) 


n 2 
j G 9 
[zten or AgissH 


<——_, 


ae 


+e 
Breg) +e 


6 
AegH 


© 


Ay 


n | 5 l O4 H? 
AH? = AyH® HIE, + 5 Anh? t 7 Ane H + Aeg , 
+ AH 


. g l € 1 © 
AyHO =A HP- ApH? IE,- > ApH 7 AeH 
O 
— A, H . 


Note: EN and hydration AH” can not be determined by Born 
Haber cycle since these two factors are not involved in the 
above cycle. 


1.26.3 APPLICATIONS OF LATTICE ENERGY 
Formation of oxides, peroxides and superoxides of group 1 
and group 2 elements: When heated with excess of O,, Li forms 
monoxides (Li,O), Na forms peroxides (Na,O,) and K, Rb and 
Cs. form superoxides having general formula (MO.). 

Similarly, when heated with oxygen, Be, Mg and Ca form 
monoxide (MO) while Sr and Ba form peroxide (MO,). 
Explanation: This is due to the comparable sizes of cation and 
anion, which forms the strongest lattice with the release of high 
energy. 

Example: 


1. 4Li + O, Ñ; 2L1,0 [size of 2 Li® ion is comparable 
with the size of O% (oxide) ion]. 

2. 2Na +O, —, Na,O, [size of 2 Na® ion is comparable 
with the size of 0,7 (peroxide) ion]. 

3. K+O, — KO, [size of K® ion is comparable with the 
size of 03° (superoxide) ion]. 


4. Similarly, sizes of Be", Mg” and Ca” ions are comparable 
with O% (oxide) ion in MO, where M = Be, Mg and Ca. 


5. Sizes of Sr’* and Ba”* ions are comparable with o 
(peroxide) ion in MO,, where M = Sr and Ba. 


Alternative explanation: Due to high charge density 


charge P , 
Pog ratio | of Li”, it attracts the negative charge so strongly 


that it does not allow the oxide anion (O7) to combine with another 
oxygen atom to form peroxide ion, 0, 
Whereas Na” ion has comparatively less charge density than Li® 


P ° p= š ö 
ion, so It cannot prevent O~ ion to combine with another oxygen 
atom to form peroxide ion. 


l >- l 
0°% + P O, => O,~ (peroxide) 
oxide 
, ® PhO sO, . 
On the other hand, larger K”, Rb” and Cs™ ions have still lesser 


' ' ` . p 
charge density which cannot prevent even peroxide ion (0) to 
combine with another oxygen atom to form superoxide (O,°) ion. 


[of (peroxide) + 5 O, > 20) (superoxide) | 


ic Chemistry 
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ae 


Superoxide ion [:0 (a: P has three electron bonds- 
(having one unpaired electron) and is coloured and paramagnetic. 
For example, LiO,, NaO, are yellow, KO, is orange, RbO, is 
brown and CsO, is orange, Na,O, (sodium peroxide) is yellow 
in colour probably due to the presence of a small amount of 
Superoxide in it. The normal oxides of 


ust group | are however, 
colourless and diamagnetic, 


pon at a oe 
~~ - ` } 
tj 


| Calculate the ratio of lattice energies of CaCl and NaCl, 
if the inter-ionic distance in CaCl is twice that of NaCl. 


i i 
ESRD +, (Nact) = +: +, (CaCl) = 2r 


ad PARE ee 
= 0 — OC — 
m 


U nach ji 


0 r r 
2x1 1 


7 aie 
(CaCl) * ap h 


U 


U (CaCl) 


Umaci 
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a. Give the decreasing order of melting 
Ee AMO noO 
Given: The inter-ionic distances in A as See 

_ NaF=231, Be0 = 1.65, MgO = 2.106, SrO = 2R 
b. Give the decreasing order of hardness of the following. 
i CaO ii, BeO ii Tic Pa 
Given: The inter-ionic distancesinAas ee 
REO 2.405, BIO 2702, DC=2150, 


points of the following 


L Smaller the inter-ionic distance and high charges on ions, 
higher the lattice energy and high is the melting point. 


ii. Increasing order of inter-ionic distance with same |Z* | 


+2 -2 +2 -2 42-2 
=2 and |Z| =2 is Be O< MgO<SroO. 


iii. Charge in NaF is |Z*| = 1, Z=t. 
So, the decreasing order of melting point is 
BeO > MgO > SrO > NaF (ii > iii > iv > i) 
m.pt. (°C) 2930 > 2800 > 2430 > 990 


b. i. Higher the lattice energy, higher is the hardness. Charge 
+4 -4 


in TiC is the highest; |Z® = 4, IZ°|=4 


“i ee 
ii, Increasing order of inter-ionic distance with SAM 
charge, |ZÎ| = 2, and |Z°| = 2 is CaO < BaO. 
So, the decreasing order of hardness is | 
TiC > CaO > BaO (ili >i > ii) 
Hardness | \ U U 
li Moh’s scale) | 8.9 > 4.5 > 3.3 


N 
1.27 HYDRATION ENERGY 


The amount of energy released when one mole of gaseous IONS jg 
dissolved in excess of H,O to give its constituent aqueous ION, e.g 


| 
| 
| 


® 
@ 
Na “(g) taq —> Na ag 


R ® © A. HE 
Nay) + CEG + aq—> Na? ag + Cl 


Hyd 
(aq) y 
(aq) q =- ye 


Generally the hydration energy decreases down the group 
() and increases along the period (>). 

The hydration energy depends on charge density, ie 
= charge 


-— |. Greater is the charge density, more easily jt 
Ionic radius 


attracts the lone pair of oxygen atom in H,O molecule and more 
easily it is hydrated and hence more (negative) energy is released, 


Down the group (4), charge density decreases and hence hydration 
energy decreases. 


1.27.1 APPLICATIONS OF HYDRATION ENERGY 
(A, gH) 


1. Lithium is the strongest reducing agent in aqueous | 
solution: Because of its very high IE, Li should be the | 
Weakest reducing agent. But Li is the str 


ongest reducing | 
agent and Na is the least. | 


Reducing character order in aqueous solution is 


Li>Cs>Rb>K>Na 
The standard reduction potential [ES Pagans)! Which 
measures the reducing power represents the overall change. 


Oxidation potential 
Ms) Maa) +e 


Reduction potential l 


(a) 9 
Asub H AHyqH 


IE +; 
Mp) 9 My ae = 


Due to high charge density (22e ratio}, Li has the 
size 


Py which compensates its high IE, | 
for its high negative E© value and | 


highest hydration enthal 
value, thereby accounts 
its high reducing power. 


Magma) ÍN Volts are given for alk 


E°|V 


ali metals as 
Li Na K Rb Cs 
-3.04 -2.714 -2.925 -2.930 -2.927 


} 


ities in electric field of s-block ions: Charge 
l oi Į and 2) ions decrease down the group 
ities © bilities in electric field should be in the 


A onic mo 


J 
jens , 
ff so their MO 
order" 
+> Mg 


observed order of ionic mobilities in aqueous 


® 

@ ~ Ke > Rb? > Cs 

+> Ca’? > Sr?" > Ba” 

B 
e 

But th : i 

lution is revel sed, t.e. 

St e -® 5 N ad > Li® 

cs? >Rb 7 K > Na 


5 2 
w. gpt < Ca > Mg” > Be” 
Ba o~ > 
@ 2+ l i . 
explanation: Li’ and Be“ ions, being heavily hydrated, 


move Very slowly under the effect of electric current and 
are thus the poorest conductors of electricity as compared 
i other ions of s-block elements. Thus, it is the degree of 
hydration of ions, rather than their size or charge density 
shat determines the electrical conductivity or ionic mobility 
af the s-block element salt solutions. 


; Jonic radii in aqueous solution of ions of s-block 


elements: Smaller the size of a cation, greater is its charge 
ensity and hence greater is its tendency to draw electrons 
from molecules which are thus polarised. Lithium ion 
and Be’ being the smallest in size among ions of s-block 
elements, they are most extensively hydrated while Cs® 
and Ba’ ions, the largest ions of s-block elements are the 
least hydrated. So, ionic radii of Li and Be? in aqueous 
solution are the highest and that of Cs® and Be” ions are 
the lowest, i.e. the expected relative ionic radii should be 
Cs" > Rb? > KÊ > Na® > Li® 

Ba’ > Sr > Ca? > Mg” > Be? 

The observed relative ionic radii in water and relative 
degree of hydration are reverse of the above order 
(Fig. 1.15): 

Hydrated ions: Li? > Na® > K® > Rb® > Cs® 
Hydrated radii (A): 3.40 > 2.767 > 2.32 > 2.28 > 2.27 
Sue (KJ mol"): -514.7 > 405.9 > -322.2 > -292.9 


> 54.4 
Hydrated ions: Be2* > Mg” > Ca” > Sr** > Ba” 


(Group 2) 
Suya” (kJ mol): -2406 > -1929 > -1632 > -1485 > 


-1276 


H,O 


wy 
_) “Sas 


iy 
H 20 Se es 
CP 


Fig. 1,15 Pa (b) 


lonic radii of Li? and (b) Ionic radii of Cs® in H,0 
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Li® has maximum degree of hydration and for this reason 
lithium salts are mostly hydrated (e.g. LiCl-2H,O) while 
other alkali metal ions are not hydrated, but NaCl is 
hygroscopic (absorb moisture). 


4. Reducing nature in aqueous solution of group 2 elements: 
Group 2 elements are also strong reducing agent but their 
reducing power is less than those of their corresponding 
group | elements. 


Be is not the strongest reducing agent in group 2 element 
unlike Li is the strongest reducing agent in group 1 
elements. 


Reducing power increases down the group (4) as evident 


from their Ea a/M(s) values. 


Be has less negative value of E? ,. compared to other alkaline 
earth metals, as shown: 


-2:89 -2.92 -2.92 


Therefore, decreasing order of reducing power in aqueous 
solution is 


Ba > Sr > Ca > Mg > Be 
Explanation: The standard reduction potential ES Pe IMs} which 
measures the reducing power represents the over all change. 
Oxidation potential 
2+ ' — 
Bes) Be- (aq) T 2e 
j Reduction potential 
Step I e Reel 
PI) Ag pH Hyd 
Step III 
IE, + IE, aq 
@ Step II pea tee 


As a result the overall tendency for the change depends on the 
net effect of these three steps. 

Due to high charge density of Be? ion, a large amount of 
hydration energy released in step III does not compensate for 
the relatively large value of sublimation energy (or atomisation 


enthalpy) in step I of Be metal plus high (IE, +IE,) value of Be in 
step II. 


Hence, Be is the least reducing agent in aqueous solution 
among group 2 elements. 


5. Hydrated salt of group 2 elements: The hydration 
enthalpies of group 2 metal ions are larger than those 
of group | ions. Thus, compounds of alkaline earth 
metals are more extensively hydrated than those of alkali 
metals, e.g. MgCl, and CaCl, exist as MgCl,-6H,O and 
CaCl,-6H,0 while LiCl exists as LiCl-2H,O. NaCl and KCI 
do not form such hydrates. 
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6. Dipositive oxidation state (M’*): The chemistry of alkaline 


earth metals is dominated by the dipositive (M **) oxidation 
State just as the unipositive (MÊ) oxidation state is the 
predominant oxidation state of group | elements. Alkaline 
earth metals always form divalent cations. 


Explanation: In view of the lower value of first ionisation energy, 
it would appear that the alkaline earth metals should prefer to form 
+ 1 ions (M® rather than +2 ions e.g. Mg”, Ca?” etc. If ionisation 
energy were the only factor involved, we would have got the 
monovalent ions, i.e. Mg®, Ca® etc. rather than the divalent ions, 
l.e. Mg?* Ca? etc. But actually we get divalent ions. This anomaly 


is explained as follows: 


a. The +2 ions are extensively hydrated and a large 
amount of energy known as hydration energy is 
released in the process which counterbalances the 
higher value of second ionisation energy. Compared 
to the heats of hydration (hydration energy) of alkali 
metal ions of comparable size, the heats of hydration 
of alkaline earth metal ions are approximately four 
times greater [e.g. Anat for Na® (size 102 pm) = 
— 397 kJ mol, Ay gH® for Ca? (size 100 pm) = 
— 1650 kJ mol '.] The larger hydration energy is due to 
the fact that the alkaline earth metal ions, because of 
their much larger charge density, exert a much stronger 
electrostatic attraction on the lone pairs on the oxygen 
of water molecule surrounding them. 

b. The +2 cations of alkaline earth metals acquire stable 
inert gas configuration. 


7. Lanthanides and actinides show in general +3 oxidation 


8. 


not compensated by its low hydration energy. 


state: Their positive high IE, value is compensated (or 
counter balanced) by negative high hydration enthalpies. 
That is why they generally show +3 OS. 


The EX anm value for copper is postive (+ 0.34 V). 
Whv? (s) 

y? 
Explanation : | ae (aq)/Cu(s) is related to sum of the 
enthalpy changes taking place as shown below: 


Cu(s) 52" > Cug ELE > Cu” y 426 + aq 


a © 
H® 2+ _ AHydH 
Asub Cu (aq) T aa A 


Copper has high positive enthalpy of atomisation or 
sublimation enthalpy and low (negative) enthalpy of 
hydration. 

The high energy required to convert Cuis) to Cu”? ao) is 


Hence, 
© 


E Cu2t (aqyCuys) IS positive. 


9. Cu? compounds are unstable in aqueous solution and 
undergo disproportionation 


Cui 32 Car tO 


Explanation: The stability of Ci a rather than Cu®, 
is due to the much more negative Aj, y of Cu” 


(aq) 


Cu, a which more than compensates for the IE, of Cu. 


| 


10. Solubility in water: 


Explanation: Generall 
decrease down the group 
comparable size of catı 


a. The solubility of a salt in water depends upon (i) lattig, 


energy and (ii) hydration energy. . 
ydration energy > lattice energy, sal 


l, if h i 
pag dration energy < lattice energy, salt iş 


dissolves. If hy 
insoluble. 


b. 
alkaline earth metal increase down the group (b). 


y both the lattice and the hydration energy 
(4). Lattice energy depends on thę 
ons and anions. If sizes of cations and aniong 


Solubilities in water of hydroxides and fluorides op 


are comparable, a strong lattice is formed and a large amount of | 


energy is released. | l 
Alternatively, lattice energy depends on the sizes of the iong 


whichever is larger. 
However, hydration energy depends on the size of the cations or 


on the charge density (charge/size ratio) of the cations. Smaller jg 
the size or higher the charge density of the cation, more (negative) 


is the hydration energy, i.e. more energy is released. 


Approximate Approximate Approximate size 
PP O. . ©.: P 

sizes of group 2 sizeof F~ ionin of OH“ ion in 

ions fluorides hydroxides 

Be? O BeF, @ Be(OH), @ 

Mg’? O MgF,@ |a Mg(OH),@ |- 
2 CaF, @® |E Ca(OH),@ |; 

Ca‘? © 3 2 3 ( 2 Fs , 

Sr’? © S SrF, @ p= E Sr(OH), @ o 2 
Ñ 2g v 9 
^n BaF, ® | 2 9 Ba(OH),@ |> 


© 


Since the sizes of F° and OH ions are very small and are not 
comparable with sizes of any cations. Lattice energy depends on 
the size of cations which are larger than anions, so lattice energy 
depends on the size of cations only which increase down the group | 
($). Hence, lattice energy decreases more rapidly down the group 


H. 


Similarly, charge density of cations i.e. from Be2* to Ba?” also 
decreases down the group. 

But decrease in lattice energy is more than the decrease in 
hydration energy from Be”* to Ba2". 


In other words, hydration energy > lattice energy. 
Hence, solubilities of hydroxides and fluorides of alkaline earth 
metals increase down the group (J). 


Explanation: Since the sizes of COT. HCO,” and SO; ions afè | 


c. Solubilities in water of carbonates, bicarbonates and 


sulphates of alkaline earth metals decrease down the 
group ($). 


so large and are not comparable with the size of any cations. AS 
we know, lattice energy depends on the size of ions whichever ! 


larger, hence it depends on the size of CO; HCO, and SO; ~ 1005: | 


Therefore, the magnitude of lattice energy remains almos 
constant down the group (4). As the size of anions are so larg 


bh 


è ` 2+ 2+ 
ase in the size of the cations from Be“ to Ba 
re 


|] inc f 
j difference. 


hat sm make any Eas , , 
the hydration energy decreases (i.e. from Be“ to Ba”) 
rel 
gweve 


the size of the cation increases down the group (J). 

ably as the 5 

sciably § a $ 

app words. hydration energy < lattice energy. Hence, 
f carbonates, bicarbonates and sulphates of alkaline 

es ol Ce 

decrease down the group (J). 


golubilit! 
rth metals | 
aoe solubility of carbonates, bicarbonates and sulphates 
15 - 
The hig 


A eek ` ` ‘ 2+ 
4 Mg is due to their high hydration energies since Be 
>Re an — 


e 


at ~ ions have smaller size. 
" ximate Approximate sizes of co,”> HCO,° 
ple croup2 and SO,” in their compounds 
sizes of £ 
ME BeCO, 
Be Be(HCO,), © 
BeSO, 
wO | Mo, 
j Mg(HCO.), 
oa © Size of CO,”, 
2 => HCO,” and 
Ca 2 CaCO, C) SO,” ions is 
= Ca(HCO,), constant 
X CaSO, 
sO SrCO, © 
Sr(HCO,), 
SrSO, 
P BaCO, 
i Ba(HCO,), 
BaSO, 


CR A 
e SETS 


py 


1.28 FLAME COLOURATION 


When s-block elements or their salts ( especially chlorides due to 

its more volatile nature in a flame) are heated in a bunsen flame, 

they give characteristic colour in the flame. 

Principle: Since the energy of bunsen flame is constant, different 

— are excited to different levels due to difference in their 
’s 

Explanation; 


1. When the elements or their salts are heated in a bunsen flame, 
the electrons of the elements get energy and are excited to 
higher energy levels. When these excited electrons return 

| to their original (ground) energy level, they emit the same 
| amount of energy as absorbed during excitation in the form 
| of electromagnetic rediation which appears in the visible 


region of the spectrum, there by imparting a characteristic 
Colour to the flame. 


Thus, the following characteristic colours are given: 


ae 


Colour | Crimson} Golden 
nm | 670.8 i 


2. Flame colouration in alkali metals: For the same excitation 
energy, the energy level to which the electron in Li will rise 
is lower than that to which the electron in Na will rise, this 
in turn, is lower than the level to which the electron in K 


will rise and so on. These differences are due to differences 
in their ionisation energies. 
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Rb US i ži 
Violet | Blue 
780.0 1455,5 


Brick} Crimson} Apple} Crimson 
d green 


4 


A 
S 
= 
z 
= 
= 


Consequently, when the electron returns to the ground state, 
energy released will be lowest in Li? and will increase in 
the order: i, Na®, K? Rb® and Cs”. 


As a result of this, the frequency of light emitted in the 
bunsen flame is minimum in lithium and corresponds to the 
red region of visible spectra. In potassium, the frequency 
of the light emitted corresponds to violet region of visible 


spectra. 
Group 1 
elements 
Li 
High IE, energy absorbed 
and released is less 
Na 
Slightly less IE, energy absorbed 
and released is slightly more 7 
K 


Less LE, energy absorbed 
and released is more and so on 


Ey > Ey> Ey 


(VISIBLE REGION) 


À increases 


Energy increases 
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3. Flame colouration in alkaline earth metals: Be and Mg 
atoms are smaller in size and have high TEs so their electrons 
are strongly bonded to the nucleus, They need large amounts 
of energy for excitation to higher energy levels which is not 
available in bunsen tlame (because energy of bunsen flame is 
constant), so they do not impart colour to the bunsen fame. 


For the same excitation energy, the energy level to which the 
electrons in Ca will rise is lower than that to which the electrons 
in St will rise, this in turn, is lower than that of the level to which 
the electrons in Ba will rise and so on. 

These differences are due to differences in their TE’s, 

Consequently, when the electrons return to the ground state, 
energy released will be lowest in Caz" ion and will increase in the 
order. 

Ca™ < Sr < Ba” 

As a result of this, the frequency of light emitted is minimum 
in Ca and corresponds to brick red region of visible spectra. In 
Ba the frequency of the light emitted corresponds to apple green 
region of visible spectra. 

Cu and Pb and their compounds impart characteristic flame 
colouration, as 


Cu = Deep bluish green 


Pb = Pale blue grey 


1.29 COLOUR OF A SUBSTANCE 
IN VISIBLE LIGHT 


Most of the transition metal compounds (ionic as well as covalent), 
halogens and other compounds or ions are coloured in the solid 
state and in aqueous solution in visible light. 
Explanation: Colour of a substance is due to the absorption of light 
at a specific wavelength in the visible part of the electromagnetic 
spectrum (400 to 700 nm or 4000 to 7000 A) and transmission or 
reflection of the rest of the wavelengths. An object that absorbs all 
visible light appears black and the object which reflects all visible 
light appears white. 

This means that some of the visible spectrum is being removed 
from the white light as it passes through the sample, so the light 
that emerges is no longer white. The colour of the substance is 
complementary to that which is absorbed. 


The complementary colour is the colour generated from the 
wavelength left over, for example, if blue green light is absorbed 
by the substance or complex, it appears red. 

Table 1.15 (a) gives the approximate (just for understanding) 
while Table 1.15(b) gives the exact relationship of different 
wavelength (or colour) absorbed and the complementary colour 


observed. 


yo 


ate or (theoretical) (for memorising 
hip between the colour absorbed an 


Table 1.15(a) Approxim 
relations | 
complementary colour [convert VIBGYOR 


YORGVIBI 


—— 


e 


Visible spectra 


T. 
MERRER 


Colour the 
light absorbed 
(VIBGYOR) 


Comple- 


— 


Blue 


res 

mentary Green| Violet | Indigo By 

colour w 
(YORGVIB) 

N í 

Primary colour p 

f; 

400 nm \ ———> increases 700 nm cc 

g 

<— Energy (£) increases g 

@) 

Note: Green is a primary colour, hence its absorbed and ] 

complementary colour is same 


Table 1.15(b) Observed or (exact) relationship between the 
colour absorbed and the complementary colour 


Visible spectra 


Wavelength 
and colour 

of the light 
absorbed in 
nm 


Ultra- 
violet 


Yellow 
orange 


Comple- 
mentary 
colour 


Yellow 


Note: Difference between (i) flame colouration and (ii) colour 
of the substance in visible light. 


i. In the first case, the colour is observed in the visible spectra 
corresponding to the energy released. 


ii, In the second case, the observed colour is the complementary 
colour of the absorbed colour. 


1.30 MECHANISM OF ABSORBED 
COLOUR | 


When molecules absorb light of a specific wavelength (A) in the 
visible region of electromagnetic spectrum, the outer (valence! 
electrons are excited to higher energy levels. When these excité 
electrons return to their original (ground) energy levels, the) 
emit radiations in the visible region corresponding to the energ) | 
absorbed and gives complementary colour. 
Applications 


1. Halogens are coloured: All halogens are coloured as show” | 


D 


This is due to absorption Of radiation in y 
results in the excitation of outer clectrons to | 
By absorbing different quanta of radi 
colour as shown above. 

The amount of energy required for excit 
progressively down the group (1), as the IE 
F, tol). 

F, absorbs violet light (higher excitation energy) and hence gives 
complementary pale yellow colour while l, absorbs yellow and 
green (lower excitation energy) and appears deep violet, Similarly, 


greenish yellow colour of Cl, and orange red colour of Br, can be 
explained as shown below: j 


Absorbed colour 


Complementary colour 


sible region which 
l gher energy level, 
ation, they display different 


ation decreases 
decreases from 


Energy increases and IE of 
alogens increases 


2. Blue solution of alkali metals and deep blue black colour 
of alkaline earth metals in NH.: The colour solution of 
group | and group 2 metals in NH, is due to the formation 


of ammoniated metal cations and ammoniated electrons in 
the metal ammonia solution as 


M,+ (x +y) NH, —> [M,(NH,) ]® + [e(NH,),]° 
M, + (Œ + yNH; — [M,(NH,),]”* + 2[e(NH,),]° 


where M, is the alkali metals and Mis the alkaline earth 
metals. 


Explanation: 
a. The blue colour of the solution is due to the ammoniated 
electron which absorbs energy corresponding to red 


region of visible light and thus imparts complementary 
blue colour of the solution, as shown 


Visible spectrum 


i v e eoo 
ESTE EITER 
colour 


Absorbs energy in red region and gives complementary 
blue colour. 


mam «— Energy increases ee 

b. The solutions are paramagnetic and has high electrical 
conductivity due to the presence of unpaired electron 
or ammoniated electron present in the cavities formed 
by the electronic polarisation between the electrons 
and NH, molecules. Consequently, the metal solution 
occupies large volume and has lower density than 
Solvent itself. 


f 
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€. On standing, the solution slowly liberates H 
in the formation of amide. 


Q i J 
yy) resulting 


() 
(am) 


| 
ke +NHHyq— MN on > H 


2am) 2 u) 
where ‘am’ denotes solution in NH i 


d. In concentrated solution, the blue colour changes to 
bronze colour and becomes diamagnetic, due to the 
formation of metal ion clusters. 


In other words, ammoniated metal ions are bound by 
free unpaired electrons which has been described as 
‘expanded metals.’ 

e. However, under anhydrous conditions and in the absence 
of catalytic impurities such as transition metal ions, 
solutions can be stored for several days. 

3. The colour in the coordination compounds: Ít is explained 
in terms of crystal field theory (CFT). 


Explanation: Colour is due to the presence of incomplete 
d-subshell. Further, when the anions approach the transition metal 
ions their d-orbitals do not remain degenerate. They split into two 
sels, one with lower energy and the other with higher energy. This 
is called crystal field splitting. Thus, the electrons can jump from 
lower energy d-orbitals to higher energy d-orbitals. The required 
amount of energy to do this is obtained by absorption of the light 
of a particular wavelength in the region of visible light. One or 
more electrons from a lower to a higher level within the same 
d-subshell are promoted. 

Since the different d-orbitals belonging to the same subshell 
have slightly different energies, the energy required to promote 
such an electron is very small. Radiations of light corresponding to 
such small amount of energy are available within the visible light 
and appear coloured due to emission of the remainder as coloured 
light. 

If a substance absorbs wavelength corresponding to red light 
the transmitted light will consist of wavelengths corresponding to 
the complementary colours especially greenish blue colour and 
the substance will appear greenish blue in colour. 

Thus, Cu?" salts look blue due to the absorption of the red 
wavelength. (Red and greenish blue are said to be complementary 
colours. Complementary colours are those which when mixed 
together produce white light.) 

Anhydrous cobalt (11) compounds also absorb red light and 
appear blue. An octahedral complex of titanium [Ti(H,O),}*” IS 
purple in colour. It can be explained on the basis of crystal field 
theory as follows. 

In case of complex ions, d-orbitals are split into two different 
sets due to crystal field effect, one consisting of lower energy 
orbitals (de) and the other consisting of higher energy orbitals 
(dy). In [Ti(H,0),}, Ti has d’ configuration and this electron is 
present in boy orbital in ground state of the complex, 

On absorption of yellow green wavelength, the electron is 
excited to the green next higher state available for the electron is 
the empty e, level. 

Since the yellow green wavelength is absorbed from the visible 


region of light it would excite the electron from l» level to the ¢ 
10 | 


level ORG o P e,): Consequently, the blue and red light will be 
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transmitted and solution of [Ti(H,O),]*” will appear purple which 


mixed effect of blue and red colours (Fig. 1.16). The CFT 


is the - 
ation compounds to d-d transition 


attributes the colour of coordin 
of the electron. 


iia “onscioaa lag 


Ground stable 


Energy 
E 


Ground stable 
Fig. 1.16 Transition of an electron in [Ti(H,0),]°* 


empty d-orbitals and are 


Sc’ and Ti*” have completely 
orbitals for 


colourless. Cu® and Zn™ have completely filled d- 
hence they are also colourless. 


promotion of electrons, 
g does not 


In the absence of strong ligand, crystal field splittin 
occur and the substance is colourless. 

For example, removal of water from [Ti(H,O)<] Cl, on 
heating renders it colourless. Similarly, CuSO, is white but 
CuSO,-5H,0 [i.e.[Cu(H,0),J™ SO,°--H,0] is blue in colour. 


In case of a tetrahedral complex, the electron will be excited 
from lower level, i.e. (e) level to the next higher state, i.e. t, 


empty level. 


4. Colour in lanthanides and actinides: The source of 
colour in the lanthanides and the actinides is due to 
f-f transitions. In lanthanides, 4f-orbitals are deeply 
embedded inside the atom and are well shielded by the 
5s and 5p electrons. The f-electrons are practically 
unaffected by complex formation, hence the colour remains 
almost constant for a particular ion, regardless of the ligand. 

5. Colour of some gem stones: Ruby is ALO, containing about 
0.5-1% Cr° ions (d°), which are randomly distributed in 
positions normally occupied by Al*. These Cr’ species are 
octahedral Cr” complexes incorporated into the alumina 
lattice: d-d transitions at these centres give rise to the colour. 
In emerald, Cr” ions occupy octahedral sites in the mineral 
beryl [Be, Al, Si, O,,]. The absorption bands seen in the 
ruby shifts to longer wavelength, namely yellow-red and 
blue, causing emerald to transmit light in the green region. 

6. Colour of compounds having d° configuration, i.e. 
d-level is empty (charge transfer theory): In the series 
Sc, Ti”, V”, Cr” and Mn”, these ions have empty 
d-shell, i.e. d configuration, hence d-d spectra (or ligand 
field type) are impossible and they should be colourless. 
However, as the oxidation number increases these states 
become increasingly covalent. Rather than forming highly 
charged simple ions, oxoions are formed. 

Examples: 


“2+ 4 ~ mn 2- a 
a. TiO f VO’, VO, , CrO,’ and VO, are pale yellow, 
b. CrO,” is strongly yellow coloured. 


pa 


—$— 
| 


—— eel 


c. MnO}, has intense purple colour in solution though h 


solid is almost black. 


d. K,Cr,0, has orange colour. B 
The colour arises by charge transfer transitions, 
Explanation: As the term implies, these transitions iNvoh, 
electron transfer from part of the complex to another. Mor, 
specifically, an electron moves from an orbital that is mainly ligay 
in character to one that is mainly metal in character (i.e. ligan 
arge transfer, LMCT) or vice versa (metal-to-ligay, 
Unlike d-d transitions, those involvi 
lowed and hence give rise to much Mop 
hese absorptions fall in the Visi 


to-metal ch 
charge transfer, MLCT). 


charge transfer are fully a 


intense absorptions. When t 
region, they produce complementary colours. 
For example, in MnO% an electron Is momentarily transferre 


from oxygen to a metal (LMCT), thus momentarily changing (} 
to O° and reducing the oxidation state of the metal from Mn” , 
Mn. Charge transfer requires that the energy levels on the ty, 
different atoms are fairly close and fall in the visible region ap, 


produce complementary colour. 
Thus, KMnO, is purple colour in solution, K,Cr,0, is ora 
coloured and K,CrO , is yellow in colour, due to charge rans 


transitions. = 3 ae ae a ae 
Many iodide salts are also coloured because of charge transfe 
transitions. For example, Hgl, (red), Bil, (orange red), Pbl 
(yellow). The metal ions in these substances certainly are no 
outstanding oxidising agents, but the transitions occur because tix 
1° ion is easily oxidised. Likewise, V,O; is red or orange, NbCI, 
is yellow, NbBr, is orange and NbI, is brass coloured. 
7. Compounds of s- and p-block elements are not coloured 
They do not have a partially filled d-shell so there cannot be 
any d-d transitions. The energy to excite an s or ap elect 
to a higher energy level is much greater and corresponds 
ultraviolet light being absorbed. Thus, the compounds wi 

not be coloured. 
8. Colour due to defects in the solid state: The colour in sol 

` state is due to the following defects. 
Non-stoichiometric defects: If an imperfection causes“ 
ratio of cations and anions to become different from Ù% 
indicated by the ideal chemical formula, the defect is called no 
stoichiometric. Non-stoichiometric defects are of two typè 
(a) metal excess defects and (b) metal deficiency defects 
a. Metal excess defects: Metal excess defects may oc% 
in either of the following two ways: 

i. By anion vacancies or F-centre: Negative ion mi) 
be missing from its lattice site, leaving a hole, whit! 
is occupied by an electron thereby maintaining ” 
electrical balance. The trapped electrons are call 
F-centres (from the German word Farbenzente! y 
colour centres) because they are responsible fp 
imparting colour to the crystal (Fig. 1.17). This def 


| 


y ~<a 


is similar to Schottky defect and is fo 
having Schottky defects. 

Example: NaCl when heated i 
atmosphere, the excess Na atom is d 
surface. Now CI° diffuse to the sur 
combine with Na atoms which lo 
The electrons diffuse into the vac 
The electrons absorb some energ 
light and re-emit the complemen 
to NaCl crystal. Excess of Li in 
colour. Excess of K in KCI make 


Und in crystals 


n Na Vapour 
eposited on the 
face where they 
Se the electrons, 
ant sites Created, 
y from the Visible 
lary yellow colour 
LiCl gives a pink 
it Violet, 


Fig. 1.17 An F-centre in a Crystal 


ii. By the presence of extra Cations in interstitial 
sites: Extra cations Occupying interstitial] Sites 
with electrons present in another interstitial site to 
maintain electrical neutrality causes metal excess 
defects (Fig. 1.18). This defect is similar to Frenkel 


defect and is formed in crystals having Frenkel 
defects. 


a 


Fig. 1.18 Metal excess defect caused by extra cation in interstitial position 


Example: If ZnO is heated, it loses oxygen and turns yellow. 


l 
Zn0 = Zn + 5 On + 2e 


Now there is excess of Zn? in the crystal and its formula 
bec 
omes Zn, +0. 


The excess Zn** ions thus formed get trapped into the 


vacant interstitial sites, while electrons are entrapped in the 
Neighbouring interstitial sites. These entrapped electrons 
"crease the electrical conductivity of ZnO and turn yellow. 
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. ’ ‘ta ay É > reverse 
On cooling, they again turn into white due to the 
reaction as shown above. 


as 
Note: Crystals with either type of metal excess defect act 
Semiconductors, 


b. Metal deficiency defects: Refer to solid state. | 
- Certain substances change their colour when they are hot 

and revert to their original colour in cold. 

Example: 


Ryness 
S 


NE POT OAR 

Observation 

a. Yellow when hot a 
in cold again 

b. Yellowish brown in hot and | ii. Bi O, and SnO, 
yellow in cold 


iii. Fe,O 
c. Black or red in hot and brown | “ “€273 
in cold 


d. Yellow in hot and yellow 
in cold 


iv. PbO 


Identify the complexes which are expected to be coloured. 
a. [Ti(NO,),] b. [Cu(NC CH,),]° BF? 


€. [Cr(NH,),}°3Cl d. K,[VE,] 
| Sol. | (c) and (d) are coloured. 


+4 -1x4 i 
a. È NO) | Ti = 3@ 457, Ti** = 3d 45° 


; : : 4+. 
There is no unpaired electron in Ti ion, hence no d-d 
transition occurs, so colourless. 


Lc | 
b. [Cu(NC-CH;),| BES, 
Cu = 3d"? 4s! Cu® = 3q!%4,° 


a” configuration of Cu® 


ion have no unpaired electron, 
hence colourless. 


c. [Cr NH9]; Cr=3a545!: C = 38 45°. 


Cr** has @° configuration, thus have three unpaired electrons, 
d-d transition occurs, hence coloured. 

+1x3 [+3 -6173 

d. K, Vi ; V= 3d 45°, V = 3 4s”. 


D . 7 
V** has œ configuration, thus have two unpaired electrons, 
d-d transition occurs, hence coloured 


ee —™ 
1.31 pr-pr MULTIPLE BONDING 


First element of groups 14, 15 and 16 shows considerable 
differences in its chemical properties from that of other members 
of their respective groups, due to (i) their sr 


naller size, (ii) high 
IE, (iii) high EN and (iv) non-availability of d-orbitals. 


Carbon (C), nitrogen (N) and Oxygen (O) h 
to form pr-pr multiple bonds with itself 
having (i) small size and (ii) high EN. 


ave unique ability 
and with other elements 
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Example: 


—(} W (2p-2p overlap to 
P —— IS form pt-pt bond) 


2p 2p 
Seo. esta =—o=™ 
P 
SS Nia 
=O and c=S 
Pa 7 


N=N.—N=0,0 = Oete. 


ups do not form px—p™ bonds as 


Heavier elements of these gro 
nd diffuse that they cannot have 


their atomic orbitals are so large a 
effective overlapping. 
Thus, nitrogen exists as a diatomic 


bond (one s and two p) between the 
its bond enthalpy (941.4 kJ mol” is very high. On the contrary, 


phosphorous, arsenic and antimony form single bond as P-P, 
As—As and Sb-Sb while bismuth forms metallic bonds in elemental 


state. 
However, single N-N bond is weaker than the single P-P bond 
because of high interelectronic repulsion of the non-bonding 


ctrons. owing to the small bond length. As a result the catenation 
r which affects the 


molecule (N,) with a triple 
two atoms. Consequently, 


ele 
tendency is weaker in nitrogen. Another facto 
chemistry of nitrogen is the absence of d-orbitals in its valence 
shell. 

Besides restricting its covalency to four, nitroge 
form pr—dn bond as the heavier elements can, e.g. R,P = 0 or 
R,P = CH, (R= alkyl group). 

Phosphorous and arsenic can form 
transition metals when their compounds like P(C,H,), and 
As(C,H,), act as ligands. 


Tendency of carbon to form pt 
the structure of its allotropic modification, graphite. 
n the diamond structure. This 
-pr multiple 


n cannot 


dn—dn bond also with 


-pr multiple bonds is found in 


Elemental silicon exists only 1 
clearly indicates the reluctance of silicon to form pr 


bond. 


y , R LET A i ie 
i EUA perone part 


ty * 
IR 
PESE) ' 


an AGa 
Ay 


‘Sol. The tendency of the central atom (A) in AX, molecules 
(A = Bor Al, X = halogens) to form (pn—p7) back bonding depends 
on the size of central atom (A). Smaller is the size of the central 
atorn, greater is the tendency to form (pn—pm) back bonding. Since 
boron (B) atom is smaller in size than aluminium (Al) atom, BX, 
molecules have (pn—pm) back bonding while AIX, molecules do 
not have this type of bonding. 


, N order (F 7 | 
> BBr, but it is observed to h 
n-pr) back bonding that Oceny 


character should be B 


reverse, this can be explained by (P 


in the given halides. 


1.32 pr-dt MULTIPLE BONDING 
nultiple bonds is not commo 


Though the tendency to form pt—-p™! | 
licon and other heavier members of this group, multipk 


orbitals has been reported. This tendency j; 


e of silicon linked to oxygen and nitrogen, 


particularly in the cas ane 
The geometry around the nitrogen atom 1n trimethylamine N(CH.) 


is pyramidal (sp*-hybridisation of nitrogen atom), whereas in the 
case of similar silicon compound, N (SiH;)3; called trisilylamine, 
it is planar arrangement of its three bonds (sp? hybridisation of \ 
atom). In the latter case, the lone pair on nitrogen is transferred 
to the empty d-orbital of silicon (pn—dn overlapping) leading to 
the planar structure of N (SiH,),- For the same reason N(CH,), is 


more basic than N(SiH,);- 


with si 
bonding involving d- 


°°) Msie 
\ wW 


e 
RAN 
H,C SJ er OB 
CH; 
(Pyramidal) 
N = 2s? 2p? 
sp? Hybridisation 


QL — 


Si = 352 3p? 3d? 
sp? Hybridisation 


S 


JN 

Empty > Filled dn—pt 
d-Orbital 2p-Orbital Bond 
of Si of N 


1. All the elements of group 14 form tetrahalides of the formul? 
MX,, PbC1, and PbBr, are unstable and PbI, is not know? 


2. All these halides are covalent compounds and hav 
tetrahedral shapes. 


1.32.1 HYDROLYSIS OF SiX, 

The tetrachloride of carbon (CCI,) is not hydrolysed by watel 
However, the tetrachlorides of all the remaining elements at 
easily hydrolysed. ; 

CCI, is not hydrolysed by water because carbon has no d-orbitd! 
and hence cannot expand its coordination number beyond * 
However, silicon can expand its octet (coordination number beyo" 
4) due to the availability of energetically suitable vacant d-orbité* 


in its atom. 


ut rr Eae aade of Karon trihalides decreases a 


pele, | 
Cl > B), the Lewis aci 


Da 


_ 


$e 


CCl, + H,O —> No reaction 

SiCl, + 4H,0 —> Si(OH), + 4HCI 
Silicic acid 

SnCl, + 2H,0 —> SnO, + 4HCI 


The mechanism of hydrolysis of SiCl, involves two steps: 


1. The first step involves the attack of oxygen atom of water 


molecule on the metal atom forming a coordinate bond 
between the metal and oxygen atom of water. 


Cl Cl H Cl.() cl 
NY +. A A) wa 
/ X DA —> P <— 0 
cf ‘a W alio \H 
Empty d-orbital 


2. The second step involves the loss of HCI. During this 
step one Cl atom on silicon in SiCl, is replaced by an 
OH group. This process continues till all the four Cl 


atoms are replaced by OH groups yielding Si(OH Ja Vie. 
silicic acid. 


Cl i CI H Cl. OH HO. OH 
Ní <— 20 HCL N B Nf 


— Si 
\ \ HCI 
cf Cl H cf \ ~~ 
empty d-orbital 


1.32.2 MnF, AND Mn,0, EXIST BUT MnF, 
DOES NOT 


The highest Mn fluoride is MnF,, whereas the highest oxide is 
Mn,0.. In other words in Mn fluoride the highest oxidation state of 
Mn is +4 but in oxides it is +7, although F is more EN than oxygen. 

Thus, the ability of oxygen to stabilise these high oxidation 
states exceeds that of fluorine. This is due to the ability of oxygen 
to form pr—dr multiple bonds to metals. Vacant 3d-orbitals of Mn 
overlap with 2p-orbitals of oxygen to form (px—dr) multiple bonds 
as shown: 


aes multiple 
O O bonding 
a 

A No 0 |) No 


ie ee d-orbital 


Vacant d-orbital : 
in Mn in Mn 


1.33 OXIDES 


Properties of representative elements along the period (—>) can 
be compared from the study of the properties of their oxides. The 


oxides of elements of the 3rd period are Na,O, MgO, AI.O,, SiO, 
P4010 SO, and CLO}. 


Periodic Classification of Elements and General Inorganic Chemistry 1.71 


ooo Periodic Classification of Elements and General Inorganic themit y -1 


The tendency of oxygen to form oxide ion is greatly favoured 
when oxygen combines with metals having low IE’s such as group 
1 and 2 elements, and aluminium (Al). Thus, Na,O, MgO and 
AI,O, are ionic compounds having extensive three- dimensional 
(3D) structures in which each cation is surrounded by a specific 
number of anions and vice versa. Silicon is a metalloid whose 
oxide (SiO,) has a giant 3D network, although no ions are present. 

The oxides of P and S and molecular compounds are composed 
of small discrete units. 


1.33.1 PROPERTIES OF OXIDES 


Oxygen reacts with almost all elements (except noble gases, 
Au, Pd, Pt) to form oxides. In general, metallic oxides (O; 
peroxides (O,) and superoxides (07) are ionic solids. For 
example, Li,O, Na,O, (Na forms peroxide with O,, rather than 
oxide), KO,, RbO,. The tendency of group | metals to form 
oxygen rich compounds increases upon descending the group, 
i.e. with increasing cation radii and decreasing charge density 
on the metal ion. A similar trend is observed in the reaction of 
group 2 metals. Except Be, group 2 metals react with oxygen at 
normal conditions to form normal ionic oxides and at high pressure 
of O,, they form peroxides (CaO,, SrO,, BaO,). 


1. Metals that show variable oxidation states react with a 
limited amount of oxygen to form lower oxidation state 
oxides (FeO, Cu,O) while reacting with an excess of oxygen 
gives higher oxidation state oxides (Fe,O,, CuO). 


2. Oxides of metals are called as basic anhydrides as many 
of them combine with water to form hydroxides with no 
changes in oxidation state of metals. Oxides of groups 
l and 2 dissolve in water to give basic solutions whereas 
other oxides are insoluble in water. 


3. Oxygen combines with many non-metals to form covalent 
oxides (such as CO, CO,, SO,, SO,, P,O,, GLO- NO, 
etc.). The reaction of non-metals with a limited amount of 
oxygen usually gives product that contains non-metals in 
lower oxidation states, while with excess of oxygen, higher 
oxidation state oxides are formed. Oxides of non-metals 
are called acid anhydrides, as many of them dissolve in 


water to form acids and oxyacids. Some of such oxides are 
as follows: 


CO,, N,O,, N,O,, P,O,, SO,, SO,, CLO; 


CO, > H,CO, ClO, > HCIO, N,O, > HNO, 
P.O, > HPO, SO, > H,SO, N,O, > HNO, 
P.O, > H,PO, SO, > H,SO, 


Note: CO, N,O, NO and H,O are neutral oxides. 
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Table 1.16 Periodic trends in valence of electrons 
formula of these oxides 


shown by the 


$ 


Ki | 
t 


Na,O, 
peroxide 


Super 
oxides 


1.33.2 CLASSIFICATION OF OXIDES BASED ON 


THEIR CHEMICAL BEHAVIOUR 


Based on their chemical behaviour, the oxides have been classified 


as: 
1. Acidic oxides: Oxides which dissolve in water forming 


acids and neutralise alkalis are called acidic oxides. They are 
also called acid anhydrides and are generally the oxides of 
non-metals (e.g. B,O;, Si0,, CO, N,O,, N,O,, P,O SO,, 
SO,. Cl,O, and 1,0, or metallic oxides of high oxidation 
state (e.g. Mn,O,, CrO, and V,0;) 


SO, +H,0 > H,SO; 


Sulphur dioxide Sulphurous acid or 
Sulphurous anhydride 


CrO; + H,O > H,CrO, 
Chromic anhydride Chromic acid 


2. Basic oxides: These may be 

a. Essentially covalent: Oxides of transition metals MO 
and MO, are essentially covalent. These are non-volatile 
(giant molecule structure) insoluble in water and not 
attacked by it. 

b. Essentially ionic: These are attacked by water to give 
alkalis. These are oxides of metals, e.g. Na,O, CaO, 
BaO (normal) oxides containing O7” ion); Na,O,, 


. Amph 


. Neutral ox 


BaO, (peroxide containing o? ion); and KO,, Rbo, 


(superoxides containing O,’ ion). 

Na,O + BO +7 2 NaOH 

Na,O, + 2 HO 2 NaOH + H,O, 

2KO, + 2 HO == 2 KOH + H,O, + O, | 
oteric oxides: A few metallic oxides exhibit a dug) 


behaviour. These dissolve in both acids and alkalis. 


alts, Zn?" and Zn(OH). 


a. ZnO gives Zinc s 
i 3 . 
inium salts, Al” and aluminate, 


b. Al,O, gives alum 
Al(OH),.. 
c. SnO gives stannous salts, Sn? 


+ and stannates Sn(OH)& 


t and stannites, Sn(OH) A 


d. SnO, gives stannic salts, Sn 


The above formulae for hydroxyl complexes are correc 
for the ions in:solution. If the solution, say Sodium zincate 


is evaporated, it loses water. 


ZnO?” AIOP ; SnO% ; SnO3 PbO? ; PbO” 


Zincate Aluminate Stannite Stamate Plumbite Plumbate 


ides: Those oxides which are neutral towards 
Examples of neutral oxides | 


litmus are called neutral oxides. 
(H,O), nitrous oxide 


are carbon monoxide (CO), water 
(N,O) and nitric oxide (NO). | 
The two systems for classification of oxides are quite | 
independent of each other. For example, sodium oxide 
(Na,O) isa basic oxide as well as normal oxide. Similarly, 
nitrous oxide (N,O) is a neutral oxide as well as suboxide. 


Examples: | 
Basic oxides: Cs,O > Rb,O > K,O > Na,O > Li,O > Bad 
> SrO > CaO > MgO | 
Amphoteric oxides: BeO > Al,O, > Ga, 
(Table 1.16) j 

Acidic oxides: C1,O; > SO, > N,O, > P,O, > CO, * B,0, 
Group 17 16 15 15 144 B 
Neutral oxides: H,O, CO, N,O and NO 


0, 7 Zn0 


Table 1.17 Elements forming amphoteric oxides are shown in circles 


Acidic character increases 


d-Block 
7 8&8 9 


Basic character increases 


p-Block 


1 


5 6 1 12 
Tele [ie [ool [oo JO. 


stv [zr fne [io ne [no [va [ae 8 


fer| we | w [ne [os [ef [ae 
st [act a [|e | | | os fn 


frends of oxides in periodic table: 
f. b 


= $$ 


1333 TRENDS OF OXIDES 


n 


2. Ina group, basic nature increases or acidic nature decreases 


Oxides of metals are generally basic and oxides of non- 

metals are acidic. The oxides of metalloids are 

The oxides of Al, Zn, Sn, As and Sb are amph 

a. Among s-block elements, on movin 
basic character increases. 


amphoteric. 
oteric. 


g down a group the 


Li,O Na,O K,O Rb,O, 
Cs,O 
Weakly Basic More Very 
basic strongly strongly 
basic 


basic 
b. Among p-block elements, on moving down the group 


the acidic character of oxides decreases while the basic 


character increases. For example in the 13th group, acidic 
character decreases. 


Note: The acidity in 
Increases to more positive oxidation states, — e 
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creases as the oxidation state of N, P or Mn 
1.33.4 CLASSIFICATION OF OXIDES BASED ON 
THEIR OXYGEN CONTENT 


A binary compound of oxygen with another element is called an 
oxide. Based on their chemical behaviour or oxygen content, chief 
classes of oxides are given below: 
1. Normal oxides: Oxides which contain just as much oxygen 
as permitted by the normal oxidation number of M are called 
normal oxides. A few examples of normal oxides are H,O, 
MgO, Al,0,. These contain only M—O bonds. 

. Polyoxides: Oxides containing more oxygen than allowed 
by normal oxidation number of M are termed as polyoxides. 
They involve O-O bonds as well as M—O bonds. These have 
been further classified as given below: 


a. Peroxides: These contain Oo; ion and are derivatives of 


H,O, (H-O-O-H). These produce hydrogen peroxide 
with dilute acids and liberate oxygen with concentrated 


acids. A few examples of true peroxides are sodium 
peroxide and barium peroxide. 


BaO, + H,SO, (dil) > BaSO, + 2 H,O, 
2 BaO, + 2 H,SO, (conc) > 2 BaSO, + 2 H,O, + O, 


. Superoxides: These contain Oo, ion. The superoxides 
Acidic Amphoteric Weakly Basic Strongly 


known are KO,, RbO, and CsO,. These react with water 
acidic basic to give hydrogen peroxide and oxygen. 


B,O, AIO, Ga,O, In,0, TLOor 
TIO, 


3. Incase when an element forms a number of oxides, the acidic 2 KO, + 2H,O —> 2 KOH + eo TO 
nature increases as the percentage of oxygen increases. : s i 
ses as p g y8 Structure of superoxide: E O-—++0:| 


Superoxides have 3e bond and are paramagnetic and 


Note: For molecules having 2s 1.5, they are acide, E 
M Eie coloured due to the presence of unpaired e. 


Others are neutral. 


- Dioxides: Polyoxides which contain higher percentage of 


| oxygen such as peroxides but do not give any hydrogen 


NO peroxide with dilute acids are termed dioxides. They 
oxidise conc. HCI to CI, and yield O, when heated 
: 


with conc. H,SO,. Manganese dioxide (MnO,) and lead 
dioxide (PbO,) are examples of dioxides. 


2 MnO, + 2 H,SO, (conc.) > 2 MnSO, + 2 H,O +O, 
MnO, + 4 HCI (conc.) > MnCl, + 2 H,O + Cl, 


3. Suboxides: Oxides which contain a lower percentage of 
oxygen than expected by the oxidation number of M are 
called suboxides, e.g. nitrous oxide, N,O, carbon suboxide 

25 They involve M—M bonds in addition to M—O bonds, for 


(C,O,). 
example O = C = C=C =O (carbon suboxide). 
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4. Mixed oxides: Some oxides may be considered to be made 
of two simpler oxides. Their chemical behaviour confirms 

this view. These oxides are also called compound oxides, 


e.g. 
+4 +2 


Red lead Leaddioxide Lead monoxide 
+2 +3 
b. Fe;0, = FeO +Fe,0, 


Ferrous ferne oxide 


+2 +3 
c. Co(AlO,), = CoO + AlO; 


Cobalt aluminate 


+ +2 
d. MnO, = MnO, + 2MnO 


The correct order ofrelative basic character of NaOH, Mg (OH), 
and Al(OH), is 

a. Al(OH), > Mg(OH), > NaOH 

b. Mg(OH), > NaOH > Al(OH), 

c NaOH > Mg(OH), > Al(OH), 

d. Al(OH), > NaOH > Mg(OH), 


‘Sol. c. Basic strength decreases along the period (—). 


Which of the oxides behave both as neutral oxide and suboxide? 
a. N,O b. NO c. CO, d. CO 


a. NO acts both as neutral oxide and suboxide. 
b. NO is neutral oxide. 

c. C,O, is suboxide. 

d. CO is neutral oxide. 


Which of the following is not amphoteric oxide? 
a. ZnO b. BeO c. ALO, d. CrO, 


‘Sol d. CrO, is acidic oxide while others are amphoteric oxide. 


Which of the following is superoxide? 
a. NO, b. BaO, c. CsO, 
IBD c. Cs0, is superoxide (Cs? and 0) 
(a) and (b) are peroxide. 


Which of the oxides is coloured and contains 3¢ bond? 
a. MgO b. Na,O c. KO, d. Mn,O, 


d. MnO, 


ISOD c. KO, is superoxide and is coloured and contains 3¢ bond. 
(a) and (b) are oxides while (d) is mixed oxide of (2MnO + MnO, ). 


1.34 PERIODICITY IN HYDRIDES 


| 


OF ELEMENTS 


1. Hydrides: Hydrogen forms binary compounds with Metal | 
and non-metals and are called hydrides. | 
2. Ionic hydrides: Hydrogen with active metals of groups | 
and 2 forms ionic hydrides. These contain hydride ion He 
formed by gaining one electron per atom from an ACtiy 


metal. 
These ionic hydrides are basic in nature as hydride ions 
reduce water to form OH ions and H,, e.g. 
LiH, + H20 —> LiOH,,) + Hy) 
CaH, + 2 H,O —-> Ca (OH), + 2 H, 
3. The hydrides BeH, and MgH, are not strongly ioniç 
(intermediate character). 


4. Covalent hydrides: 
a. These are formed by sharing its electron with an atom of 
another non-mental to form a single covalent bond. 


b. Hydrogen reacts with non-metals to form binary covalent 
hydrides 
H, + X, (halogens) —> 2 HX o 
3 H, +O, —>2H,0 
3 H, +N, — 2 NH, 
c. Most of the covalent (non-metal) hydrides are acidic in 


nature. Their aqueous solution produce H® ions in H,0, 
e.g. HF, HCI, HI, H,O, HLS etc. 


1.34.1 NATURE OF HYDRIDES 
1. The nature of hydrides changes from basic to acidic in® 


period from the left to the right. 


Very weak | Weak acid | Strong acid 
base 


f ° i i ` c í | 

2. In a group, the acidic nature of the hydrides of non-mett! | 

increases, The reducing nature also increases but the stabil!!! 
decreases down the group (J). 


2nd Period 


3rd Period 


| 
| 
| 


1.34.2 STABILITY OF COVALENT HYDRIDES 


The stability of the hydrides of groups 13 to 17 decreases dow! 
the group EA due to corresponding decreases is the strength ° 


i 


M-H bond as the size of the M atom increas 
of M-H bond increases. 


Thus, TIH,, PbH,. BiH, and PoH, are quite unstable. 


es and bond length 


ANNS ` >) i 1 BINNA A N , ne 
C roup (— } | POS pe E S TS 


Iy 
IN i 
Ta Ty 
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1.34.3 REDUCING CHARACTER OF COVALENT 
HYDRIDES 


Since down the group, the stability of hydrides of above group 
decreases. the ability to give H-atom increases (i.e. ability of 
oxidation increases). Thus, the heavier hydrides have more 
reducing character. 


In other words, the reducing character of the hydrides of the 
above group increases down the group (J). 


The least stable hydride is N 
= a Stannane b. Silane c. Plumbane d. Germane — 
‘Sol. c. Stability order of carbon family hydride is Silane 
(SIH,) > Stannane (SnH 4) > Plumbane (PbH,,) 

Hence the answer is (c). 


The most stable hydride is 
T ABa b. AIH, 


‘Sol a. BH, or B,H, is the most stable since the stability of 
hydrides decreases down the group (4). 


c.GaH, d. Inh, 


The strongest reducing hydride is 


“siege b. PH, c. AsH,  d.SbH, 


‘Sol. Reducing character of hydrides increases down the 
group (4). 


CONCEPT APPLICATION EXERCISE 1.2 


1. Why inert gases are monoatomic? 

2. Potassium (K) is strongly metallic, while Cl is strongly 
non-metallic. Explain. 

3. Why metals are good conductors of electricity? 

- Comment on ‘Iodine possesses some metallic lusture’. 


5. Of all noble metals, gold (Au) has a relatively high EA. 
Explain. 
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6. In alkali metal which element is the strongest reducing 
agent in aqueous solution and why? 
7. Cl can be converted to CI” ion easily than F to F° ion. 
Explain. 
8. Why Be and Mg do not impart flame colouration? 


9. The IE of K is same as EA of K® jon. Explain. 


-© Explain the large atomic radii of noble gases. 


1.35 ARRHENIUS CONCEPT OF 
ACIDS AND BASES 


According to this concept, an acid and a base can be defined as 
follows: 


Acid: It is a substance that produces hydrogen ions (H?) in 
water, e.g. HCI, H,SO,, HNO, etc. 


Base: It is a substance that produces hydroxyl ion ( OH) in 


water. NaOH, KOH, Mg(OH), etc. are the examples 
of Arrhenius bases. 


Let us represent an acid as HX and a base as BOH. 


The ionisation of acid as (HX) can be represented by the 
following equation: 


e O 
HX (aq) + H00 — H,O ag tX ap 
(hydronium ion) 
or simply, HX aq) —> Hi + K up 
Hydronium ion (LOÔ) is used to represent a hydrated H® ion. 
i.e. H® ion surrounded by water molecules. 
General formula of a hydronium ion is H a 9 a 


Thus, H,O "N is a hydronium HÊ ion surrounded by four water 
molecules. 


1. H,0+ H,O —> H,0F 
2. HO, + H,O — H,0f 
3. HO? + H,O — H,0° 


Similarly, the ionisation of a base (BOH) is represented by the 
following equation: 


® © 
BOH (a) t H,O p —B ag $ H9 (aq) 
or simply: BOH ga —> Bia) + OH aa) 
The hydroxyl is hydrated to give species of general formula 
H O © 
2n-l “n 


1. OH + H,O — H,0,° 
2. H07 + H,O — H,O; 
3. HO,’ + H,O — H,O, 
Note: The Arrhenius concept of acids and bases is only limited 


to aqueous solutions, — eo 


SEM 


1.35.1 LIMITATIONS OF ARRHENIUS CONCEPT 
1. It is applicable only to the aqueous solutions. For the acidic 
or basic properties, the presence of water is absolutely 
necessary. Dry HCI shall not act as an acid. 
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2. The concept does not explain the acidic or basic properties 
of acids or bases in non-aqueous solvents respectively. 


3. It fails to explain the acidic nature of the non-protic 
compounds such as SO,, NO,, CO,, P,O, etc., which do 


not have hydrogen for furnishing H® ions. 


4. It fails to explain the basic nature of compounds such as 
NH,, Na,CO, etc., which do not have OH in the molecules 
i “© 


to furnish OH ions. 


5. It fails to explain the acidic nature of certain salts such as 
AICI, in aqueous solution. 


1.36 BRONSTED-LOWRY ACIDS 
AND BASES 


According to this concept, an acid and a base can be defined as 
follows: 


Acid: It is a substance that can donate a proton. 
Base: It is a substance that can accept a proton. 
Example: When HCI! is dissolved in water, it donates a proton to 
H,O which behaves as a base. 
ACH ag) + HO —> CE (ag) + H0? ac) 
Other examples of Bronsted—Lowry acids (underlined) are: 


(S x @ 
1. NH, (aq) + H,Oq = NH; fan + H3O (aq) 


© ae 75 ® 
2. HSO, (aq) * H,0,) = SO, (aq) t H,O (aq) 


® 
3. HCl.) T NH; rag) (aq) * NH, (aq) 


© E 2- ® 
4. HCO? aq) + NHs(aq) = COF op + NHS, 


Some examples of Bronsted—Lowry bases (underlined) are: 


= cle 


ot © © 
L OP (aq) + H2O) = Cag) + OH ag) 
© 
, à @ 
2, NH- rao) + H Op) = NH, (aq) + OF (ag) 


2- = - 
3. COs” (aq) + H Op = HCO, (aq) 


9 
+ OH a D 
Note: 


i. This theory states that an acid must contain transferable 
hydrogen and it offers great freedom in defining what 
constitutes a base. 


ii. When an acid has donated its proton, the remaining 
portion of the molecule or ion is a base. 


iii. When a base accepts a proton, it forms an acid. 
iy. The base must have an unshared pair of electrons so as 
`. to accept a proton. 

The base formed from an acid is known as the conjugate base 
of the acid. Correspondingly, the acid formed from a base is called 
the conjugate acid of the base. 

HCl + NH, = CI? + NH,® 
Acid, Base, Base, Acid, 
In the above reaction, C]® is the conjugate base of HCI and 
NH,” is the conjugate acid of NH, 


Note: z 

i. The conjugate acid always has one or more proton than its 

conjugate base. | 

| ii. To obtain a conjugate acid of a compound, remove a Proton, | 

(H®) from it and to obtain the conjugate base of the same, | 
add a proton to the compound, e.g. conjugate acid of NH 


$ O 3 
is NH,” while the conjugate base of NH, is NH. 


| 
| 


| 
J 
| 


iii. This concept has the advantage that it can be applied to a 
solvent other than water, having the tendency to accept or 


lose a proton. 


iv. The terms acid and base are comparative. A substance can 
behave as an acid in one solvent and as a base in another, 


For example, acetic acid (CH,COOH) behaves as an acid 
in water and as a base in HF. 


CH3COOH (aq) + Hy O(aq) = CH3COO (24) + H30 ao 


Acid Base 


CH,COOH,,,)+ HFa) == CH COOH a) + FO 


2(aq) (aq) 
Base Acid 


1.36.1 STRENGTH OF BRONSTED—LOWRY ACIDS 
AND BASES 

The strength of an acid or a base is measured by its tendency to 

lose or gain proton. A strong acid is a substance which loses a 


proton easily to a base. Consequently, the conjugate base ofa 
strong acid is a weak base. 


HCl + HO —> CI? + H,0® 
(Strong acid) (Weak base) 


HS° 


_,, + H,O ==H,0% s 
(Weak acid) 


(Strong base) 


The ability of an acid to lose proton is experimentally measured 
by its equilibrium constant known as K, 


The larger the value of K,, the more complete a reaction 0! 
higher the concentration of H,0® and the stronger is the acid. 

Similarly, for bases, we have the equilibrium constant K; which 
determines the extent of the completion of the reaction. 


CI®, Br®, 1° 


CH,COO®, F9, NO,°, 
NOS, CIO,° 


HCO,”, CN®, SO, 
SO,* 


Li, Na®, K® 


NH,”, Be**, Zn2*, 
Mg*", Ca”*, Ag? | Cu?*, Fe**, Sn2*, Cq2* 
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Note: In general, solvents can be of four types: 


i, Protophilic: Solvents having a tendency to accept protons 
For example, water, alcohol, liquid ammonia etc | 


ji Protogenic: Solvents having a tendency to donate protons 
For example, water, liquid HF, liquid HCI ete | 


jii Amphiprotic: Solvents having a tendency to accept or 


donate protons. For example, water, liquid ammonia ete 


jv. Aprotic: Solvents which neither accept nor donate protons, 
For example, benzene, carbon tetrachloride ete. 
1.36.2 AMPHOTERIC COMPOUNDS 


The compounds which can act either as acids or as bases. H 


O, 
NH, and CH,COOH are some of the examples. i 


1. Water: H,O+NH; = OH+NH® 


Acid Base 

© 
H,0+H,0 = H,0°+0H 
Acid Base 


In the first reaction, H,O is behaving as an acid while in the 
second one it is behaving as a base. 


2. Bicarbonate: HCO; + NH, = CO} +NH® 
Acid Base 


HCI+ HCO} = CI° +H,co, 
Acid Base 7 
e © 
Note: The reaction H,O + H,O = H,O + OH is known 
as auto-ionisation of water. 


1.36.3 LIMITATIONS OF BRONSTED CONCEPT 


1. Asubstance is termed as an acid or a base if it reacts with 
some other substance, i.e. if it donates proton to other 
substance, it is an acid and if it accepts proton from other 
substance, it is a base. 


2. There are a number of acid—base reactions in which no 
proton transfer takes place, e.g. 


SO, + SO, = SO% + SO; 
Acid, Base Acid Base, 


Thus, the protonic definition cannot be used to explain the 


reactions occurring in non-protonic solvents such as COCI,, 
SO,, NO, etc. 


1.37 LEWIS ACIDS AND BASES 


Acid: It is a substance that can form a bond by accepting a shared 
parr of electrons. 


Base: It is a substance that possesses at Jeast one unshared pair 
of electrons, 


1. F oN H F JH 
FSB +NOH—> FSB: NÍ H 
F i p H 
l i] 

2. CI : 

CIS Al +: —> | Al 
Cl /\\ 
Cl ciCl 


| 


Monoprotic acids: Acids that give up one proton per molecule. 


Polyprotic acids: Acids that can give up more than one proton 
per molecule. 


Substances that are bases in the Bronsted system are also bases 
according to the Lewis concept. However, the Lewis definition 
of an acid considerably expands the number of substances that 
are classified as acids. A Lewis acid must have an empty orbital 
capable of receiving the electron pair of the base. 


Lewis acids include molecules or atoms that have incomplete 


octets. For example, molecules such as BF, AICI, etc. act as Lewis 
acid. 


Many simple cations can act as Lewis acids: 

Cu” +4NH, —> [Cu(NH,),]** 

Fe +6(:;C=N:)° —> [Fe(C= N) 

Some metal atoms can function as acids in the formation of 
compounds such as 

Ni + 4 C = O0 —> Ni (CO), 


Compounds that have central atoms capable of expanding their 


valence shells are Lewis acids in reaction in which this expansion 
occurs. 


SnCl, + 2C1° —> SnCI 

SiF, + 2F° — SiF~ 

PF, + F° —> PF È 

Some compounds have an acidic site because of one or more 
multiple bonds in the molecule. 


1.38 OXYACIDS 


Acids that contain oxygen are called oxyacids. 
Acidity of oxyacids increases with increasing oxidation number 
are attached. 


Sine 


Hgpoclowys | HCO | 


Due to resonance, the electron density decreases as the number 
of oxygen atoms in the oxyacids increases. 


Note: 


i. For monatomic anions of similar charge, base strength 

decreases with increasing size, 
For example, S* is a weaker base than O% as the size of 
S% ion is greater than that of or 
(Consequently, H,S is a stronger acid than H,O.) 

ii, The base strength of anions is also influenced by the charge 
on them. 
Thus, the base strength of the monatomic anions of the 
elements of the second period N° > 0O% > F® decrease with 
increasing EN and with decreasing negative charge on the 
ion. 

iii. For acids with structure: H — O — Z, the acid strength 
increases with increasing EN of Z. | 


der CIVEM. Ira Aen 


The higher the EN of Z, the more the electrons of the molecule 
are displaced toward Z and the more proton is removed. 
However. for the oxyacids of phosphorus, the oxidation number 
fails to give a true indication of the acid strength. 

Thus, H,PO,, H,PO, and H,PO, are approximately of equal 
strength although the oxidation state of P in these three oxyacids 
are +1, +3 and +5 respectively. 

The number of O atom bonded to the central atom but not bonded 
to H atoms influence the formal charge of the central atom and 
thus provides a qualitative indication of the strength of acids of 
the general formula (HO), ZO, (x and y are positive integers). 
HOCI < HOCIO < HOCIO, < HOCIO, 

or HCIO < HCIO, < HClO, < HCIO, 

For the variations in the same groups (i.e. compounds with x 


and y), the acidic character increases with increasing EN of the 
central atom. nA pitts 


HCIO, > HBrO, > HIO, 


1.38.1 STRENGTH OF BINARY ACIDS AND OXYACIDS 
They are composed of hydrogen and a non-metallic elements. 


Increasing acidity — 
CH, NH, H,O HF 
H.S HCI | Increasing 
H,Se HBr | acidity 
HI 


The following factors influence the acid strength: 


1. Too many factors infiuence the acid strength, making the 
predictions impossible. 


2. The acid strength order will be explained on one main 
assumption of charge density. 

3. Basicity of an ion is related to the volume available to the 
electron, i.e. the volume over which the electron can spread. 
The greater the volume available for a given series of basic 
ions, the smaller is the electron density. The smaller the 
electron density, the smaller is the attraction for the proton 
and weaker the base. The weaker the base, the stronger is 
the conjugate acid. 


Asrange the following acids in the decreasing order of their 
acid strength: 
CH; NH, H,0, HF 


SA The conjugate bases are CH3, NH2, OH and F” 


JAITA D RD 
Nearly 3/4th of 
the volume of C 
is overlapped by 

H-atoms 


Half of the 
volume of N is 
overlapped by 

H-atoms 


Less than half 
the volume 
of O is 
overlapped by 
H-atoms 


Increasing volume available to electron _ 
Decreasing electron density es 
Decreasing electron donating tendency 
Decreasing basicity of conjugate bases ; 


Increasing acidity of corresponding acids 


. HF > H,O > NH, > CH; 


Arrange the following acids in the decreasing order of their 
acid strength: 
| HF, HCI, HBr, HI 


(SGD F°, CI°, Br? and J” are the conjugate bases of HF, HC 
HBr and HI respectively. 


Sizes of conjugate bases are as shown: 


AAO 


Increasing volume available to electron 
Decreasing electron density 

Decreasing electron donating tendency 
Decreasing basicity of conjugate bases 
Increasing acidity of corresponding acids 


.. HI > HBr > HCI > HF 


1.39 TRENDS IN ACIDIC AND 
BASIC PROPERTIES BASED ON 
ARRHENIUS AND BRONSTED- 
LOWRY CONCEPTS 


1. Covalent hydrides: In these the proton is directly attached 
with the central atom of the molecule. 

HX (X = F, CI, Br, 1), H,O, CH,, H,S etc. These are als? 

called hydracids or hydroacids. l 

Two factors influence the acid strength of the hydride ot 

an element are the EN of the element and the atomic siz? 

of the element. The first of these factors is best understood 

by comparing the hydrides of the elements of a period ol 

the periodic table. The second is important when grouP 

comparisons of the periodic table are made. 

a. Hydrides of the element of a period: The acid strength 
of the hydrides of the elements of a period increase fro™ 
the left to the right in the same order as EN increase 
Highly EN element withdraws electrons from the 
hydrogen easily and facilitate the release of hydrogen ® 
proton. The EN of the following second and third perie 
elements fall in the order: F > O > N and Cl> S> P 


A 


e aci d strength of the hydrides increases in the same 


° NH, < H,O < HF and PH, < HS < HCI, 
order: ee in acidic nature is also due to t 

he bility of their conjugate bases incr 
: NH,” < OH < F°. 


he fact that 
the eases in the 
ncrease in the acidic properties is su 


es in the dissociati 
ssive Increase 1n the dissociation const 


eae -104 med 
NH, (107°) < H,O 10") < HF (= 10%) 
; pydrides of the elements Or a group: The a 
i jhe hydrides of the elements of group Increases with 
increasing size of the central atom. For example, in the 
hydrides of groups 16 and 17, the acidic nature increases 
i the atomic number of the central element increases, 
4.0 < H,S < H,Se < H,Te and HF < HCI < HBr 
<HI 
The two factors which influence acid strength work 
against each other in these hydrides. The effect of atomic 
i outweighs the electronegativity effect. A proton is 
more easily removed from a hydride in which the central 
atom is large than from the one in which the central atom 
is small. The charge density on the conjugate base is in 
the order: 
0” > S* > Se* > Te” and F° > CIE > Bre > Je 
Greater charge density on the conjugate base will result 
in greater proton attraction. 
The acidic nature of the hydrides of group 17 elements 
is also explained by the fact that bond energies decrease. 
H-F > H-CI > H-Br > H-]I 
135 kcal mol! 103 kcal mol! 88 kcal mol 


pported by 
ant. 


cidity of 


71 kcal mol”! 
Due to large electronegativity, hydrogen bonding exists 
in the hydrides of oxygen and fluorine which also 
decrease their acid strength. 

In the hydrides of the elements having nearly the same 
clectronegativity, the acidic nature increases as the size 
of the central element increases. C, S and I possess same 
clectronegativity, the acidic nature follows the following 
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and proton is easily released in the series, HOI < HOBr < 
HOCJ]. 


The electronegativity increases and size decreases 
of the central element. Same trend is observed in the 
oxyacid of different elements in the same oxidation state 
HCIO, > HBrO, > HIO,. 
Greater the number of negative atoms present in the oxyacid 
make the acid stronger. In general, the strengths of acids that 
have general formula (HO) ZO, can be related to the value 
of y. 

If y = 0, the acid is very weak. HOCI, (OH),B or H,BO,, 
(OH),Si or H,SiO,. 

If y = 1, the acid is weak, HOCIO, HONO, (HO),SO, 
(HO),SO,. 

Ify = 2, the acid is strong, HCIO,, HONO,, (HO),SO,,. 
Ify = 3, the acid is very strong, HCIO,, HOIO,. 

The negative atoms draw electrons away from the Z-atom 
and make it more positive. The Z-atom, therefore, becomes 
more effective in withdrawing electron density away from 
the oxygen atom that is bonded to hydrogen. In turn, the 
electrons of H-O bond are drawn more strongly away from 
the H-atom. The net effect makes it easier for the proton 
release and increases the acid strength. 

This effect is illustrated by the following series of acids: 


+1 +3 +5 +7 


HOCI < HOCIO < HOCIO2 < HOCIO, 


+4 +4 +3 +5 
H, SO3 > H,SO4: HNO2 > HNO; 


Note: In the above examples, it is evident that strength of the acid 
increases as the oxidation number of the central atom increases. 
However, this rule fails in oxyacids of phosphorus. 


1+ 3+ 5+ 
H, PO2: H3 PO, : H3 PO, 


As all are weak acids, i.e. about the equal strength. Thus, 
prediction on the basis of oxidation number is incorrect. Formal 
charge on the central atom gives more reliable prediction. The 


order: strength of the acid increases as the formal charge on the central 
atom increases. 
CH, < HLS < ize i from carbon to 
; odi PGS < HI as the size increases fro Formal charge = [Group number — number of bonds — number 
2, a of unshared electrons. 
Oryacids; In these the proton is attached to an oxygen atom, l 
o latter being bonded to the central atom. For example, Formal HOCI < HOCIO < HOCIO, < HOCIO, 
20, HNO,, H,SO,, HCIO, etc. plaice 0 +l +2 +3 
H-Q_7 on 
PO , 7 SUERA 

bs main factors which affect the strength of an oxyacid are H,PO, ; HPO, ; H,PO, 
™ The size of the central atom H 1 OH 
i S Clectronegativity of the central atom HO— l —>O HO—p->O HO—p-0 

t € number of other electronegative atoms attached to | | 
Sin inlay atom H OH OH 

a , _ o- : 
the ni the Sıze and greater the electronegativity of Z make Formal 
Pair aid Stronger. These factors will shift the electron charge i i 

e 3 di : ! 

intu . "2 and O towards Z and this displacement will on Í Hl 


hydrogen a shifting of electron pair between oxygen and 


à Wards oxygen. Thus, O-H bond is weakened 


As the formal charge is same, all the 


above oxyacids of 
phosphorus are nearly of equal strength., 


ic Chemist : . š oe 
1.80 _Inorgane oe 4. Soft base: The Lewis base in which the position of the 


1.39.1 STRENGTH OF BASES 
1. Among alkali and alkaline e | 
hydroxides, the basic nature increases as the size 
central atom increases, i.e. electropositive nature increases. 
CsOH > RbOH > KOH > NaOH >LiOH 
Ba(OH), > Sr(OH), > Ca(OH), > Mg(OH), >Be(OH), 
2. Among the hydrides of the same group, the basic nature 
abcreases with increase in the size of central atom as the 


tendency to accept proton decreases due to decrease in 
electron density (or ability to donate electron pair decrease). 


arth metal oxides and 
of the 


NH, > PH, > AsH; >SbH; > BiH, 

Basic Less basic Netural 

3. The larger the size of the atom holding the unshared 
electrons. the lesser is the availability of the electrons, i.e. 
the basic strength of halide ions follow the following order: 


Fo scisEe> P 
Smallersize Larger size 
Similarly, 0% > S* > Se? > Te? 

4. The basic nature of a substance decreases with the increase 
of the electronegativity of the atom holding the lone pair 
of electrons, i.e. the tendency to donate the electron pair to 
proton decreases with increase of electronegativity 
NH, > H,O > HF 

5. The presence of a positive charge on the atom holding the 


lone pair decreases the base strength while a negative charge 
increase the base strength. 


OH > H,O > H,0® 
6. Base strength increases with decrease in oxidation state of 
the central atom. 
NH, > N,H,: PH, > P.H, 
Oxidation number -3 —2 —3 —2 


1.40 SOFT AND HARD ACIDS 
AND BASES 


Lewis acids and bases are classified as hard and soft acids and 
bases. A firmly held electron cloud with low polarisability 
makes 2 species ‘hard’, whereas an easily polarisable electron 
cloud characterises the species as ‘soft’. A third category with 
intermediate character appears in the border line. Thus, we have 
the following cases: 

1. Hard acid: Those species in which the electron-accepting atom 
is small with a high positive charge and there are no electrons 
which are easily polarised or removed. 

2. Soft acid: Those species in which the acceptor atom is large, 
carries a low positive charge or has electrons in orbitals 
which are easily polarised or distorted. 


3. Hard base: The Lewis base which holds its 
strongly. 


electrons 


electrons is easily polarised or removed. 
5, SHAB (soft and hard acid base) principle: Soft base, 
(nucleophiles) bind best with soft acids (electrophilg, 
and hard bases with hard acids. This is known as SHAR 
principle. 
The smallest MÊ is the ‘hardest’ acid and smallest X° jg th 
hardest base. They combine to form the strongest bondin 
of the most effective ion pairs, which is a good application, 
of SHAB principle. 
The comparison between hard and soft acids and between 
hard and soft bases is given in Tables 1.18 and 1.19 
respectively. 


Table 1.18 Comparison between hard and soft acids 
: Satane ERU 


i. Small size 


Soft acids ie 


Pa re 


i. Large size ) 
wy 


ii. Several easily excitable 
valence electrons 


ii. Absence of any. outer 
electron which is easily 
excited to higher states 


state oxidation state 


Soar te + a 
VRAI Fe Co Cr 


v. Low electronegativity 


vii. 1°, L; Br,, Bre 


viii. Be”, Mg”*, Ca’*, S° | viii. Ca?*, P2*, Hgt, Pt 


ix. CO,, SO, ix. Cl, Br, I, N 


HX (hydrogen-bonding M° (metal atoms) and bulk 
molecules) metals 


Table 1.19 Comparison between hard and soft bases 


ii. Presence of filled 
orbitals 


ii. Partially filled 
orbitals 


iv. Empty orbitals may 
exist at high energy 
level 


iv. Empty orbitals are low 
lying 


a an 
op, So; 


———__. 


H,O, OH, F9 C1? 


airmen < 


CH,CO9, P 


NH,, N H4, RNH, 
NO,, CO,” , ClO,’ 


pevelling solvents: Whenever an acid is dissolved in water, it acts 
aan acid only if the solvent acts as a base. That is, if we dissolve 
acids guch as HCI, HNO,, cte. in water, their acidic strength is 
almost the same, since water acts as a base for both these acids. 
in fact, it is known that all strong acids show equal acidic strength 
when dissolved in water. This is because water acts as a base to 
all these acids and thus forces them to donate almost the same 
amount of protons irrespective of their chemical nature. Since 
water levels the acidic strength of strong acids, it is referred to 
ag a levelling solvent. In order to measure the strength of strong 


acids, they are dissolved in glacial acetic acid and the amount of 


ne measured by conductometry, It is found that the strength 
of acids varies as 

HCIO, > HBr> H SO, > HCI > HNO, 
Amphiprotic species: Many molecules and ions can behave like 


water and may either gain or lose a proton under the appropriate 
conditions. Such species are said to be amphiprotic, e.g. 


Acid, Base, Acid, Base, 
HBr Sst HS’ = H,S l Br’ 
O P 
HS” + OH = HO | g? 
@ i AO — ‘ 
H,O + HCO, = HCO, 4 HO 
HCO"; + CN° = HCN 4 co? 


1.41 USANOVICH CONCEPT OF 


ACIDS AND BASES 


According to Usanovich an acid is a chemical species which reacts 
with bases, gives up cations or accepts anions or electrons, and 
conversely a base is any chemical species which reacts with acids, 
gives up anions or combines with cation. For example, 

Cl, + 2Na ——> 2NaCl 

Fe(CN), + 4NaCN —> Na, [Fe(CN),] 
H Ta 2 Vy T . Y 
We will discuss Hydrogen Bonding; Geometry, Shape, 

R 


isation and Dipole Moment of Compounds and Ions; and 
thanides and Actinides Contraction in Chapter 2. 


eee the order of decreasing/increasing properties given 
Ow: 


1. Decreasing order of atomic and ionic radii 
` a. Mg**, O”, Na®, F° 

b. CI°, S**, Ca?*, Ar 

c. N”, Na®, F°, O7, Mg?" 

d. S, O, Se, C 

e. B, Be, Li, Na 

f. Li®, Na®, K®, Rb®, Cs® (in aqueous solution) 
8. Cl’*, Sit, Mg?*, Na® 


Periodic Classification of Fermente and General Inorganic (hitrih Ary 


Ply E P s 

O B AA 

fy Bre, llr, 1 

T b 

AEE Ti” T” 

m.Ce, Sn, Yb, Lu 

n. F, Fe, O, O” 

o. Ar, Br, Ca", Mg?’ 

Decreasing order of IE 

a. Mg, Al, Si, Na 

b. Decreasing IE, of the following: 
Ar, Cl, P, S, Si, Mg, Al, Na 

c. Decreasing 1E, of the following: 
Na, Ar, Cl, S, P, Al. Si, Mg 


141 


d. IE of completely filled, half filled and incompletely filled 


orbitals. 
DNO, E 
Br CINJO 
AC 
. Ne, O, Na, Na? 
Cu, Ag, Au 
. Na, K, Mg, Kr 
, FCL OIN 
Li, Na, K 
m.Be, Mg, Ca 
n. B,C, N 
o. Ge, Si, C 
p. Ti, V, Cr, Mn 
q. B, Al, Ga, In, TI 
r. IE, of 2nd period elements 


SS (oS eee 


. Decreasing order of A,,H° 


a. F, Cl, Br, I 
b. N and P 
c. B, Al 

d. O,S 

e. O, N, F, S 
f. B,C,N,O 

g. Cl, F, Br, I, S, Si 
h. S°,O 

ENS E 

TES OS 

KOS SS 

1) 10; 0°, 02,07 
m.Li, Be, Na, Ne 
n. C, N, Be, F, O Cl 


. Decreasing order of EN 


a. ASIP S; Cl 
b. O°, 0, 0° 


B2 Inorganic Chemistry ee ee 


mn 


. H, O, Al, F 

. F, N, O, CI, S 

M, M? r M`, M4 

. F Ci Br, | 

. N, P, C, Si 

h. P, S, N, O 

i. Zn, Cd, Hg 

j. H, P S, Te 

kX XK 

l. Decreasing order of EN of carbon in the following: 
CH, CH, = CH, HC = CH 

m. Decreasing order of EN of Cl atom in, Cl,0,, Cl,0., 

C1O,. ClO 


mn o mo a8 


. Decreasing order of acidic property/strength 


a. ZnO, Na,O,, P,O,, MgO 

b. CO.. N,O,. Si0,, SO, 

c. HClO, HCIO,. HCIO,, HCIO, 

d. HNO,. H,PO,, H,;A,O0,, H,SbO, 

e. HO, H-S, H,Te, H,Se 

f. H SO,, H,SeO,, H,TeO, 

SO,. H,SeO,, H,TeO, 

HF. HCl, HBr, HI 

i. HOCI, HOBr, HOI 

j- Al,O;, MgO, SiO,, P,O,, 

k. Increasing pH of aqueous solution of 
LICL. BeCl,, MgCl,, AICI, 

Decreasing order of basic property/strength 

a. MgO. SrO, K,O, NiO, Cs,O 

b. LiOH, NaOH, KOH, RbOH, CsOH 

c. Be (OH),, Mg (OH),, Ca (OH),, Ba (OH), 

d. NH,, AsH,, SbH,, PH, 

e. L1,0, BeO, B,O,, CO, 

L FCB be 


F a9 


g. F“, OH, NH,,CH, 
h. Al,O,, TLO;, TLO, Ga,O, 


. Decreasing order of ionic character 


. CaCl,, BeCl,, MgCL,, BaCl,, SrCl, 
- BCI, AICI,, GaCl, 

VCL, VCL, VCI, VOCI, 

. LiBr, NaBr, KBr, RbBr, CsBr 

LiF, K,O, CIF,, SO,, N, 

P,0., CrO,, MnO, Mn,O, 


moan op 


. Decreasing order of covalent character 


a. LiCl, LiBr, Lil 

b. TiCl,, TiCl;, TiC], 

c. NaCl, MgCL,, AICI, SiCI,, PCI., SF,, IF, 
d. CCl,, SiCl,, GeCl,, SnC] 4° PbCl, 


10. 


11. 


12, 


e. 
f. 


. Dec 
_ Melting points of Li, Na, K, Rb, Cs 


_ Melting and boiling points of hydrides of group 15 
. Melting and boiling points of hydrides of group 16 | 
. Melting and boiling points of hydrides of group 17 


sm pmo ao S& & 


CCl, CBr,, Cl, 
LaCl,, CeCl,, GdCl,, LuCl, iy | 
reasing order of melting and boiling points 


Melting and boiling points of H,O, HF and NH, 
Melting points of KCl, KBr, KF, KI 


. Melting points of CaF,, CaCl,, CaBr,, Cal, 
. Melting points of LiBr, BeBr,, BBr,, Lil 
Decreasing order of magnetic moment and also mention 


whether they are coloured or colourless 


a. 


b. 
c. Sc, Ti, V, Cr, Mn, Fe 
d. 


e. 
f. 


g. 


a. 
b. 
. NF,, PH,, AsF, 
. NF,, NCI, 


a A 


l. 


Te", Ni, Gre Con, Zo: 
Ca, A, N, O 


® pe 
Sc®: Ti, Vve; Gi? Mis Fe 

.2- 2+ 2+ 2+ 
set T, VA Or > Mn*3.Fe 

à + 3+ 3+ 
Scr", Ti: Ve? Cr**, Mn°", Fe 


Al, Si, P, S, Cl : 


Decreasing order of bond angles 


NH,, PH,, AsH, 
H,O, HS, H,Se 


NO,”, NO,, NOY 
NH,, NF, 
PH,, PF, 


. CH, NH,, H,O, BF,, C,H, 
- H,O, CO,, NH, CH, 
. NH,, NH,, PCI, SCL, 
k. 


NO, NOP, NOY, NO, 
B F,, NH,, SiH}, H,S 


m.C1,0, ClO,, Cl,0,, 12 


© a °C 


= RR m 


Decreasing order of solubility 
a. 


b. 


BeF,, MeF.,, CaF,, BaF > 
Be(OH),, Mg(OH),, Ca(OH),, Ba(OH), 


- BeCO,, MgCoO,, CaCO., BaCO, 
. BeSO,, MgSO,, CaSO,, BaSO, 


* Be (HCO,)», Mg (HCO), Ca (HCO,),, Ba (HCO; 


NaCl, MgCl,, AICI, CCI, 


- NaCl, CuC] (note the size of Na® = size of Cu) | 
- HNO,, H,PO | 


4? H,AsO,, H,SbO, 


4, Decreasing order of bond strength or bon 


enthalpy and bond length 
a. Bond length and bond strength of F,,N,, CL, O 
b; Single bond strength: N; O,, F, 

c. Bond dissociation enthalpy: F,, CL, Br,, L, 


2 


d. Bond strength and thermal stability: HCl, HBr. HF HI 
e. Thermal stability: HCIO, HCIO,, HCIO., HCIO 

i a . z i 4 
f. Thermal stability: LIOH, NaOH, KOH, RbOH CsOH 


g. Thermal stability and reducing character: NH,, AsH 
3? > 


SbH,, PH, 


h. Thermal stability and reducing character: HO, H,S 


H, Se, H, Te 
i. Thermal stability: H,SO,, H,SeO,, H,TeO, 
j. Thermal stability: H,SO,, H,SeO,, H,TeO, 
k. Thermal stability: HFO,, HCIO,, HBrO,, HIO, 
]. Thermal stability: LiH, NaH, KH, CsH 
m.Thermal stability: BeCO,, MgCO,, CaCO,, BaCO, 
n. Stability: Li°, Be“, B®, C° 


14. Decreasing order of extent of hydrolysis, hydration of 


1 


1 


1 


nN 


un 


—! 


ions and hydration energy 
a. Extent of hydrolysis: CCl,, MgCl, AICI,, PCL, 
SiCl, 
b. Extent of hydrolysis: NCI, PCL, AsCl,, SbCl, BiCl, 
c. Hydration of ions: Be”, Mg, Ca’*, Sr'*, Ba 
d. Hydration energy: Li®, Na®, K®, Rb’, Cs? 
e. Hydration energy: KÊ, Cs®, Ca’*, Ba% 
Decreasing order of strength of Lewis acids 
a. BF., BCL, BBr, 
b. AICL, GaCl,, InCl, 


. Decreasing order of oxidising/reducing power 


Decreasing oxidising power: 
a. GeCl,, SnCl,, PbCl, 

DE Cl Br, I 

c. O, S, Se, Te 

d. BrO”, ClO/, IO, 

e. CIO“, BrO”, IO” 
Decreasing reducing power: 
f. GeCL,, SnCL,, PbCL, 

g. HF, HC), HBr, HI 


- Decreasing order of miscellaneous properties as 


indicated. 

a. Decreasing strength of hydrogen bonding (X .... H-X) 
0,S,F, Cl, N 
Decreasing reactivity with water: 

b. Li, Na, K, Rb, Cs 

c. Be, Mg, Ca, Sr, Ba 

d. Decreasing reactivity with hydrogen: Li, Na, K, Rb, Cs 
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d dissociation 


Decreasing reactivity towards air: Be, Mg, Ca, Sr, Ba 


e. 
f. Decreasing number of hybrid orbitals: C, Si, Sn 

g. Decreasing oxidation number of iodine: L, HI, HIO,, ICI 
h. 


Decreasing order of +5 oxidation state: N, P, As, Sb, Bi 
i. Decreasing poisonous nature: H,O, H,S, H,Se, H,Te, 
H,Po 
j. Decreasing affinity for hydrogen: F,, Cl,, Br,, 1, 
k. Decreasing electropositivity: Fe, N, Cu, Li 
l. Decreasing density: Fe, Pb, Al, Au 
m. Decreasing density: H,S, O,, CO,, NH,, H, 


„a. O° >F? > Na? > Mg” 


Mg = 
12-2 
=]0 
12 


(All species 
are iso- 
electronic) 


9+1 
=10 


11-1 
= 10 
1] 


Smaller the value of Z larger is the size. 
e 


Hence the order is as given above. 


\ 


b. S% >CP>Ar> Ca” m speices 3 
Ue, E 

All belong to 3rd period 4th period isoelectronic 
i. Size of element decreases along the same period (—) 
but the size of noble gas is maximum in that period 


(due to greater electron—electron repulsion). 


ii. Size of Ca (4th period) > size of Ar (3rd period), but 
the size of Ar > size of Ca™*. Therefore, 
Size of dinegative ion > size of mononegative ion 


> noble gas (of the same period) > size of dipositive 
cation. 


Hence the order is as given above. 


c. N% > O% > F° > Na® > Mg” (All species are 
isoelectronic) 


Same explanation as in parts (a) and (b) above 


_Se_ , 5 5. © . 9 
4th Period 3rd Period 


Size of atom increases down the group because of 
addition of new shell (or increase in principal quantum 
number n). 

Size of atom decreases along the period (—>), i.e. 
decreases from C to O. | 


2nd Period 2nd Period 
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Na x Li Be > B 
3rd Period 2ndPeriod 2nd Period 


Same explanation as in part (d) above. 


f. Li® > Naf > KÊ > Rb® > Cs® (in aqueous solution) 


The ions in solution are present as hydrated ions. The 
smaller the size of the ion, greater is the charge density 
and hence greater is the extent of hydration. So, the size 
of hydrated ions becomes larger for the smaller sized 
ion and vice versa. 


g. Na®> Mg? >Si >C" — species are isoelectronic) 


[z [Na=ti [Mg = 12 | si= 14 | C= 17) 


12-2 | 14-4 | 17-7 
=10 =]10 =al0 


Smaller the charge on the cation, larger is the size and 
vice versa. 


h. H°>Li>H® (The species are not einai 


L 


j. 


= as es 
eee ee 


Smaller the value of = , larger is the size. 


OS Fos Lir> B*e (All species are not isoelectronic, 
but all of them belong to the same 2nd A 


Higher the —ve charge, larger is the size and higher the 
+ve charge, smaller is the size of an ion. 
I? > 1° > J? > Bre 
| 

5th period 4 po period 


[All the species are not- 
isoelectronic] 


53 F L= 153 +0=— | 53 —1= 135+1 = 
54 63 52 36 


Same explanation as in (a) and (b) above. 


k. I°>I>I® [Same explanation as in (j)] 


L Ke-0 sir sii" 


[Same explanation as in (g)] 


m. (Z for Ce = 58, Sn = 60, Yb = 70 and Lu = 71) 


Sn > Yb>Ce>lu 
a | ——————s | 
Sth Period 6th Period Lanthanides 
In lanthanides, the size decreases from La to Lu 
(Z = 57 to 71) due to Janthanide contraction. Although 
Sn belongs to the 5th period but its size is larger than 
lanthanides. 


n. O7 >F°>O>F 


(The species are not isoelectronic) 
[Same explanation as in parts (a) and (d) above] 


0. 


b. 


Br > Ar > Ca” >Mg** 

[Refer to solved example 1.5 (b)] 

Si > Mg >AIl > Na 

(All of them belong to the same 3rd period) 

IE (kJ mol`’) 1577 > 737 > 577 > 496 

IE increases along the period (—) 

But there is an exception, IE, of Mg > IE, of A], 
This is due to penetration effect. 

The valence electronic configurations of Mg and Aj 
are 

Mg = 3s’, Al = 
It is easier to remove electron from 3p orbital than j 


orbital, since 2s is more penetrated towards nucley 
Hence the order is as given above. 


Ar > Cl > [P > S] >Si > [Mg > Al] > Na 
| E | 


All of them belongs to 3rd period 


3s? 3p! 


3rd period element 


Generally sain increasing along the period. 


SS 
With an exception, IE, of Mg > IE, of Al (due to 
penetration effect). 


Similarly, there is an exception, IE, of P> IE, of S [due 
to stable half filled orbitals in P] 
IE,: All of these elements belong to 3rd period 


Na > Ar] > Cl> Si >P >[Al> Si]> Mg 


Generally IE, also increases along the period, but ther 
are two exceptions as marked in the box. 
Ist exception: IE, of Na > IE, of Ar 
Electronic configuration: 

Na (Z = 11), 1s* 2s? 2p® 3s!, Na® = 
Na” = ....... 2s”2p° 


IE, of Na is very low. IE, is the highest among the giv" 
elements, since it is very difficult to remove electo 
from inner (2p) orbitals. 


Ar (Z = 18): 1s? 2s* 2p° 35? 3p°, Ar® 
Ar” =...,. 3s?3p4 


. ETA 


IE, of Ar is very high since it is very difficult to reme 
election from stable full-filled configuration (35 3p} 
But TE, of Ar is less than IE, of Na, since in case of N 
den has to be rovod from the inner 2p orbit 
whereas in the case of Ar, it has to be removed fro” 
the valence 3p orbital. 


. th 
Alternatively: Larger the value of = smaller !$ h 
o 


size and high is the IE and vice versa. 


> 


Z 
Na (Z=11),Na® (11-1 =10, S= 21, 
* (1 -2=9), Z= =1.2 
Na (Il - > ar 9 ae 
Z 18 
Ar (Z= 18), Ar® (18 = 1 = 17), Soe 0s, 


Z 18 
Ar?* (18-2 = 16), == TO 1.125 
e 


w 
A for both Naand Na?* > — for both Ar® ada 
; z 


€ 
Hence IE, of Na > IE, of Ar 


TE, of Cl > TE, of S 
(2298) (2252) kK} mol 


Note: From the electronic configuration and á value, 
e 


IE, of S should be >IE, of Cl, but the observed values 
are reversed. 


Therefore, this discrepancy has to be explained by 
calculating Z g (effective nuclear charge) using Slater 
rule. Higher the Z_,. higher is the IE.. 


Za for last electron in cl®: 


Electron configuration of Cl and Cr’ 
Cl (Z=17) = 1s? 257 2p® 3s” 3p” 
ee ct a 
2g 8e 2+3=5e 

-c for last electron-in Cl® 

"0.35 x No. of electrons left in the nth shell 
= +(0.85xNo. of electronsin (7n —1)th shell) 

| + (1.00 x Total no. of electrons in the inner shells) 
= 0.35 x5+0.85 x 8+ 1.00 x 2 = 10.55 
Z for CI® = Z— 0 = 17 — 10.55 = 6.45 
Z y for last electron in SÊ: 
Electron configuration of S and SÊ 
S (Z= 16) = 1s? 2s* 2p® 3° 3p" 
g _ Ast As? 2p° 35° 3p 

we fe 242=4e 

“. 6 for last electron in S? 
= (0.35 *4+% 70,85 + 1.00 ~ 2) = 10.2 
Z4q for S* = Z—-6 = 16-10.2=5.8 
n Log for Cl? > Zy for p 
Hence IE, of CI > JE, of S 
2nd exception: IE, of Al > JE, of Si 
Electronic configuration: 
Al (Z= 13), 12, 2s” 2p°, 3s” 3p! 
AP = 3523p? AN? = 35 
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Si(Z = 14), 182, 28? 2p%, 38° 3p” 

Ge Be ap, Si = ninaan 3973p” 
IE, of Al > IE, of Si, since in case of Al, the second 
electron has to be removed from 3s orbital (which 1s 
more penetrated toward nucleus) whereas in case of Si, 
the second electron has to be removed from 3p orbital 
(which is less penetrated than s-orbital) (Penetration 
effect). Hence IE, of Al > TE, of Si. 


Z l 
Alternatively: Larger the value of PL smaller is the 


size and high is the IE, and vice versa. 


. IE of completely filled > half filled > incompletely filled 


orbitals. 


Since completely filled orbitals are more stable (due to 
high release of exchange energy) than half-filled orbitals 
which in turn more stable than incompletely filled orbitals. 


Z 13 
Al (Z= 13), AIÎ(13 — 1 = 12), ~ 1.083 


Z 13 
Al* (13 -2 =11), —==— =1.18 
e ll 


Z 14 
Si (Z=14), Si? (14-1 = 13), a 1.076 


14 
Si2* (14-2 = 12), a = — =1.166 
e 12 


~. Z forboth AI® and AL* > © for both Si®and Si” 
e e 


Hence IE, of Al > IE, of Si 


F>[N> 0] 


IE increases along the period (—). 
But there is exception, IE, of N > IE, of O. 
This is due to half-filled stable configuration in N. 


f. N>O>C>B (same explanation as in part (b) above) 
. F>Cl>Br>I (generally IE decreases down the 


group (¥)) 
Ne Na® O Na 
ee a ee a O EEIE 
2ndperiod 3rdperiod 2ndpernod 3rd period 


For explanation refer to solved example 1.5 (f). 


Cu > [Ag < Aul (Cu, Ag and Au belongs to 3d, 4d and 
5d transition element series). 

Generally IE decreases from Cu >Ag —>Au. But there 
is an exception, IE, of Au > IE, of Ag. 

Explanation: In all the 3 cases an s-electron in the 
unpaired state is to be removed, In the case of Cu a 4s 
electron is to be removed which is closer to the nucleus 
than the 5s electron of Ag. So LE decreases from Cu to 
Ag. However from Ag to Au, the 14Aelectrons are added 
which provide very poor shielding etYect. The nuclear 
charge is thus enhanced and therefore the outer electron 
of Au is more tightly held and so the IE, of Au is high. 
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IE, 
(kJ mol’) 


Group 


Generally IE decreases down the group (J) and IE, of 


group 2 > TE, of group l. 
Kr being inert gas has the maximum IE, as the piora 
involves removal of electron from the stable 4s° 4p 


configuration. 


IE, of 2nd period > IE, of 3rd period. So IE, of Cl is the 

least [i.e. IE decreases down the group (L)] 

IE. increases along the period, so IE, of F is the highest. 

There is an exception: IE, of N > IE, of O. 

This is due to the stable half-filled orbitals in N. 

Li > Na > K [AII of them belong to group 1 and JE 

decreases down the group ED! 

m. Be > Mg > Ca [All of them belong to group 2 and IE 
decreases down the group 4) 

- N > C >B [AIl of them belong to 2nd period and IE 
increases along the period (—>)] 

- C > Si > Ge [AIl of them belong to group 14 and IE 
decreases down the group (v)] 


(All of them belong to 3d transition element series and 
IE increases along the period] 


IE, should be B > AJ > Ga > In> TI (IE, decreases down 
the group). 
But the observed order is 
E | B> i> Ga> A> i 
(kJ mol’) 00> $902 5792 577 = $558 


Note: There is a deviation from general trend, 
This is due to the inert pair effect and which is due to the 
Imperfect (or poor) screening effect of d- and /-electrons. 
i. In Ga, due to the poor screening effect of 3d 
electrons, size of Ga” < size of Al”, so the IE, of 
Ga > IE, of Al. | 
ii. In Tl, due to poor screening effect of 4/- electrons 
(screening effect of s > p > d> f orbitals). 


nE N> Ga > Al > In 

Hence the order is as given above. 
2nd period elements from left to right are 
Li, Be, B, C, N, O, F, Ne 
The electronic confi guration of these elements and th; 
ions in +1 oxidation states are as 
Li (Z =3), > 2s!, Li? = 2s° [stable noble 
configuration and TE, is the highest in 2nd Perig 
Be (Z=4) > 25°, Be? > 25!, Be” => 25° 


ii. 

[Most stable] 

Therefore, IE, of Be is lower than of B. 
iii. B(Z=5),=> 25? 2p', B® = 252 2p° 


[Stable noble gas configuration] 
.. IE, of B > Be 

iv. C(Z=6) => 2s? 2p”, C? = 2s? 2p' 
Due to penetration effect, i.e. it is easier to remoy, 
an 2p electron from C® than from 2s electron from 
B® 
‘IE of BC 

v. From C to N to O, nuclear charge increases by one 
unit at a time. Therefore, their IE, also increase; 
accordingly, i.e. IE, of O> N>C 

vi. O(Z=8) > 2572p", O? = 2s” 2p” 
[Half-filled stable configuration] 

vii. F (Z = 9) => 2s72p°, F? = 25°2p* 
^ IE of O> F 

viii. Ne (Z = 10) = 2s*2p°, Ne® > 2s°2p° 
Since Ne, has the highest nuclear charge in 2nd 


period, therefore IE, of Ne is expected to be much 
higher than that of O and F, 


“. IE, of Ne>O>F 
Hence decreasing order of IE, of 2nd period is 
Li>Ne>O>F>N>B>C>Be 


[Cl>F]>Br>1 


[AeH decreases down group (4) but there is 2 
exception in AH of Cland F] 

Avg” of Cl> AH” of F, 

It is due to very small size of F atom. There are stro 
electron-electron repulsion in the relatively small 2? 
orbitals of F and thus, the incoming electron does n 
experience much attraction. Hence, the incoming 
electron is not added easily as it is added in large Yy 
orbitals of Cl, Conse “ofFi Iy 
a ; ] í onsequently, Aeh ot F is less negati 


IN 3 ? 
» N= 2s? 2p, p= 352 3p 


AH of P (more -ve value, —74 kJ mol`’) >N 
(1 20.1 kJ mol '). In both N and P, 2p and 3p orbits! 
are half-filled respectively. Thus the addition of ext 


4 


; Ås H® of Al (more — ve, — 


n. Cl> F>O>C>N>Belrefer to 5° 


electron to these orbitals is not possib] 
electron is added much more easily j €. But an extra 
than that of 2p orbital of N. nap orbitals of p 


Consequently, A. H® of P į 
g IS mo . 
of N. re negative than that 


44 : 
-23 kJ mol-'). KJ mol") > B (less _ ve 


Note: Wo he of 2nd period have 
he correspondi ager evalu th 
t ponding of 3rd period. z 
Valence shell configuration of B and A] i 
B=2s!2p!, Al = 3923p) is as 
Same explanation as in part (b) above 
rae | i 
Agh of S (-200 kJ mol!) > O 14] Ky mol) 
Valence shell electronic configuration of O and Si 
icas 
O = 2872p", S = 35734 e 
Same explanation as in part (b) above 


_ N>O>S>F (from +ve value to increasing —ve values) 


(Refer to Illustration 1.43.) 


. N> B> C> O (from +ve value to increasing —ve values) 


(Refer to Illustration 1.45). 


_Cl>F>Br>1>S>Si 


e ; © ang 
For explanation ofA H of CI > F > Br> ], [Refer to 
part (a) above.] 


A of S > Si, (Generally AHO increases along 
gP ı 8P the period) 
16 i 14, 
Both are of 
3rd period 


Hence the order is as given above. 
For part (h) to (k), refer to Illustration 1.44. 


. S°>O0 i. N° >P 


0°>S k. O° > S° 
07 s0”>0> O% (Greater the +ve charge, greater is 
the tendency to attract electron) 


as Be > iok (Ne, Be and Li belong to the 


' gpl8 gp2 gp! 


same 2nd period and Na belongs to the 3rd period) 
An of inert gases is the highest because ofthe stable 
completely filled (25° 2p°) configuration. So, energy 1S 


required to add extra electron. ine 
A,,H° of Be is comparable with Ne, because O 


stable completely filled (2s) configuration. A 
Down the group ($), A. Ho decreases, SO eg 
Li> AH“ of Na. 

Hence the order is as given above: 


H® of 


ived example 1 5(c)] 


a. Cl>S>P > AS 
LJ 


| | 
All belong to 4th 
the 3rd period period d decreases down 
EN increases along the period a 


the group (v). 
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b. 0° >0>0° 


e positive charge on the atoms increases its EN while 
negative charge decreases its EN. 


F > O > Al >H [refer to solved example 1.5(a)] 

F > O>CI> S >N [refer to solved example 1.5(e)] 

e. M™ > M” > M”? > MÊ (As the polarising power 
increases, EN increases) 

f. F > Cl>Br>I [EN decreases down the group (4)] 

N>C > P > Si, 


Ti EN increases along 
2nd period ! 3rd period the period (—) and 


| 
| 
I 
i 8p 1518p 14 cs 15 tgp 1 5! decreases down the 
roy tt [group (4) 


! 
O>N > S>P 
! Paras Sea w ı | EN of O, N, Sand 
eT10: T l 
ae Rene ok | Pae3.5,3, 2.9 
l 
| 


f 

fa Se l Ep io y Bi and 2.1, respectively 
Same explanation as in part (g) above. 

_ Hg>Cd> Zn 

u o a T (They belong to group 12 or II B) 


Transition element 
series 


In case of Zn, Cd and Hg, EN increases down the group. 
j S>H=P=Te 
Note: EN of H, P and Te are 2.1 each. 
EN of S = 2.6. It is an experimental fact. 


k. X >X? >X” [Higher the positive charge or lower the 
negative change, higher is the EN. Refer to Section 
1.15.3, Point (4)] 

l. CH=CH > CH, = CH, > CH, 
sp sp Sp 
[Refer to Section 1.15.3, Point (6)] 
More the s-character in hybrid orbital, higher the EN. 
m. EN of central atom œ 0.5 


+7 +5 +4 +2 
C1,0, > Cl,0; > ClO, > CIO 


5+ 2+ 2+ l+ 
PO; > ZnO > MgO > Naz Oz 
Acidic Amphoteric Lessbasic Morebasic 
Acidic character of oxides increases along the period (>). 


According to Fajans’ rule, higher the oxidation state of the 


atom, more is the covalent character and more is the acidic 


character. 
In case of ZnO and MgO, both have +2 charge on the atom. 


But the size of Mg” > size of Zn2*. The smaller the cation, 
the more covalent and more acidic the solution. 

Zn belongs to 3d transition element series, so the size 
decreases along the 3d series (—). 

Alternatively: Oxides of electropositive elements are 
alkaline while those of electronegative elements are 
acidic. Alkaline property will increase with the increase of 
racter of metal and acidic characteristic 


electropositive cha 


Inorganic Chemistry 
increase with the increase o 
of non-metals. Since the electroneg 
order P > Zn > Mg >Na the acidic c 
also decrease in the same order. 
6+ 5+ 4+ 4+ 
b. SO; > N, O; > CO, > SiO, 
In case of CO, and SiO, both have +4 charge on the atom. 
But the size of Si’ > size of c** (size increases down the 
group, and both belong to group 14). 
Rest is same explanation as in part (a) above. 
c. HCIO, > HCIO, > HCIO, > HCIO. 
The more stronger the acid, the weaker will be its conjugate 
base. In HCIO,, ClO h is the conjugate base and therefore it 
is stabilised by four resonating structure. Hence more acidic. 
Similarly, clo,°, clo} and C1O® will have 3, 2 and 1 
resonating structure. Hence the order is as given above. For 


f electronegative characteristics 
ativity decrease in the 
haracter of oxide will 


example, 
HCIO, + H,O —> H,0° + 


(= 


Alternatively: These acids are oxoacids and are represented 
as 
O 


| | 
m (HCIO,), O=CI— OH (HCI10;), 


O 


eon (HC1O,) and Cl — OH (HCIO) 
The larger number of O-atoms attached to Cl, the greater 
the pull towards O-atom, hence it is more easy to remove 
hydrogen from acid. 
5+ 5+ 5+ 5+ 

d. HNO, >H,PO, > H,AsO, > H3SbO, (All are oxo-acids) 
All of them belong to group 15. Size of central atom 
increases down the group. According to Fajans’ rule, smaller 
is the size of cation, more covalent character and thus more 
acidic. Hence the order is as given above. 

e. H, Te > H, Se > H,S > H,O 
Note: These are not oxoacids but are hydrides of group 16. 
The acidic strength depends on M—H bonds. The larger the 
size of M (O, S, Se, Te) the weaker its bonds with hydrogen 
and more easily H® gets released in aqueous solution. 


4+ 4+ A+ 
f. H,SO; > H,SeO, > H,TeO, 
[All are oxoacids of group 16] 


6. 


Same explanation as in part (d) above. | 
Alternatively: Increasing size and decreasing EN from ş i 
Te, withdraws electron from O-H bond towards itself (mon 
in H, SO,), thus facilitating the release of proton. 
6+ 4+ 6+ 
HSO; > H,SeO, > H,TeO, 


[All are oxoacids of group 16] 
Same explanation as in part (f) above. 

HI > HBr > HCI > HF [These are hydrogen halides] 
According to decreasing order of EN, F > Cl > Br >I, th 
acidic strength should be H-—F > HCI > H-Br > HI. The mop 
the EN of the central atom, the more is the withdrawal of | 


electrons from H to X towards itself, thus facilitating the 


release of proton. 
But the observed order of the acidic strength is as given 


above, i.e. HI > HBr > HCl > HF. 

The larger the size of X (I, Br, Cl, F). the weaker its bonds 
with hydrogen and more easily H® ion is released in aqueous 
solution. Hence the order is as given as above. 

HO-Cl > HO-Br > HO-I. [All are oxoacids of group 17] 
Decreasing order of EN of halogens is as 
F>CI>Br>I1 

More the EN of the halogens, more is the withdrawal of 
electrons from O to H bonds towards itself, thus facilitating 


the release of proton. 


5+ 4+ 3+ 2+ 


Same explanation is in part (a) above. 


3+ 2+ 2+ I+ 
. AICI, > BeCl, > MgCl, > LiCl 


Increasing pH 


Decreasing acidiccharacter 


According to Fajans’ rule, higher the charge (+ve or -ve), 
more is the covalent, more is the acidic character, and less 
is its pH. 

In case of BeCl,, both have +2 or —2 charge, but the size of 
Be*’ < size of Mg”*, so BeCl, is more covalent than MgCl, 
and hence more acidic. Thus pH of BeCl, < pH of MgCl; 


Hence the order is as given above. 


1+ 1+ 2+ 
2+ 2+ 
a. Cs,O>K,0 > SrO>MgO > NiO 
L S ) ON 
Group 1 Group 2 Group 10 
Transition ` 
element 


() 


Generally basic strength increases down the grouP 
and decreases along the period (—>). 
Therefore, oxides of group 1 elements are more bas 


than that of group 2 elements. 
Alternatively: According to Fajans’ rule, small chat! 
on the ions (+ve or —ve), large cation and small anio” 
the more is the ionic compound (reverse of covale 
nature) and thus more basic is the compound. 


Both MgO and NiO hav e eae oe 
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D 


e same ; 
ax charge, but size of 
Me” > size of Ni^ `. 


Alternatively: Increasing electropositive n 
element makes their oxides more basic, 


jai Mg is more 
electropositive than Ni (s-block elements are more 


ature of the 


electropositive than transition elements), 


. CsOH > RbOH > KOH > NaOH > LiOH 


All of these hydroxides belong to group 1, and basic 
character increases down the group (4). 


, Ba (OH), >Ca (OH), > Mg (OH), > Be (OH), 


All of these hydroxides belong to group 2, and the basic 
character increases down the group (J). 


_ NH; > PH; > AsH, >SbH, 


Note: These are not oxides or hydroxides but hydrides. 
of group 15. co a 
The basic character of these hydrides is based on the 
availability of lone pair electron on the central atom for 
donation to the electron-deficient compounds (Lewis 
acid), e.g., 

H;N : ——> AIC], 

(e rich) (e deficient) 
(Lewis base) (Lewis acid) 
The basic character of the hydrides decreases down the 
group (+). Since the size of N atom is small, the lone 
pair of electrons is distributed over a small volume. As 
a result, electron density on N is high and hence NH, 
is strongly basic. 
Down the group, the size of the atoms (P, As, Sb and 
Bi) goes on increasing and the lone pair of electrons is 
distributed over a large volume. As a result, electron 
density decreases and therefore the basic strength of 
their respective hydrides keeps on decreasing. 

+ 4+ 
Li O BeO B-20; 5 CO, 


T eee O 


Group1 Group 2° Group3 Group 4 
(All belong to the 2nd period) 
Basic character decreases along the period (>). 


Alternatively: For explanation of basic character/ 


acidic character by Fajans’ rule, refer as given in part 
(b) above. 


. F? > CÊ > Bre > JË 


The stronger the acid, the weaker is its conjugate 
base and vice versa, 


Acidic strength: HI > HBr> HCI > HI [refer to Question 
5 (h) above]. 


Basic strength: 12 < Br < cl? < Fa, 


Hence the order is as given above. 


1+ 3+ 3+ 3+ 
. TLO > TLO, > Ga,O, > Al,O, 


O O © O 
CH; > NH, >OH>F 
Acidic strength: HF > H,O > NH, > CH, 


Basic strength: F? <OH<N H, < CH, 
Alternatively: The more EN the atom, the lesser is its 
tendency to give a lone pair of electrons. 
Decreasing order of EN: F> O>N>C. 


Hence the order is as given above. 


All belong 
to group 13 
According to Fajans’ rule, small charge, large cation 


and small anion, the more the ionic character and thus 
the more basic is the compound. 


Hence the order is as given above. 


2+ 2+ 2+ 2 
BaCl, > SrCl, > CaCl, > M 


[All belong to group 2] 


+ 2+ 
gCl, > BeCl, 


According to Fajans’ rule, small charge, large cation 
and small anion, the more is the ionic character. 


Thus ionic character increases down the group (1). 


Alternatively: Increase in electropositivity of the 
element increases the ionic character. 


3+ 3+ 3+ All belong 
GaCl, > AICI, > BCI, 
to group 13 
Same explanation as in part (a) above. 


2+ 3+ 4+ S+ 
VCl, > VCl; > VCl, > VOCI, 


Same explanation as in part (a) above. 


l+ l+ 


1+ l+ 1+ 
. CsBr > RbBr > KBr > NaBr > LiBr 


[All belong to group 1] 
Same explanation as in part (a) above. 


® o +1x2 


` H ii Same expla- 
Li F>K, O% >CIR > 


SO, >N, | nation asin 


part (a) above 


e MnO is the most ionic. Apply Fajans’ rule. 


The lesser the charge, the more is the ionic character. 
Therefore, decreasing order of ionic character: 


6+ 7+ 


MnO > P,O, > CrO; > MnO, 
l+ I+ I+ , 
Lil >Li Br > Li Cl. | All belong to group 1] 
According to Fajans’ rule, high charge on the ions, small 
cation, large anion, the more is the covalent character. 
Hence the order is as given above. 

4+ 3+ 2+ 


TiCl, >TiCl, > TiCl, 


Same explanation as in part (a) given above. 


1.90 Inorga 


nic Chemistry - 
IF, >S si Al M Cl, > NaCl 
. IF > Sk > PCI, >SiCl4 > AlCl; > gCl, 


Same — as in = (a) given above. 


4+ 
> GeCly > SnCl > PbCl, 


i CCl, > SiCl, 
given above. 


Same — as in part (a) 


i Cl, > CBr, > CCl, 


Same explanation as in part (a) given above. 


All belong to 


3 34 3+ 
. Lu Cl, >Gd Cl, >Ce Cl, > La Cl; lanthanides 
series 


In lanthanides, the size of cation decreases in that series 


(due to lanthianide contraction). 
- Size of La > Ce” > Gd3* > Lu” 


Hence according to Fajans’ rule, the order is as given 


above. 

. Li>Na>K>Rb>Cs [All belong to group 1] 

The melting (or boiling) point decreases down group 
1, since the metallic bonding decreases but metallic 
character increases down the group (J). 


. Hydrides of group 15. 


NH, > BiH, > SbH, > AsH, > PH, 
m.pt. (K) 195.2 — 185 156.7 139.5 


NH3 BiH; 


BiH, > SbH, > NH, > AsH, > PH, 
b.pt.(K) 290 254.6 238.6 210.6 185 


For explanation, refer to Chapter 2. 


c. Hydrides of group 16 


h. 


10. a. 


. Melting point of H,O > NH, > HF 


- m.pt. CaF, > CaCl, > CaBr, > Cal, 


H,O 7 H,Te 7 H,Se > H,S ~ 
m.pt. (K) 273 > 222 7 208 > 188 


H,0 


H, Te 7 H,Se > HS 
269 > 232 > 213. 
fer to Chapter 2. 


H,O? 
b.pt. (K) 373 > 
For explanation, re 


Hydrides of group 17 


HI > HF > HBr > HCI 
m.pt. (K) 222 > 190 > 185 > 159 


HF 


b.pt. 


HBr 
HCl 


HF > HI > HBr > HCl 
b.pt. (K) 293 > 238 > 206 > 189 
For explanation, refer to Chapter 2. 


m.pt. (K) 273 > 195.2 > 190 
Boiling point of H,O > HF > NH, 
b.pt. (K) 373 > 293 > 238.5 
For explanation, refer to Chapter 2. 
m.pt. KF > KC] > K Br> KI 
The more ionic a compound, the higher is the mf 


Therefore according to Fajans’ rule, the more in 
ionic character. Hence the m.pt. are as given above 


10n : 
a à as n in part (f) above. 


Li Br > Li I > Be Br > B Br 
Same explanation according to Fajan’s rule. 
All of them belong to 3d series of transition ele™ 
Cr* > Cot > Ni? > TP > Zn2* 
ze morei number of unpaired e”’s, the hig? 4 
c moment) and are coloured also. 
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f. Fet > Mn** > Cr* > Vv" > Ti?" > Sc3* (n= 5, 4, 3,2, 


1,0 

TA ae electronic configuration as given in part (c) 
Lasi Jan above 

Ti =....3d! 45° => n=l 

Vv =u 3P 459 => n=2 

Crt =... 3d 45° => n= All are 

Mn” =....3d! 45° => n=4 | coloured 

Fe’ =....3d¢ 45° > n=5 


g. P>Si=S>AIl=Cl 


Valence electronic configuration: 
Al(Z = 13) ....3 3p! n=] 
Valence electronic Ss 


4 Ee Si(Z = 14) ....3573p*  n=2 
ie P(Z=15) ....3 3p  n=3 pe - 
S(Z= 16) .... 3s” 3p" EE 
All coloured 


L444} »=2 


CI(Z = 17) .... 3s? 3p° 
ALAA] n= 


c. All of them belong to 3d transition element. 


. l1. a. NH, > PH,>AsH, | Forexplanation, refer to 
Te ee n= 05,4, 3, 2,3) Poe] Section 1.16(3)(a). 

Valence electronic configuration: 

Sc(Z=21) _ .... 3d! 45? >n=] b. HO > HS> HSe For explanation, refer to 
Ti(Z=22) ....3@ 45? =>n=2 re ee | section 1.16, Point 3(a) 
V(Z=23)  .... 3d 4s? =>n=3 pene eer et (Explanation) 
Cr(Z=24)  ....3d 4s! =>n=6 

Mn (Z =25) .... 3d° 4s” =>n=5 e 


NF, > PH, > =) 
Fe(Z=26) _ .... 3d° 4s? 


. 102° > 93.3° > 90° 
Al] 2-4 


The increasing size (from N > P —> As) and decreasing 
d. Mn? > Cr® = Fe® > V® > Ti? > Sc® EN (from N —> P > As) of the central atom. permit 
(n= 6, 5, 5, 4, 3, 2) 


the bonding electrons to be drawn out further, thus 
. . : , decreases repulsion between bonding pairs. 
Valence electronic configuration [as given in part (c) P SP 


above] d. NCI, > NF, 

= Se" =. 3h Ae! = wed For explanation, refer to Section 1.16, Point 3(a\u). 
T? =,...3¢ 4. = 7=3 NO? > NO, > NOS For explanation, refer to 

A e. - 7 . ; 
San 3d 4s! > n= All are coloured 180° > 134° > 115° |Sectionl.16, Point Xa)v). 
C” =....3d 45° > n=5 
Mn® = y w o E f. NH, > NF;. For explanation, refer to Section 1.16, Point 
| i ee E = 3(a)(iii). 
Fe? = 3d 4s! = n=5 g. PF, > PH,. For explanation, refer to Section L16, Point 
a 4) ae = 2 , i - 3(a)(iii). 

j x _ ie <n > V” > Ti" > Be h. State of hybridisation is also used for determination oft 

5 as 2 i bond angle, ref secti Point 3(a)(v 
Ble, refer to Section 1.16, Point 3(a)(v). 
Valenc ic configuration as given in part (c) 
ice Pan Came HC = CH (180°) > BE, (120°) > CH, (109.5°) 
Sc2t 7 3d! 4g 0 ee eel a (yp) (Linear) BP) (Planar) (sp') (Tetrahedral) 
i =< fal wad ~ NH, (107°) H,O (104.5°) 
y2+ z 0 _ Pyramidal, sp’ but there V shape, sp’ but more 
. 3d 45° => n=3 ol E is repulsion between lone repulsion between lone 

CrP = 3d 4 => n=4 All are coloure pair and bond pair. pair and bond pair. 
Mn =. 3° 459 = n=5 
Fe** = uIP 49 = n=4 


` a E E e a 
1.92 Inorganic Chemistry CH, (109.5°) atom lead to angle somewhat greater than th 
` . — —_ o > ow o 
aa til » CTetrahedral) tetrahedral angle (i.e. >109.5°). 
; sp 
sp (Linear) O (104.5°) The shorter bond length (O-Cl)1 in ClO, results fron, 
NH, (107°) - oe | y resonance, with the unpaired e ’s on the CI o ( 
sp shape 
sp` (Pyramidal) i m atom. 
Same explanation as given in part (h) above. iii. CIO, structure: 


j. 2 
NH4 (109.5°) > NH; (107°)> S; (104°) > PCls an = 
cY \cl ot 
i) se) Ca (sp) ZN. 
Tetrahedral Pyramidal V-shape. Trigonal : f O: 
similar to bi-pyramid 
H,O structure 120° and 90 sp? (109.5°) 
Same explanation as given in part (h) above. The tetrahedral angle about the Cl atoms is 4 
k. NOS (180°) > NO,(134°) > NO$(120°) > NOZ(115°) expected (109.5°). 
Linear. One unshared sp“ and have one one 
m electron. sp 3 resonating pair, sp? The angle about the central O atom is also expecta, 
structure for an sp° hybridised central atom with two of the 
For explanation. refer to Section 1.16, Point 3(a)(v). pairs of electrons bonded to other atoms. 
LBF. > SiH, > NH, > W S: © oR: @? 7 
; . iv. L~ : I o——e I *——-*]:; 
x sP sp sp” i = a 
l > a sp sp Central atom 
| 120° | Tetrahedral Tetrahedral opine ; 
5e | 107° as Hybridisation = 2 bp + 3 Ip = 5 = sp`d 
wre Due to repulsion | | Due to repulsion A P p E 
between peip: OR i 
d - 
Ip and bp one Hybridisation = >=(V + M + (negative charge) 
m. i CLO: = Hybridisation = 2 bp + 2 Ip = 4 = sp’. p 
i ==(7+2+1) =5=sp°d 
PPGP ] 1 i 
Hybridisation = a TMJ = OF 2)=4= sp? = Trigo onal bipyramid (Tbp) 
Structure: re10) 
SP, 
=105° 
Due to {p-p repulsion the bond angle decreases from 
the expected 109.5° to 105° (like H,O). The linear orientation of 1, results from the 8% 


pairs of electrons being oriented in Tbp geomet? 
about the central atom. The two bonding pairs rp 
less than the non-bonding pairs (i.e. /p’s) and so 3® 
most stable at the apical positions (90° from th 
other pairs). Bond angle between [-I' 1 is 180°. S9 


ii .CIO, = Hybridisation = 2 bp + | Ip+ le =4 = sp. 
7 OR 


] , - 
Hybridisation = 5 V+M+ unpaired e ) 


J ~ 
= —(7+01)=4=sp” 
> the decreasing order of bond angle is 
D I, (180°) > CIO, (>109.5°)> C LO, (109. ssy>ch 0 
Structure: Cle (=105°) l 


12. a. BaF, > CaF, > MgF, > BeF, 
b. Ba(OH), > Ca(OH), > Mg(OH), > Be(OH), 


2 109 > he For >X al ti y ` . 7 | 
explanation of (a) and (b), refer to Section L.- 


Since there are only three non-bonding e 's on the Point 10(b). 


central atom in CIO, 7 Simeon for “id joerc Notei Latics on ane mr: alll 
pairs is less than that m g J and the angle between than the verlation ti nwa Pr 
the bonds is greater in CIO. i hydra 
Eni e BeCO, > MgCO, > CaCO, > BaC 
Moreover, the resonance of single electron among y BM à y > BaCO, 
, d. BeSO, > MgSO, > CaSO, > BaSO, 


the bonding and non-bonding orbitals on the central | 


e. Be(HCO,), > Mg(HCO,), > Ca(HCO,), > Ba(HCO 


= 


ga 


h. 


LB. a. 


b. 


C. 


| | ) 
‘Note: Down the group (J), the lattice Scalar 
_of carbonates, sulphates and bicarbonates do not 
decrease much while the degree of hydration of 
the metal ions decreases significant] 


l Sat 
decreased solubility. y leading to 


For detailed explanation of (c), (d) and . 
i e), ref 
Section 1.27.1, Point 10(c). (e), refer to 


I+ 2+ 3+ 4+ 
NaCl > MgCl, > AICI, > CCl, 


According to Fajans’ rule, the more ionic a compound 
the more is soluble in water. 
Hence, the order is as given above. 


l+ 1+ 
_ NaCl > CuCl 


According to Fajans’ rule, NaCl is more ionic than CuC] 
(which is covalent). 


Both have same charge, sizes of cation and anion are 
also same. 


@ e . 
But Cu“ have d-orbitals. So CuCl is covalent and NaC] 
is ionic. 
The more the ionic, the more is the solubility in water. 
Hence, the order is as given above. 


5+ 5+ 5+ 5+ 
H NO; > H, PO, > H, AsO, > H, SbO, 
(All of them belong to group 15) 


According to Fajans’ rule, the acidic character is given 
as above (Refer to solution of Question 5 (d). 


The more is the acidic character, the more is the 
solubility in water 


+4 +4 


+4 Allare oxoacids 

j group16 | 
Refer to solution of Question 5 (f). 
Bond length: C1-C1>F-F>O0=0>N=N 
Bond strength: N=N>O=O>F-F>CI-Cl 
Fluorine and chlorine contain a single bond each. 
Chlorine involves overlap of 3p orbitals while fluorine 
involves overlap of 2p orbitals. Overlap of 2p-2p 
orbitals is stronger than 3p—3p overlap. So bond strength 
of F, > CL, and bond length of Cl, > F,. 


Nitrogen contains triple bond and oxygen contains 
double bond. Triple bond is stronger than double bond. 


l 
Bond strength o Bond length 


Hence, the order is as given above. 
F-F>0-0>N-N 

Same explanation as given in part (a) above. 

Cl, > Br, > F, > L (observed trend) 

Bond enthalpy (kJ mol’) 242.6 > 192.8 > 158.8> 1 
The expected trend in the bond dissociation energy 
should be: 

F> Cl. > Br. >L 


51.1 
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Enthalpy of dissociation decreases as the bond distance 
increases from F, to L,, due to a corresponding increase 
in the size of the atom down the group from F to I. 
But the bond dissociation enthalpy of F, is however 
smaller than that of Cl, and even smaller than that of 
Br,. This is due to the reason that F atom is very small 
and hence the electron—electron repulsions between the 
lone pairs of electrons are very large, e.g. 

Hence, the order is as given above. ` 


. HF > HCI > H Br > H I (Hydrides of group 17) 


As the size of halogen atom increases, the strength of 
HX bond increases. Besides this, the decreasing per 
cent of ionic character from HF to HI makes the bond 
less stable. 


. HCIO, > HCIO, > HCIO, > HCIO 


The stability is explained by increasing the number of 
electrons involved in the formation of o and 7 bonds 
is going from HCIO to HCIO,. In clo,° ion, all the 
valence orbitals and electrons of chlorine are involved 
in the formation of bonds. 


. CsOH > RbOH > KOH > NaOH> LiOH 


Down the group, according to Fajans’ rule, the ionic 
character of hydroxides of group 1 and group 2 
increases. Therefore, the more ionic a compound, the 
more is the thermal stablity. 


. NH, > PH, > SbH, > BiH, (Hydrides of group 15) 


Stability of hydrides of groups 15, 16 and 17 decreases 
down the group (J). SbH, and BiH, are thermally 
unstable whereas BiH, has been obtained in traces only. 
Since the size of element (M) in M-H increases down 
the group (4), the bond length between M and H in 
MH increases and the bond strength decreases down 
the group. 

Reducing the character of hydrides of groups 15, 16 
and 17 increases down the group. 

Down the group (1) the removal of H-atom increases, 
so the reducing character order is as given below: 


Reducing character: BiH, > SbH, > AsH, > PH, >NH,. 


. Thermal stability: H,O > H,S > H,Se > H,Te. 


Reducing character: H,Te > H,Se > H,S > H,O. 
Same explanation as in part (g) above. 


i. H,SO, > H,SeO, > H,TeO, (All are oxoacids). 


Same explanation as in part (g) above. 


j. H,SO, > H,SeO, > H,TeO, (All are oxoacids). 


Same explanation as in part (g) above. 


. HIO, > HBrO, > HCIO, > HFO, 


Ions of these acids are stabilised due to strong pn—dn 
multiple bonding between full 2p orbitals on oxygen 


1.94 Inorganic Chemistry 
and empty d- 
has no d-obritals and can not form 
oxoacids of fluorine are not known. 

I Lid > NaH > KH > CsH (All hydrid 

1 and 2) 

According to Fajans’ rule, hydr 

on two factors: larger charge 

more hydrolysis, hence, more 

BaCO, > CaCO, > MgCO, > BeCO,. 


orbitals on the halogen 


free H® ions. 


m., 
Increasing size of cation decre 
towards carbonate 10n, (CO, 
compound more stable. Hence stability 


of group 2 elements decreases down the group. 


ù Li(Z=3)> as! LIS > 28° 


(Full filled, most stable) 


Be (Z=4) > 2, Be® => 2s”, 2p' (Least stable) 


atom. Fluorine 
pn-dn bonds. Thus 


es of groups 
olysis of cations depends 


and smaller size favour 


ases its polarising ability 
~), and thus making the 
of carbonates 


B (Z=5) > 2%, 2p', Bo > 2s*, 2p* 
C°(Z=6) => 2s", 2p C°=> 2s, 2p? (Half filled, stable) 
Therefore. decreasing order of stability: 


Py => =) O 
Li° > CY > B= > Be“ 


14. a. PCI, > SiCl,> AICI, > MgCl, > CCl 


In covalent halides, hydrolysis occurs as a result of 
coordination of a water molecule to the less EN element. 
CCl, does not undergo hydrolysis as carbon cannot 
expand its octet to accommodate water molecules. 

. BiCl, > SbCl, > AsCl, > PCI, > NCI, (All belong to 
group 15) 
Hydrolysis increases down the group (J). 


These trihalides are predominantly covalent with ionic 
character increasing down the group () (Fajans’ rule). 
The trihalides undergo hydrolysis but the product of 
hydrolysis depends upon the nature of the element. 
For example, 


i. NCI, +3 H,O —> NH, + 3 HOCI 
OR 
NCI, + 4 H,O —> NH,OH + 3 HOCI 
i PCI, +3 H,O —> H,PO, + 3 HCI 


(Phoshorous acid) 
iii. AsCl, + 3 H,O —> H,AsO, + 3 HCI 
iv. SbCL +H,O— SbOC] + 2HCI 


(Antimony oxychloride) 
OR 
SbCl, + HO —> SbO” + 3C)” + 2H” 
v. Bi Cl, + H,O —> BiO® + 3C” + 2H" 
OR 
BIOCI + 2HCI 


(Bismuth oxychloride) 


c. Be?” > Mg” > Ca” > Sr” > Ba’! 


15. 


16. 


a. 


Oe si 


Charge 


Hydration of ions « charge density Eaa ratio 


Hydration of ions decreases down the group (J) 
increases along the period (~). 

Li® > Na® > K®> Rb? > Cs? 

as given in part (c) above. 


ydration, the more negatiy 
t 


ang 


Same explanation 
The more is the extent of h 
hydration energy is released. 


® 
Ca?" > Ba” > K®> Cs 


Hydration energy of group 2 ions > Hydration energy of 
group | ions [as explained in part (c) above]. 

BBr, > BCI, > BF}. 
Besides o bond between boron and hologen atoms, there 
exists additional pt—p™ bond between the two atoms 
resulting from back-donation of electrons from fluorine 
to boron (back bonding). 


The tendency to form pt—pt bond is maximum in BF 
(2 pn —2 pr back bonding) and falls rapidly on passing 
to BCI, (2 pn — 3 pt back bonding) and BBr, (2 px-4 
pt back bonding). The tendency to accept electron pair, 
therefore increases from BF, to BBr,. 

AICI, > GaCl, > InCl,. With increase in size of elements 
of group 13, the tendency to accept electron pair is 
decreased. 


+4 +4 +4 
PbCl, > SnCl, > GeCl, (All belong to group 14) 
Due to inert pair effect, the stability of element in 
group 14, from +4 oxidation state to +2 oxidation state 
increases down the group (1), e.g. 


Pb** + 2e ——> Pb” (Reduction and hence acts a 
oxidising agent). 


. F>Cl>Br>I (All belong to group 17) 


Reduction potential [Eko] Of halogens decreas 
down the group, so oxidising power also decreases. 


. O>S>Se> Te (All belong to group 16) 


Same expalnation as given in part (b) above. 


» BO, a 


This is due to their reduction potential values. 
i, BrO,° +2H® +2e —> BrOÇ +H,0;E> 
=1.74 V 
ii. 10, + 2H® + 2e —> 10,° + H,0; E° = 1.65V 
iil, CIO,’ + 2H® + 2e —+ ClO + H,O; 
7 pe = 1.199 
Although among perhalates, BrO ,~ is the stronge 
oxidising agent, yet it is a edo oxidising age 
than F,. This is because Bro,” (perbromate) and 
HBrO, (per bromic acid) can be obtained by the 


oxidati br a ; >i -ali 
xidation of bromates (BrO,*') by F, in alkalin? 
solution 


BrO, +F +2OH— BrO,° +2F° +H,0 


P. 


ea 


e. 


—_ 


ga 


ga 


©) > Bro® > (Os 


ciO 
resize of the halogen increases, the thermal stability 


Ast . 

fthe 0-X bond increases and the oxidising power of 
© decreases, as Shown by their r i aeii 

xo° decr y eduction potential 

values. 


| 

clo’ +2H® +2¢ — rhe +H,0;E° =1.61V 
E | 

g0? + 2H® +20 —> 7 Bh +H,0;E° =1.60 V 


p l 
joo +2H® +2 — 7l +H,0; E? =1.44 V 


GeCl, > SnCl, > PbCI, (All belong to group 14) 

The stability of element in +2 oxidation state increases 
jown the group 14 (4). This is due to inert pair effect 
[As explained in part (a) above]. 

HI > HBr > HCl > HF 

The reducing power of HX acids depends upon the ease 
with which it decomposes to give H, and X.. 

2HX >H, +X, 

Greater the bond dissociation energy, the more stable 


is the HX acid and hence weaker is the reducing agent. 
Bond dissociation enery of HX is as: 


HF > HCl > HBr > HI 
and hence the reducing power of HX is as shown above. 
F>O>N>Cl>S 
H-bonding œ EN of the element and 
1 
size of the element 
The decreasing order of EN is F> O>N> Cl>S. 
The decreasing order of size is F <O <N < GaS. 


High EN and small size of the element makes hydrogen 
bonding more strong. 


H-bonding 


. Cs>Rb>K> Na > Li (All belong to group 1) 


The reactivity increases down the group 1 ($) due to 
decrease in ionisation energy down the group 1 L); 


Ba> Sr > Ca > Mg > Be (All belong to group 2). 
Same explanation as given in part (b) above. 

Cs > Rb > K > Na > Li (All belong to group 1) 

The ease of formation of hydrides increases down the 
group 1 ($). 


. Ba> Sr > Ca > Mg > Be (All belong to group 2). 


The ease of formation of oxides increases down the 
group 2 (J). 


+ C>Si> Sn (All belong to group 14). 


The number of hybrid orbitals and ease with which these 


are formed decreases down the group 14 ($), i.e. from 
C to Pb. 


. HIO,>ICI>1, >HI 


7+ 1+ 0 l- 
The oxidation of iodine in H104,1C1, 1z andHI are + 
7,+1,0 and -1 respectively 
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elements and General Inorganic Chemist = 


h. N>P>As> Sb> Bi (All belong to grouP 15). 


Stability of lower oxidation state (i.e. 


5 


from + 5 to + 3 


‘a ig 
in group 15) increases down the group 15 (b). This ! 
due to inert pair effect. 

i. PoH, > H,Te > H,Se > H,O 
All belong to group 16) 

l 16 (4). Po 


Poisonous nature increases down the group 
is radioactive and is most poisonous. 

j. F,> Cl, > Br,> l, (All belong to group 17) 
F, is most reactive of all the h 
higher reduction potential tha 


© © 
reduction potential | Ex,/2x(aq) 
group 17 (+). 


k. Li>Na>Cu> Fe 
(s-block) (d-block)5 


s-block elements are more electro 


alogens, because F, has 
n other halogens. The 


| decreases down the 


positive than 


d-block elements. But the electropositive character 
in s-block elements increases down the group. So the 


electropositive character of Na should be more than Li. 


But this is an exceptional case, Li is more electropositive 


in aqueous solution (refer to Section 1.27.1): 


I. Au > Pb > Fe > Al (Atomic weight of Au, Pb, Fe and 
Al are 196.97, 207.19, 55.85 and 26.98 respectively) 


Increasing atomic mass increases the density. 


So, the density of Pb should be greater than that of Au. 
But Au belongs to 4d-transition element series and the 
size is less than that of Pb. So, the density of Au > the 


density of Pb. 

m. CO, > H,S > 0, > NH, > H, 
[Molecular weight 
(g mol™’)] 44 34 32 17 2 


Increasing molecular masses increases the density. 


CONCEPT APPLICATION EXERCISE 1.3 


. Arrange the following in order of decreasing ionic 


character, 
a. CI F,, SO,, N,, K,O and LiF 
b. C-H, F-H, Br- H, Na - I, K — F and Li -Cl 
c. AIF,, AICI,, AlBr, 


. Arrange the following in order of decreasing bond angle. 


a. CO,, H,0, CH, 
b. SO,”, SO,” 


. CaCO, dissolves in HCI but not in water. Why? 
, Why MgO exist as Mg”"O” not as Mg®O® whereas 


the formation of Mg’ from Mg requires more energy 
than formation of Mg® and formation of O° from O is 
exothermic whereas the formation of O% is endothermic 
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vom the data piven below, 


AICI, is covalent | HOW 
| alent or become ionic 


s, Anhydrous l 
ther it would remain COV 


predict whe 
in Aqueous solution 
1B, of Al = 5140 K] mol 


A HAAR = -4665 k) mol” 


Anya! rch) 
Which compound for e 
ionic and why? 
a. BoBr, or MgBr, 
c AgBr or Agl 
7. NaBr gives pale yellow 
but CBr, does not. Why? l 
8. Copper ìs conducting as such while Cu SO, is conducting 
only in molten state or in aqueous solution, Why? 
9, Explain the observed bond angle order. 
clo (1 10.8°) > H,O (104.5°) > F,O (103.2°) 


hyd 
380 kI mol 


ach of the following pairs is more 


6 


b. POCI, ot PbCl, 
d. CuO or CuS 


precipitate with AgNO, solution 


e 
10. NH4 has bond angle identical to CH, but NH, has 


different bond angle. W hy? 
11. Electronegativities of F, O, N, Cl, H are 4.0, 3.5, 3.2 and 
2.1 respectively. In which atoms there is strongest bond, 
12. The IE, of Li is 5.4 eV and IE, of H is 13.6 eV, Calculate 
the charge acting on the outermost electron of Li atom. 
13. a. The melting point of KBr is higher than that of AgBr 
though the cyrstal radii of Ag® and K® ions are 
almost the same. Explain. 
b. SnCl, is solid but SnCl, is liquid. Why? 


roup number and block to which the given. elements 
), C(Z= 29), D (Z= 36) and E (Z= 58). 


(Z=9) 


The last electron is in the 2p-orbital, therefore it belongs to 
p-block elements. 
<. Group number = 10 + 7 = 17 
Number of the 
principal quantum 
number of the 
valence shell 


Period of the element = 2nd 


Hence A = group 17 and 2nd period. 
B = 15°, 2s72p®, 3873p", (Z = 20) 


The last electron is in the 4s-orbital, therefore it belongs to 
s-block elements. 

<, Group number = 2 (Number of electrons in the valence 
shell) 


on 


IE, 


| Which of the above elements is likely to be: 


. areactive non-metal 


Period = Ath (Number of the principal quantum number, 


the valence shell) 


(Z= 29) 


orbital, therefore it belongs 


) T alo 
167, 2p", 3823p", jas! 3d!" 


The last electron ig in the 3d- 


d-block clements. 
“Number of electrons in 


dlth 


‘oup number 
Grou the penultimate shell 


(i.c. in 3d) and valence 
shell (i.c. in 48) = 10+] 
=|| 


Period = 4th (Number of the principal quantam number g 


the valence shell) 


= 192, 2872p", 35°3p" 3d"", (Z = 36) 


The last electron is in the 4p-orbital, therefore it belongs, 


p-block elements. 
Group number = 10+ 8 = 18 
Period = 4th (Number of the principal quantum number of 


the valence shell) 
= Is”, 2s°2p’, 3573p" 3d"", 4s"4p° 4d’, 58°5p°, 


(Z = 58) 

The last electron is in the 4/-or 

f-block elements. 
Note: The filling of 4/-orbitals occurs only whe 
electron has already entered 5d-orbital. There! 
belongs to /-block elements and not to d-block ele 


bital, therefore it belongs to 


Since it belongs to lanthanides series, therefore as such i 
does not have any group number. 
‘Note: But all lanthanides and actinides belong to 
ena a CA 
Number of the principal 
However, its period = 6th | quantum number of 
the valence shell 


— 


(first ionisation energy) and IE, (second ionisation enet 


a reactive metal 


a noble gas 
a metal forming binary halide (MX,) | si ‘ | 


——— 
Sc 
— 


so is reactive metal since it has minimum IE.. 

: a reactive non-metal since it has second mini 
m noble gas since it has maximum JẸ. 
i c forms MX.. Since IE, of C is the least. 


era the three elements A, B and C from the data 


ntify given below: 
The elements have successive atomic numbers. È 


A forms à stable anion, A® 
€ forms 4 stable cation, ce 
C 


mum IE,. 


Let the atomic number of A is Z, and B must be (Z+ 1) 
fi must be (Z + 2) since A, B and C have successive atomic 
numbers. 

Halogens form the most stable halide anions as their octet is 
complete. But in halogens Cl” is the most stable. 
Whereas alkali metals form the most stable cations. 
The atomic number of Cl = 17 
- A=Chlorine (Z = 17) 
B=Argon (Z= 17+ 1= 18) 
C= Potassium (Z = 17 + 2 = 19) 


Note: 17, 18 and 19 are successive numbers. 


Among the elements, Ar, Si, Na and Cl. Select an element with 
a. Highest IE b. Highest EA ae 
c. Smallest size d. Highest electrical conductivity. 


ap All of them belongs to the same 3rd period. 
a. Highest IE = Ar (Since it is a noble gas) 
b. Highest EA = Chlorine 
since EA or ApH” increases 
along the period (— ) 
(EA of Cl> F > Br> I) 
¢. Smallest size = Chlorine (since size decreases along the 
same period (—>)) 


d. Highest electrical conductivity = Sodium [alkali metals have 
highest conductivity] 


Arrange the following in decreasing order as directed. 
Decreasing order of EN: H, O, Al, F 

Decreasing order of radii: Ar, Br, Ca’, Mg” 
Decreasing order of EA: C, N, Be, F, O, CI 
Decreasing order of IE and BA: F, Cl, Br, I 
Decreasing order of EN: F, N, O, Cl, $ 

Decreasing order of IE: Ne, O, Na, Na” 
Decreasing electropositive character: Na, Cu, Zn 


qQieeeaes Pp 


a EN: F>QO > Al > H 


ii i 
2nd period 3rd period lst period 


[EN increases along the period, ~. EN of F > O] 
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ya 


. Radii: Br > Ar 


E: F>Ci>Br> 1| 


. IE; Ne 


Aluminium (Al) belongs to 3rd period. [EN decreases down 
the group (1)] 


> Ca” > Mg” 
| es lannsa | PESSE | ae | 

4th period 3rd period 4th period 3rd period 
Although size of an atom decreases along the period (—) 
but in a period, size of noble gas is highest. 
Ar belongs to 3rd period whereas Br belongs to 4th period. 
. Size of Br > Size of Ar 
Similarly, although both Ca?" and Mg?" ions have same 


charge, but Ca belongs to 4th period and Mg belongs to 3rd 
period. 


“. Size of Ca? > Size of Mg” 


. EA: Cl>F>O>C>N> Be 


Among halogens decreasing order of EA or A, He =Cl> 
F>Br>I 


Generally EA increases along the period (—) 


Therefore, order of EA should be O > 


But there is exception in the EA of N and C. Since N has half- 
filled stable configuration, so it is difficult to add electron 
to N as compared to C. 


<. EAof C>N 

Among Be, IC; N], O and F (all of them belong to 2nd 
period), EA of Be is the least. 

Hence the order is as given above. 

Generally IE decreases | 


down the group (J ) | 


Exception in case 
eA: I> A> Bro trop | 


_EN: F>O > Cl>S > 


Le ee | Ud 

2nd period 3rd period 2nd period 
Generally EN increases along the same period (—). 
Therefore, EN of 2nd period > EN of 3rd period. But EN 


of N (2nd period) is the least, and is an exception due to 
half-filled stable configuration. 


> Na > O > Na 
LL) a | | | 

2nd period 3rd period 2nd period 3rd penod 
IE increases along the same period (—) and IE of noble gas 
(Ne) is the highest. 
IE of alkali metal (Na) is less as compared to Na® ion, since 
it is very difficult to remove an electron from a positive ion. 
Generally, IE decreases down the group (1), so IE of 
O> Na. 
Hence the order is as given above. 


. Electropositive character: Na > Zn > Cu 


Group | is more metallic (or electropositive character) than 
group 2. So, Na is most metallic than Zn and Cu. Similarly, 
d-block elements have more electropositive character than 
p-block elements. 
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Hence the electropositive character is as given below. 


Note: In the metallic character series, the electropositive ae ithe A; B of Br is 3.4 eV. How much energy 
character (or reducing character) is in the order eal is esed when 0.8 g of Br (g) is ad conven, 
Na > Mg > Zn > Fe > Ni > Cu > Ag to Br°(g) ions. (1 eV = 23. 06 kcal mo ) 
Note that in metallic character ser ies, PSBC MAZINTL b. The energy released meen 10’ atoms of I (g) is conven 
CHAAP. Zn comes after s-block elements. to I° (g) ions, is5 x 107 $ Calculate A, ol of I (g) ; ing 
eV atom ! and (ii) kJ mol 
Predict from each set, the atom/ion which has the greatest IE, | Sol. | . as 
: ass 2 
with explanation: z cen |) 
a. Cl s: b. S or Cl a. Moles of Br= Atomic mass 8 
c Aror K d. “be Kr Energy released = 10° x 3.4 eV x 23.06 
e. O or N ea ae = 0.784 kcal 
& 2+ © 
g. Be“ or Mg byl or I - EE 
i. B or C j. Ne or F b. i ^egH s = 80.115 * 10 
k. N, O, F 1. P, Ar, Mg = 30115 kJ mor! 
—_ ii. 96.49 kJ mol! = I eV atom | 


. ApH? = (30115/96.49) eV sai i 
a. J size, more Z,,. less shielding effect, high IE, of _ =31 i3 104 eV wE 


b. Cl [Cl has high IE, due to small size, high nuclear charge] 
c. Ar [Ar has high IE, due to stable configuration K has low 


Predict fom each set, ihe SEEN ERA ae the more negative 


IE than Ar, because K has one more electron than Ar, and electron gain enthalpy (A, ae ). Give reasons: 
hence can easily lose this electron to acquire stable Ar a. C or Si b. F or Cl c. Nor O d. OorS 
configuration] eck; Cl, S-P 

d. Kr [Kr has high IE, because of smaller size than that of Xe, f. (i) [Ne] 3s? 3p” (ii) [Ne] 35° 3p* Gii) [Ne] 35° 3p” 


and weaker shielding effect in Kr] 


e. N [N has high IE, because an electron has to be lost from a 


a. A, H> of C > Si (more negative), due to small size of C tha 
stable half-filled electronic configuration. In case of O, loss ( ) 
i a si. [Since they contain only 4e”’s in the outermost shel 
of electron gives O¥ which has stable exactly half-filled 
. . so electron repulsion in these atoms are not very large a 
electronic configuration] 
a = l therefore are not considered.] 

f. Na” [Na~ has high IE}, since an electron has to be lost from b. A, He fCI>F lect 
a stable inert gas configuration but in case of Na, loss of i i th (more negative). Because adding an eke P 
electron gives stable inert gas configuration] i j aii a. of Cl leads to lesser eS 

> re 2p-orbi 

g. Mg” [In case of Mg", the electron has to be lost from the ioe Ee oe enon) smaller <p 
stable gas inert gas configuration, while in case of Be®, the A 5 
loss of an electron gives a stable inert gas configuration. c. AH“ ofO>N 


Hence IE of Mg” > Be?] 


h. I° [IE of I~ > I, because in case of I° an electron has to be 
lost from inert gas configuration] 


Note: AHO of O is highly negative, while that of Në 
slightly positive. 


for 
i. C [JE of C > B, because of higher muclear charge in C] nee as ae due to half-filled 2p-orbitals, paa 
i 
j- Ne [IE of Ne > F, because of stable inert gas configuration TII T ade an GRA electio to N and tios 
in Ne] is required to add an extra electron. 
Wh i i hat? 
k. F [All belong to 2nd period. IE of F > N > O since F has the thä pe H ae pasemalien size and higher nuclear © ext 
highest nuclear charge, and the smallest size among them] n N and therefore it has a high tendency to acceptan" | 
electron. Thus energy is released. | 
L Ar [All belong to 3rd period, JE of Ar > P > Mg. Ar has d. A, „HO f b ve} 
stable inert gas configuration] " of S > O [Same explanation as in part (b) a90 
m. B [All belong to group 13. JE, of B > Ga > Al e. 4 Hop 2 F > _ Ss _ > P _ 
(800 > 578 > 577), because of the smallest size and weaker Group17 Groupl6 Group15 
shielding effect of B] 


A.gH® of Cl > F [as explained in part (b) above] 


hl J: 


ia 


af pe becomes more and more negative along the period 
eg 


(2) 
a Ho of S> P 
|. Peg 


Ht ectronic configuration of (i) corresponds to C] (Z = 17). 

, electronic configuration of (ii) corresponds to S (Z = 16). 
glectronic configuration of (iii) corresponds to P (Z = 15). 
All of them belong to the 3rd period and A. H° bocon: 
more and more negative along the period (—). 


A H° of Cl>S>P 
+ Peg 


ci contains one electron less than the stable inert gas 
configuration, 1.¢. [Ne] 3s 3p° and hence has a strong 
tendency to accept an electron to acquire the stable inert 
gas configuration so the highest energy is released (more 
negative value). 


a eS 


er ite EN of cesium (Cs) is 0.7 and that of chlorine (Cl) is 3.5. 
Predict the bond formed between them. 

b. The X-X bond length is 100pm and C-C bond length is 
154pm. If EN of ‘X’ and ‘C’ are 3.0 and 2.0 respectively, 
calculate the C-X bond length. 

B 127pm ii. 118pm 

FA 108pm iv. 128pm 

& Which of the properties can be predicted by EN values? 

d Ifa, band c are EN, IE and EA respectively. What is the 
formula of EA (c) in the terms of EN (a) and IE (b)? 


a. EN difference between Cs and Cl = (3.5 — 0.7) = 2.8 Thus 
the bond between the two is ionic or electrovalent since 


Qata? 1.7 


Bone _ = ssp 


h 154 
Atomic radius of C = or — 77pm C-X bond 
length = 50 + 77 = 127pm 


b. ii. Atomic radius of X = 


As there is EN difference (7,-%, = 3-0 — 2.0 = 1.0). 
the extent of overlapping of orbitals will be more. 


Therefore, the bond length will be slightly less than 127 pm 
Le. 118 pm. 
i. 


p 


Bond energy of a molecule 

i. Polarity of a molecule 

ii. Nature of an oxide. 

iv. Metallic and non-metallic character of elements. 

V. Percentage of ionic or covalent character of a molecule. 
EN =a, IE =b, EA=c 


IE+EA 
EN = ——— > EA = 2EN-IE 


>c=2a-b 
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Among the elements with Z =9, 12 and 36, identify by atomic 


number of an element which is 
a. Highly electropositive 

b. Highly EN 

c. An inert gas 


a. Z= 12 (Mg) 
b. Z=9 (F) 
c. Z=36 (Kr) 


Explain the following questions (based on ionisation energy): 

a. Why IE, of Nis higher than that of O atom? 

b. Why IE, of Mg is higher than that of Al atom? 

c. Why IE, of C is greater than that of B atom whereas IE, is 
reverse? 

d. In general, IE increases along the period (—). Explain why 
the IE, of Cr is higher than that of Mn (Manganese)? 

e. The IE, and IE, of K are 420 and 3050 kJ mol | respectively 
and those of Ca are 560 and 1140 kJ mol! respectively. 
Compare their values and comment on the differences. 

f. The IE of Li, Be and C are 5.5, 9.3 and 11.3 eV. What would 
be the IE’s of B and N? 

g. Arrange the species in each group in the order of decreasing 
IP in each case and explain. 


KUCA Sc ii No.O oF 

lil. Ke: Ar, cl? iv. Fe, Fe”, Fe’ 
vC, NỌ vi. Cu, Ag, Au 
vii. K, Rb, Cs viii. Be, B, C 

ix. Na, Mg, Al 


h. Explain why Fe?" is more easily oxidised to Fe than Mn~ 
to Mn”. 


i. Explain whether IE, of two isotopes of the same element 
would be same or different. 


j. What are the factors on which IE of main group elements 
tends to decrease down the group (¥). 


a. N has half-filled configuration, hence stable. Therefore IE, 
of N > IE, of O. 


b. This is due to penetration effect. It is difficult to remove on 


electron from 3s orbital in comparison to 3p orbital. Hence 
IE, of Mg > IE, of Al. 


c. Refer to Illustration 1.36. 


d. Valence electronic configuration of Cr = 3d >4s' and that of 
Cr® is 3d’ 45° (stable half-filled configuration). 


Valence electronic configuration of Mn = 3d > 4s* and that of 
Mn® is 3d> 4s! (less stable configuration than that of Cr®), 


IE, of Cr > IE, of Mn 
e. Valence electronic configuration of K = As! 


Valence electronic configuration of Ca = 4s”. 
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cond electron from 


cult because K acquires noble gas 
emoval of one electron while the 
is from Ca is comparatively casy, 
r the removal of the 


Therefore, the removal of the se 
K is extremly diffi 
tion after the r 
ctro 
figuration afte 


configura 
removal of both cle 
as it requires stable con 
second electron. 


; 2 BHM ID 


Group 
2nd 
period 
ere is 


s along the period (—), But th 
d B (due to penetration effect). 


ater than that of Be. But 


Generally IE increase 
an exception in IE, of Be an 
Therefore, TE, of B should be gre 
actually, IE, of Be > IE, of B. 
Therefore, IE, of N (half-filled configuratio 
IE, of Be > IE, of B> IE, of Li 

K (IE of 3d block > group 2 > group 1). 
half-filled 


n) > IE, of C7 


g. i, Se>Ca> 
F>N>O| IE of group 17 > group 15 ( 
configuration) > group 16] 

KE > Ar> CI° [IE of group 1 (+ve charge) > Inert gas 
> group 17 (-ve charge)] | 
Fe?* > Fe?* > Fe [IE of +3 charge > + 2 charge > neutral 


ii. 
iii. 


iv. 
element] 
Valence electronic configuration of Fe, Fe?" and Fe™’ 
are 3d° 4s°, 3d 4s° and 3d° 4s° respectively. 

v. N>O>C [IE ofhalf filled configuration of N of group 
15 > JE of group 16 > IE of group 14] 

vi. Au > Cu > Ag. 
5d>3d>4d 
IE should decrease from 3d — 4d — 5d 
(3d > 4d > 5d) transition element series. But 
due to imperfect screening effect of 4 f orbitals 
in 5d transition series, the JE of Sd > 3d > 4d. 


vii r ‘ Rb > Cs [JE of group 1 decreases down the group 
+) 
viii. C > Be> B 
Group => 14 2 23 
[Generally JE increases along the period, i.e. from group 
2 < group 13 < group 14. But there is exception in the 
IE of Be and B due to penetration effect, therefore, JE 
of Be > JE, of BJ | 
ix. Al > Mg Na 
[IE of group 13 > group 2 > group J] 
h. Valence electronic configuration of Fe and Fe are 3d? 4s? 
and 3d’ 4s” respectively. 
valence electronic configuration of Mn and Mn” are 3d” 
4s? and 3d° 4s” respectively. 
Fet +e 


(3d° „half - filled morestable 
configuration ) 


ke“ — 
(3d° 45") 
(Less stable configuration ) 


Answer the following q 


a. 


. Same, 


» EN of X= 


Mn a+ — Mn** +E 
5 3d, \essstable configurati 
leconfiguration | I guration) 
, ‘ wd 34 4 
pe?" is easily oxidised to Fe’, since valence electroni 
. ) Ig 
configuration changes from less stable 3d Configuratic, 
a A f 
» more stable half-filled 3d° configuration, whereas it; 
t /] 


Ag . 
ase of Mn?! to Mn“ . 
rotons and electrons are Same 


different in isotopes of same elemen 
d size remains same in the isotopes 
t on Zerr and size of isotopes, l 


0 
4d? AN) 
Í Half- flled more stab 


KÀ 
reverse in the € 
since the number of p 
but neutrons are 
Therefore, Zerr 4" 
Neutrons have no effec 


. į. Increase in size. 


ii. Increase in screening effect. 
iii. Decrease in Zerr 


IE, of Li is 5.4 eV atom | and the E j atom? 
Calculate AH? in kcal mol”! and kJ mol! for the rez Aoa 
» 6 145) O 4 


(g) 
formed at such a low pressure that resulting ions do not 


combine with each other. 

The IE of atoms X and Y are 400 and 
respectively. EA’s of these atoms are 80.0 and 85.0 
mol). Explain as which of the atoms has higher EN. 
Explain why EA of S is -200 kJ mol” but the second EA‘ 
+ 649 kJ mol? E 
Which of the following pairs of elements would have more 
negative electron gain enthalpy (AS)? 

i. F or C] ii. O or E 

What would be the second electron gain enthalpy (A, £ 
of oxygen as positive, more negative or less negative th 
the first (A.gH,°)? Explain. a 
Which has less negative A,,H” oxygen or sulphur? 4 


300 kcal mol 


Vv Bt 
. Ve 


i © . 
a. Lip — Li gte 


IE, = 5.4 eV atom | Ai) 


CL + e€ — cl? á 
© Cl EA; => 3.6eV atom | (1) 


(g) (8) 
Note: EA, is negative. i 
Adding Eqs. (i) and (ii), we get 
Liw + Cly —> Lifo + Cl 
*, A HO = 1B, + BA, = 5.4 + (—3.6) = 1.8 eV atom” 
w oe = 23.06 kcal mol! and | eV aton 
7, AH? (in kJ mol!) = 1.8 x 23.06 
= 41,508 kJ mol”! 
“AH (in kcal mot!) = 1.8 x 96.49 
IE + BA 7 173-682 kcal mol! 
35 (when IE and EA values are in kcal mol! 


400 + 80 
125 


3.84 


~ 


AE T TT EE 


n 


py- 300485 _ 5, 
a ae 
:, EN of X> EN of Y 


- y SO 
c Sie) FE Se EA; =~ 200 kJ mor 
= 2— 
So “E > S (gy EA, = + 649 kJ mol”! 


The addition of the second electron to g© 


i (g) experi 
repulsion from the already present electron g) experience 


s. 

d. i. Cl. When electron is added to F, the added electron 
goes to smaller n = 2 (i.e. 2p orbital) quantum level and 
suffers significant repulsion from the other electrons 
present in that shell. So, electron is being added with 
difficulty in F than in Cl. Hence less negative energy in 
released in F than in Cl. So, A. ae 


of F is less negative 
than Cl. 


ii. F. AHS of F is more negative then O due to the small 
size of F than O. Moreover, Aa increases (more 
negative) along the period (>). 

e € +O. —> O° g EA, =- 200 kJ mol 


= O 2— 
+0°  — 0° a9 
E + 0°, —> 0”, EA, = 


EA, is positive due to more electron—electron repulsion. 

f. Due to the compact nature of oxygen atom it has less 
negative A..H° (-141 kJ mol`’) than S(-200 kJ mot"). 
[Same explanation as in A.,H” of F and Cl, refer to the 
above part (d) (1).] 


Explain the following questions (based on size of atoms or ions 
and other periodic properties): 
a. Arrange the following species in decreasing order of their 
sizes/ionic radii. 
i Ar, K®, CI°, S* and Ca” 
ii. AP*, Mg”, Na®, CI®, N” and O” 
b. What are isoelectronic species? Name the species which are 
isoelectronic with each of the following atoms or ions. 
i. Rb? ii. F° ii. Mg iv. Ar 
€ Arrange the following species/atoms in decreasing order of 
reducing character. 
i. Na, Mg and Al ii. Mg, Ca and Sr 
iii. Na, K and Rb iv, F?, CIP, Br? and I° 

d. The decreasing order of reactivity of group | elements 18 
Cs > Rb > K > Na > Li whereas that of group 17 elements 
is (C1 > F > Br > J). Explain. 

e. Predict the formula of the stable binary com pounds that 
would be formed by the combination of the following pairs 
of elements: 

i. MgandN 

ii. SiandO 

iii. Element with Z = 71 and F 
iv. PandF 
v. Aland! 

vi. Liand O 
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f. Answer the following by the use of periodic table. 


1. Identify the element that woul 


d tend to gain two 
electrons. 


. Identify the group having metal, non-metal, liquid as 
Well as gas at the room temperature, : 


iii.Identify the element with five electrons in the outer 
Shell. 


iv. Identify the element that would tend to lose two 
electrons. 


a. i. All of them are isoelectronic species, with 18 electrons. 
“. Size of more negative ion > size of inert gas > size 
of less positive > size of more positive ion. 

. $7 >Cl® > Ar> K® > Ca" 
ii, N* > 0% > F° > Na? > Mg” > AP* 
(All of them are isoelectronic species with 10 electrons) 

b. Isoelectronic species have same number of electrons. 

i. Rb® (Z=37, No. ofe’s =37-1= 36) is isoelectronic 
with Sr” (Z = 38, No. of e’s = 38 — 2 = 36). 

ii. F°(Z=9, No. of &’s =9 + | = 10) is isoelectronic with 
Ne (Z = 10). 

iii. Mg” (Z = 12, No. of e’s = 12 —2 = 10) is isoelectronic 
with Na® (Z = 11, No. of &’s = 11 — 1 = 10) and with 


Ne (Z = 10). 
iv. Ar (Z = 18), is isoelectronic with Ca” (Z = 20, No. of 
e’s20-—2= 18). 


c. Elements with low IE and large size have more tendency to 
undergo oxidation and thus acts as stronger reducing agent. 
i. Na (group 1) > Mg (group 2) > Al (group 13 elements). 
[IE increases along the period (—>). All of them belong 
to the 3rd period]. 

ii. Sr > Ca > Mg [All of them belong to group 2 and IE 
decreases down the group (1)]. 

iii. Rb > K > Na [Group 1 elements. IE decreases down the 
group (¥).] 

iv. I° > Br° > CIS > F? [Group 17, size increases and IE 
decreases down the group (¥).] 

d. The reactivity of group | element is the tendency to lose 
electrons easily, i.e., to undergo oxidation easily. Low IE 
and large size of group | elements, so more reactive is the 
element. Hence reactivity order of group | elements is 
Cs > Rb > K > Na > Li [IE decreases down the group W] 
The reactivity of group 17 element is the tendency to accept 
electrons easily, i.e. to undergo reduction easily. High is the 
negative EA or AH ‘of group 17 elements so more reactive 
is that element (or magnitude of EA or A,,H™ decreases 
down the group except in case of F and Cl). 

Therefore, reactivity order of group 17 elements is 
Cl> F > Br > I (A,,H° =- 349 > — 333 > — 325 > — 296 kJ 
mol ') 

e. i. Mg” and N® give Mg,N, (Magnesium nitride) 
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ii. Sif" and O* give Si, O, = SiO, (Silicon dioxide) 
iii. Element with Z = 71 is lutetium (Lu) and general For the pancHon 
oxidation stat f lanthani ‘inides i 3) i ; 
l = sta a aa of pina’ and AcunIes is +3. Ket Fi K® + F? (separated ions, AH = 19 kcal mor 
So Lu” and F” give Lu F, (Lutetium trithoride) 
iv. P** and F? give PF, (Phosphorous pentafluoride) 


eV and IE, > A,,H,”. Calculate the value of IE, and A y 


3+ ©: wees ee ge i 
vV. - and L give All, (Aluminium triiodide) Given: 19 kcal mol”! = 0.82 eV atom! (as in Examples l 
vi. Li” and O“ give Li,O (Lithium monoxide) above) G! 
f. i. Only oxygen atom in group 16 has OS of —2 (except in D 
—, _ = | 
case of peroxides and OF,). Sol. Kg) —> Kw +e; IE = x kcal mol (i) f! 
The other element of group 16 (e.g. S, Se, Te, Po), Fyt —> Fa AH? = —y kcal mol! i 
. _9 s | 
besides —2 OS, they = show +2, +4 and +6 v= Adding Eqs. (i) and (ii), we get 
So, oxygen tends to gain two electrons to attain noble K +F K® + f° 
gas stable configuration. (g) (8) (g) (8) | Pes 
ii. Group 17 elements Metal is At (Astatine),  x—y=19 kcal mol = 0.82 eV -- ii | j 
non-metal is Cl (Chlorine), liquid is Br, (Bromine) and xy = 3.88 eV = xy = (3.88) = 15.0544 
gas is F, and Cl,. 15.0544 b. 
iii. Group 15 elements. The valence electronic configuration a y 
fN is 2572p’. - c. 
‘ a i 24 Substituting the value of x in Eq. (iii), we get 
iv. Group 2 elements, e.g. Mg > Mg” (g) + 2e 15.0544 4 


y =19 
{exe ee CE y 

For the gaseous reaction l Solving, we get e 
y=3.48 eV 


KF- ok PE 
AH = 19 kcal mol ! under the conditions when cations and anions x+y=748eV; x-y= 0.82 eV 
<. IE=x = 4.313 eV © 


are prevented by electrostatic separation from combining with 
each other. The IE, of K is 4.3 eV. Calculate AHS of F. A.H° =— y = —3.48 eV 
BID Ka Kyte 1E,=43 eV atom! (À) moa ; 


s | © © = -l1 
e + Fie) — F és) Let A.gH, y eV atom 


Gi) 


From N atoms of an element A, when half the atoms trans 
one electron to the another atom. 405 kJ mol of energy was 
found to be consumed. An additional energy of 745 kJ mol 


Adding Eqs. (i) and (11), we get . 
- was further required to convert all the A® ions to A~ . Calcula 


+F,.—> K? p + F° 
Se Fo - sE = i , the ionisation energy and the electron gain enthalpy of atom 
Enl AHi = 19 kcal mol! = 0.82 eV atom” (iii) in eV (1 eV = 96.48 kJ). ; 
Note: Use direct relation: 1 eV = 23.06 kcal mol’ IRID N/A — A® + eD; IE = +ve 
19.0 = Oy. © 
-. 19 kcal mol! = a = 0.82 eV atom” N/2(A tE — >A”); AH” -ve 
tx © wak 
Alternatively: Let x i y are the IE and A,,H respectively 
Convert 19 kcal mol”! in eV atom’? as follows: (1 eV = 1.6 a rhs — y)= 405 kJ 
x10'J) 5; 
19 kcal mol’ = 19 x 10° cal mol”! 3 (x + y) = 745 kJ 
=19% 10? x 4.18 J mol” On solving x = 1150 and y = 340 kJ 
EES p 
12x0 E i or 1150 kJ= 11.91 eV 
16x10 Similarly, 340 kJ = 3.52 eV 


IE = 11.9 eV and A „H° =-3.5 eV 


19x 10° x 4.18. | 5 | 
= — ay ee ae x PAT rT oe as, eV atom 
1.610 6,023 x 10 | 


= 0.82 eV atom ' 0 
The conversion of gaseous atoms K and F to K? and F 


Substituting the value of IE, in Eq. (iii), we get l 
4 3 eV atom”! +A H O i 82 eV atom”! absorbs 0.85 eV of energy. If the IE and A. gH” of K se 
i hi el y 4 have magnitudes in the ratio of 7 : 6, what is the electron ga 
ah A.H, = (0.82 = 4.3) =i 3.48 e atom enthalphy (A) of fluorine? | 
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@ ee A : 
"a ote p x eV atom . (1) 
— > = ; = ae 
Fot d Pier Doge eV -.-(11) 
® © 

Ko thw Kate 

ped MFP CYS ey atom (iii) 
x? | 

Given: |, 6 ...(iv) 


from Eqs. (iii) and (iv), solve for x and y, 
y=5.10 eV atom | 


< A He =-y=—5.10 eV atom | 
ws Meg ` 


Explain the following: 

a. Which of the elements Na, Mg, Si and P would have the 
greatest difference between the IE, and IE? Explain? 

b. The EN’s of B, Al and Ga are 2.0, 1.5 and 1.6 respectively. 
The trend is not regular. Explain? 

c. Li,CO, decomposes on heating but other alkali metal 
carbonate (e.g. Na, CO,) does not. Explain? 

d. Explain why Cu® is found only is solid state and not in 
solutions. 

e. Be of N have extremely low value of EA (i.e. less negative 
value) against the trend. Explain? 

f. Arrange the following in decreasing order of their properties 
indicated: 
Na® Mg” and A1” 
i. Ionic mobility in H,O 
ii. Size of ions 


iti. Standard reduction potential ( Bi 


eae 


iv. Extent of hydration 

v. Hydration energy 

vi. Size of hydrated ions 
& Iniodometry, why KI is not added dropwise to an acidified 

solution of KMnO , but reverse is done? 

- Why the decrease in size between Li and Be is much greater 
than that between Na and Mg or K and Ca? 
KCO, is less soluble than Cs,CO, or Rb,CO, while among 
group 2 elements MgCO, is more soluble than BaCO}. 
Explain the decreasing order of solubility of sulphate of 
soup 2 element. 


EA of Cl is the highest among the halogens, yet F is the 
Strongest oxidising agent’. Why? 


a. Elements having stable noble gas configuration after removal 
of one electron will have the maximum difference between 
IE, and IE, so the element is Na. 


Electronic configuration of Na, Na” and Na?’ ion 
Na = 


k. 


Is”, 2s? 2p°, 3s) =y Na® (1s”, 287 2p’) 
from 3s 


| —e from2p 
Na’ (1s”,2s7 2p”) 


A jump in IE is noticed only when the valence shel 
during the successive removal of electrons. 


. B, Aland Ga belong to group 13, and down the group (J), 


EN decreases. But after Al, due to the imperfect (minimum) 
shielding effect of d electrons, the nuclear charge increases 
and hence EN also increases. 


Group 13 EN 
B 2.0 
Al 1.5 
Ga 1.6 
In 1.7 
Tl 1.8 


. Comparable sizes of the ions form the strongest 


lattice, so crystal lattice of Li,CO, is not so strong 
due to small size of Li® and larger size of cor. So 
Li, CO, decomposes on heating. But other alkali metal 
carbonates (e.g. Na,CO,), have strong crystal lattice, due 
to comparable size of cation (e.g. Na® ion and CO,” ion). 
So they are stable to heat. 


. E Er Due to diagonal 
Li, CO; ——>Li,0+CO, 
n relationship of 
Mg CO, ——> MgO + CO, Liand Mg 


‘Na,CO,, K,CO, etc. -Aa No action 


Note: The crystal lattice of Li O is stronger due to 
comparable sizes of Li and O7 ions. 


. In solution Cu® disproportionate to Cu” and Cu, but in solid 


state it does not. So, Cu® ion is found only in solid state. 
y 


® 2+ ©_ 
2Cu w > Cu a) + Cu A,G =—ve 


. Valence electronic configuration of Be and N: 


Be = 2s” 2p°, N =2s* sp? 


In Be, the incoming electron has to be added in 2p orbitals 
because 2s orbital is completely filled and in N. it is to be 
added to half-filled 2p orbitals. Since half-fiilled and full- 
filled orbitals are more stable, therefore incoming electron 
will be added with difficulty. Hence Be and N have low 
value of EA (i.e. less negative value). 


. i Hydration energy or extent of hydration increases along 


the period (>). Greater the extent of hydrations, lesser 
is the ionic mobility in aqueous solution: 
2+ X- 
" Na? > Mg?" > Al 
ii. The greater the positive charge, the lesser is the size, 
D 3 
2 Na” > Me" >A 
iii. The greater the positive charge, the higher is the 
reduction potential value. 
ae id SE” 4 © 
AL apl Alo) Mg” " (aq)! Meis) i Ex® (aq) / Nays) 


Extent of hydration increases along the period due to 


, l , charge 
increase in charge density ratio 
size 


”. AP* > Mp?" > Na® 


y 
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v. Same explanation as in part (iv) above 


“. AH® (80-333 — 515) = -768 kj m 
The greater the extent of hydration the more (negative) 


: © 
energy is released Note: Adis H of Clay) E Bra >F Xg)? Le) 
z. A > Mg? > Na® ii. | 
vi. The greater the extent of hydration, the larger is the size | ' Adis H? = = 2 121 kJ mol"! 
of that ion (reverse of the size of ions). > Clg) Clg) +e 
SA y Mg” > Na® | EA=—349ky moj 
g. lodometry: The estimation of oxidising substance involving CO, — e Anya H = -422k mol fale 
i i eet Rae < (aq) (g) + aq 
the liberation of L, and subsequent volumetric estimation of 
2 S ve aie ha * AH? (121 -349 — 422) = -650 kJ mor! 
= u“ + 4 = —_—> u oe C) . 7 
ae: F has low A. H, high £ 
20, — L +1, diss)? Bh (negative) A, WH ay 


less negative EA than that of CI. Thus Overy) 


position is that F has the largest negative A H° valk 
(i.e. — 768 kJ mol`’) than that of Cl (i.e. — 650 kJ mot, 


If KI is added dropwise to acidic KMnO, solution, then 

MnO,° will oxidise I° to IO,” and IO 4 instead of I.. 
s ` ` GSA y . l Cc 
Note: lodometry is the estimation of reducing substance So, reaction z Faig to F~ iag | is more feasible ther 
by use of standard L, eg. 3 : 
E z> 5 : l Z 
L+ SES S,0, + 27° that of Ç Clag) to Cl ml Therefore, the More i 
h. From Li (2s!) to Be (2s), the additional electron is added 


| addition: the negative AH” value of a reaction the more positive 
to the 2s orbital or (L shell) which is quite closer to nucleus will be its reduction potential value. Hence F is the 
whose charge is also increased by 1 unit. So, greater force strongest oxidising agent among halogens. 

is experienced by the electron and size decreases. | SN me 


From Na (3s') to Mg (3s) and K (4s’) to Ca (45°), the 
electrons are added in 3s and 4s orbitals (or M and N shell) 


Classify the following oxides as 
respectively, which are away from nucleus. So, lesser force 


a. Strongly acidic b. Weakly acidic 

of attraction is experienced by the electrons and decrease c. Neutral d. Amphoteric 
in size is less than that of decrease in size between Li and : 

e. Weakly basic and f. Strongly basic 
Be. Moreover, screening effect also contributes in the small : a - : 
decreases in the sizes of Na and K and K and Ca. 1. SnO, y SnO E CO pi $ bO 

i. K,CO, is less soluble than Cs,CO, or Rb,CO, because IE y Mno, so e o 

factor out weighs hydration energy factor (K has high IE ix. Ag,O x. OsO, xi. ALO, xii. Fe,0, 
and high hydration energy and Cs and Rb have low IE and xiii. CeO, xiv. CO, xv. MgO xvi. K,O 
low hydration energy). 


But it is reverse for group 2 element carbonates (refer to 
Section 1.27.1, Point 10(c). 


j. For explanation, refer to Section 1.27.1, Point 10(c). 


k. EA of CI is more negative (-349 kJ mol ') than that of 
F (-333 kJ mol'). But the reduction potential value or 


Strongly | Weakly 
acidic | acidic 
None (x) OsO, 
Weakly 


(iv) PhO | (vi) Rad 
(viii) FeO | (ix) Ag? 


(iii) CO | (i) Sno, 
(v) MnO, (ii) SnO 


oxidising ability of F, ee (vii) N,0| DALO, | iy Fe,0, ma 
(i.e. E- P eat 2.87 V) ita yad 
strong! 
is greater than that of CL, a" | basie Me 
(ie. E eee 1.36 V) (xiv) CO, (xvi) K,0 
2 mm 7 


as shown by Born—Haber cycle. 
i. 


Select the strongest and weakest acid in each of the follow! 


1 5 aish LET E sets: 
2 28) hay he a. HBr, HF, H,Te, H,Se, PH, H,O 
| BA=-333K) mol”! b. HCIO, HIO, H,PO,, H,SO,, HAsO, 
E AnH? =-51SkJmol! o “Sok 
F” (aq) poaa F (g) + aq 


a. HBr, a strong acid, is the stronvest in the given set. 


dy 


PH. W hich has weakly basic properties, is least acidic, 

b. HSO, which is farthest to the right in the periodic table 
and has the most oxygen atoms, is the most acidic, 
HCIO, with the fewest oxygen atoms and the farthest up in 
the periodie table, is the weakest, 


A010 M aqueous solution of which salt in each of the following | 
pairs would have the higher pH? 

a, NaNO, or NadsO, b. NaF or Na CN 

¢, Na, SO, or Na, TeO, d. NaOCl or NaOBr 


The stronger the acid, the weaker is its conjugate base, 
The oxyacids are stronger towards the top of the periodic table. 

a. HNO, is a stronger acid; hence, NO," is a weaker base. 
Therefore, AsO, has a higher pH (Note: Higher pH means 
more basic, and lower pH means more acidic). 

b. HF is a stronger acid: hence, F° is a weaker base. 
Therefore, CN“ has a higher pH. 

c. H,SO, is a stronger acid; SO; “is a weaker base; TeO,”” has 
a higher pH. 

d. HOCI! is a stronger acid; OCI is a weaker base; OBr° has 
a higher pH. 


Identify: 
a. The good oxidising agent(s) 
b. The good reducing agent 
c. The good dehydrating agent(s) 
among the following substances: 
H,SO,, HNO,, P,O io H;PO,, HS, H,SO,. 


a. Good oxidising agents: HNO, and H,SO, (Conc.) 
b. Good reducing agent: H,S 
c. Good dehydrating agents: H,SO, and P,O,, 


Answer the following: : GN is 
a. Which of the following has the greatest affinity for water: 
P,O,» CLO, LO, 
b. Which ofthe following is the most basic: ALO,,TLO,, 11,0. 
¢. Which of the following has the lowest melting point; LiBr, 
BeBr,, BBr,. 
d. Which of the following has highest EN: Li, Be, Mg. 
¢ Which of the following is most stable towards oxidation: 
_ GeCl,, SnCl,, PbCL. 
£. Which of the following is the strongest oxidising agent: CrO, a j 
MoO,”, WO," 


a. P.O, ,. It is more powerful as a dehydrating agent than C1,0, 
Since the latter is the product of dehydration of HCIO, by 
P,O,9. Reverse reaction does not proceed so well. 


sp 
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Since 1,0, can be prepared by heating HIO,, it cannot have 
loo great an affinity for water, In fact, P,O,, is one of the 
most powerful dehydrating agents known. 

b. Apply Fajans’ rule, more ionic a compound more basic is it 


(large cation and less charge). So, TI,O is more basic. 


aa basic or ionic order is 


Yet I+ 
TO > T1,0, > AlO, 


¢. Apply Fajans’ rule, more covalent a compound, lesser is 
the melting point (small cation and high charge). So, BBr, 
is having the lowest melting point. 
34 2+ ® 
Covalent character order: BBr, > Be Br, > Li Br 
Melting point order: BBr, < BeBr, < LiBr 
d. EN increases along the period, i.e. from Li to Be (2nd 
period) but decreases down the group. So, Be is the most 
EN element. Order of EN: Be (1.5) > Mg (1.2) > Li (1.0) 
e. PbCI,. The inert pair effect of the 6th period element is more 
stable than those of the 5th period elements and far more 
stable am, ue analogous pair in the 4th period. 


Ahi f $ i lar 
A ail "Wat 
ti ' 


‘ s DA 
at > i nert pair ‘TTEeC 


Note: OS in circle is more stable. 
So, Pb?* is difficult to oxidise to Pb“ ion 
Pb?" — Pb** +2 € (oxidation) | 
sa Therefore, order of stability towards oxidation: 
-PbCl, > SnCl, > GeCl,. 


f. Cro”. The higher oxidation states of the 2nd and 3rd 
E series elements are more stable. 


2- 2- 
Order of oxidising agent: CrO, > MoO, > WO," 
Transition element series 1 2 3 


Explain a 
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a. The lattice energy of ZnO must be greater since it is the 
major contribution to the exothermic nature of each reaction. 

b. The lattice energy of Li,N is higher than that of K,N, due 

to the large difference in ionic size between Li® and K® 

ions. 
Note: Comparable size of the ions forms the strongest 
lattice, so sizes of Li® and N* are comparable. 

The difference in IE, sublimation energy and other factors 

of the Born—Haber cycle are relatively small between the 

two compounds. 

Tl has an inert pair of electrons (657); Al has no corresponding 

inert pair. 

d. Due to the inert pair effect Pb?* is more stable than Pb*. 
Therefore, Pb** can undergo reduction easily and acts as 
powerful oxidising agent. 

Pb** +2 e ——> Pb” (reduction and acts as oxidising agent) 
Therefore. Pb?” cannot undergo oxidation easily and hence 
acts as a relatively poor reducing agent. 

Pb2* ——> Pb** + 2e [does not undergo oxidation] 

e. Lil. According to Fajans’ rule, Lil is less ionic than KI and 

therefore KI should be more soluble in H,O than Lil. 
But the lattice energy of Lil (small cation and large anion) 
is less than that of KI, due to comparable sizes of K® and 
IÊ ions. Thus the energy required to break up the lattice of 
Lil is lower and is easily provided by hydration energy. So, 
Lil is more soluble in H,O than KI. 


p 


Give the name and atomic number of the inert gas atom in 
which the total number of d-electrons is equal to the difference 
in number to the total p- and s-electrons. > 
Bo The first inert gas which contains d-electron is in 4th period 
(or from 3d transition element series), i.e. Kr (Z = 36). 
Electronic configuration of Kr: 
1s2, 2s? 2p®, 3s? 3p® 3d"°, 45° 4p’. 
Total number of d-electrons = 10 
Total number of p-electrons = 6 + 6 + 6 = 18 
Total number of s-electrons =2+2+2+2=8 
Difference in total number of p- and s-electrons = (18 — 8) 
= 10 
Thus, the inert gas is Kr (krypton). 


Classify the elements having atomic numbers (9, 12, 16, 34, 53, 
_ 56) into three separate pairs on the basis of similar chemical 
_ properties. 
Sol. 2nd period ends with Z = 10 
3rd period ends with Z = 10+ 8 = 18 
Ath period ends with Z = 18 + 18 = 36 
Sth period ends with Z = 36 + 18 = 54 


Note: Magic numbers are 8, 18, 18 and 32. 


data: 


Eu -— 
Ey 43 kcal mol’, Nig a ee a 


a. Z=9(10—1) (group 18—1)=group 17, 2nd period, ele 
is F. my 
b. Z= 12 (10 + 2) (group 2), 3rd period, element is Mg 
c. Z=16(18—2) (group 18 —2)= group 16, 3rd period, ele 
is S. i 
d. Z=34 (36-2) (group 18—2) = group 16, 4th period, elem 
is Se. s 
e. Z=53(54—1) (group 18 — 1)= group 17, 5th period, elem 
is I. b 


=b) 


. Z= 56 (54 + 2) (group 2), 5th period and element is p, 


i. Therefore, elements with atomic number 9 (F) an d$ 
(I) belong to group 17, i.e. halogens. 


ii. Elements with atomic number 12 (Mg) and 56 (p 
belong to group 2, i.e. alkaline earth metals. ý 


iii. Elements with atomic number 16(S) and 34 (Se) belon 
to group 16, i.e. oxygen family. 3 


= 104.2 kcal mol’, Ep p = 36.6 kcal not! == 


EGA Let the electronegativity of fluorine be Xp- 


Applying Pauling’s equation 
rte 0.208 [Ey F- (Erp * Ey) 


In this equation, dissociation energies are taken in kcal mol 
1241/2 


1/241/2 
] 


Xp — 2.1 = 0.208[134.6 — (104.2 x 36.6) 
Xp = 3-87 


Calculate the electronegativity of carbon from the followin 


data: i 
E y = 104.2 kcal mol", Ecc = 83.1 kcal mol 
Epam O88 Kealmol kn 


“Sol. Let the electronegativity of carbon be Xc- 


Applying Pauling’s equation. 
Xe ~ Xy = 0-208 [Egy — (Ecc * En) 
Xc — 2-1 = 0.208 [98.8 — (83.1 x aT A i 
WoT 239 


al ha 


Ionisation potential and electron affinity of fluorine are 17.42! i 
3.45 eV respectively, Calculate the electronegativity of fluon 


BMD According to Mulliken’s equation 


IP+EA 
5.6 
_ 17.42 + 3.45 


= when both IP and EA are taken in eV 


= 3.726 


Ay 5.6 F 


| 
| 


| 


ulate the EN of silicion using Allred—-Rochow method. 
ovalent radius of silicon is 1.75 À, 


(Sol Allred—Rochow equation is 


Zo 
ot + 0.744 
r> 


x = 0.359 x 


(Ze IS calculated on the basis of Slater's rules taking all the 
e 
electrons.) 

Electronic configuration of Si (Z = 14) is 


Is? 2s? 2p®. 38° 3p" 
Z qu 14- (0.35 x 440.85 x 8+2 x 1)=3.80 
3.80 
y= 0.359 —— yx + 0.744 = 1.73 
(.175Y 


“Calculate the electronegativity value of chlorine on Mulliken’s 
scale, given that IP= 13.0 eV and EA= 4.0 eV. 


(P)c, + (EA), 1344 


= eee Te 
SD x. 5.6 5.6 


_ Find the Secironcgahvity of lead with the help of the given 


ED : Substituting the value of o, Z and r in Allered—Rochow’s 
scale (i) 
Za Z—=0=82-76.70=5.3. 


Z 
{m = 0.359 x < + 0.744 
r 


=0.359 x > + 0.744 
(5.3 


=]1.55 


€ ionisation potentials of atoms A and B are 400 and 300 kcal 
apo : respectively. The electron gain enthalpy of these atoms 
_are 80.0 and 85.0 kcal mol! respectively. Which of the atoms 


has higher electronegativity. 


ia Substituting the value of IP, EA (or A. H°) eguan 
of Mulliken’s scale, we get 
400 + 80 
Xa = So = 3.84 


300 + 85 
Me axes 


Hence atom A has higher EN. 
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~ Consider the following orders and identify the correct order; 
(1) tonic radius; Se? > S% > KË = Mg” 
(ID) Electrical conductance in aqueous solution: FO > CI? > 
Br° > {° 
(LI) Hydration energy; Al!’ > Mg?! > Cin 
(IV) Lewis acidic character; SiC], > AICI, > BeCl, 
(V) Lattice energy: LiF > NaF > KF > RbF 
(VI) Blectronegativity of central C-atom; CF, > CCl, > CH, 
(VII) Lewis basic character; HF > HCl > HBr > HI 
(VIL) lonisation energy: Ni > Pd > Pt 
(IX) Stable oxidation state: As'® > Sb" > Bie" 
(X) Metallic character: Ge > As > Se > Br 
(XI) Second IE: O> F>N>C 
(XII) Electronegativity; B > Al > Ga > In > TI 
(XID Electron affinity: Cl > Br > F > I 


OSG Nine orders are correct. 
These are: I, II, IV, V, VI, VII, IX, X, and XI 
Four orders are incorrect: 
These are: H, VIII, XII and XII 
Explanation: 
ao tl 
+ve charge 
(Il) Correct order: IP > Br° > CI° > F° 
Small size F® ion, have charge density, much more hydrated, 
thus have less electrical conductivity in aq. Solution. 


(1) Ionic radius œ —ve charge œ 


<. Electrical conductivity in aqueous solution: 
1 l 
charge density more hydrated ion 


(III) Hydration energy œ charge density 


(IV) Lewis acid character = vacant d-orbital > vacant 3p orbital 
> vacant 2p orbitals. 


(V) Lattice energy ~ Comparable sizes of the ions œ ionic 
character. 


(VI) EN of central atom œ EN of atoms attached to central atom 


Fò CI 

le Da 
Ay “a> 
F F F F 
5- E 5- i A 5 


Since 8>8', hence C-atom in CF, is more EN than in CCl, 


(VII) Lewis basic character œ weaker acid œ stronger conjugate 
base. 


Acidic character order: HI > HBr > HCI > HF 
Conjugated base order: 1° < Br’ < CIS < F° 
Thus F° is stronger conjugate base, thus Lewis basic 
character is higher. 
(VII) Correct order: Pt > Pd > Ni 
IE, of Sd> IE, of dd> 1E, 3d series. 


another in same set of orbitals. However, the shielding of 
one 4felectron by another is less than that of one d-electron 
by another and as the nuclear charge increases along the 
series, there is fairly increase in IE, of Sd elements. The IE 
of 3d and 4d are irregular. 

(IX) Due to inert pair effect, stability of higher O.S. decreases 
down the group. 


(X) 


Metallic character decreases 


CS 
Non metallic character increases 


(XI) (i) O= 2s? 2p*, 0® = 25? 2p (stable configuration) 
O” = 2s? 27? (It requires very high energy to remove 
ane from stable configuration) 
(ii) F = 2s* 2p*, F® = 25? an4 F”? = 25? 2p° (stable 
configuration) 
It requires less energy than O-atom to remove second 
e , since it acquires stable configuration. 
GDN = 25° 2p*, N® = 2s? 23 N? = 942 2p! 
IE, of N is higher, since e” has to be removed from stable 
configuration, but IE, is less than F and O. 
(IV) C= 2s" 2p?, C® = 25? 2p! C2 = 9,2 
IE, of C is less than F, O and N, since removal of second 
e , acquire a stable configuration. 
(XT) Correct order: 


B > Tl> Ihn > Gas Al 
EN= 20 1.8 1.7 1.6 1.5 
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This is due to imperfect (weak) shielding of one electron by EN first decreases from B to Al due to increase jn sizs > 


to poor shielding effect of d and (orbitals, EN incr, y 

from Al to TI. ay 
(XIII) Correct order: 

Cl>F>Br>I 

Due to very small size of F atom, there is Strong e 


repulsion in relatively small 2p orbitals of F, thus incg `e 


e is not added easily as it is added in large 3p-orbit 
CI Sy 


| i ataino AEn aR AA dnd how they are réfreiei 
[Sok A complete set of seven f-orbitals is shown in the table, | 
the figure given here. ý 


As with d-orbitals, there is no unique way of representing then 


nor is there even a way which is optimum for all Problems. 
The figure presents two sets, a ‘General set’ and a ‘cubic sep 

The latter is advantageous in considering the properties Of th 

orbitals in cubic (i.e. octahedral and tetrahedral fields). 


§. z orx or Ve 

i. x° same as 23 except lies 
along the x-axis. 

ii. y? same as z except lies 
along the y-axis 


OF) 2 
Same as x(x" — 3y") except 
lies along the y-axis. 


4. 20° — y) or xyz 6. xyz 
Same as the correspond- |7. z (x” — y’) 
ing orbitals in the cubic or 
set ye x2) 
z (x°— y’) | 
Same as xyz but rotated 45 
about the x, y, z axes 
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| The cubic set 


Perspective drawing 


cea 
The general set 


Perspective drawing Cross-section plot 


- 
a 


Cross-section plot 


(v) z3 


(A section has been 
cut out of the two 
‘collars’ for clarity) 


(A section has been 
cut out of the two Contour plot 
‘collars’ for clarity) z axis 


x3 Same as z3 except lies along the x axis 
y? Same as z3 except lies along the y axis S 
s 


C? , S) 


Gi) x2- 3r 


z(x? — y’) 


ana ae 2 2 . : P > 2, | Same as the xyz but rotated 45° 
Gii Bv — x) Same as x(x“ — 3y°) except lies along the y axis. (vii) y(z~ — x°) 
J 3 about the x, y and z axes. 
x(z" =y“) 
S S 
Gv) Ax —-y) | 


- | 
pa J 


Same as the corresponding orbitals in the cubic set. (a) 


Fig. The f-orbitals: (a) Plots of the angular part of the wave functions of the f orbital; (b) contours of a 4f orbital. Dots indicate maxima in 
electron density. The lines are drawn for densities which are 10% of maximum. 
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z MEST _ - gd : i š = E z zn 7 . 
a N Fe Exercises 2 
Da 
Single Correct Answer Type ii| 11. he modern periodic table, the period indicates the | 4 


(1) Atomic number 
(2) Atomic mass 


General Electronic Configuration and Periodicity 


1. According to modern periodic law, the chemical properties (3) Principal quantum number 
of elements are the periodic functions of their 4 Agi C i : i 
(1) Atomic mass (2) Atomic number ad, i ataoi a ji MEOSE 
(3) Density (4) Mass number 12. Which of the following does not reflect periodici 
: a , , she Fallows elements? it 
2. ae a octave applies to which of the following (D Bonding behaviour (2) EN 
` £ NE 
(1) Be. Mg. Ca (2) As, K, Ca (3) IE (4) Neutron/proton ratio 
(3) B.N C (4) None of these 13. The 3rd period of the periodic table contains 
A t 2) 32 el 
3. The element whose electronic configuration is 1s, 2s% 2p°, a aac (paa memeni 
E P (3) 3 elements (4) 18 elements 
(1) Metal (2) Metalloid 14. Which of the following set contains pair of elements tha 
(3) Inert gas (4) Non—metal not belong to same group but show chemical resemblan, 
i i f,Z 2) K, Rb 
4. The number of periods and groups in the long form of oan et (2) 
periodic table are (3) Be, Al - (4) B, Al 
(1) 7 and 9 (2) 8 and 18 15. Which of the following belongs to the category of trans 
ans 9 ! 
(3) 7 and 18 (4) 6 and 10 metal? ee 
5. The elements of group 1, 2, 13, 14, 15, 16, 17, 18 are (1) K (2) Ra 
collectivelv called (3) Fe (4) All of the above 
(i ae ekrak (2) Typical elements 16. Without looking at the periodic table, select the elemes 
(3) Transition elements (4) Representative elements belonging to PE Dae pi 
6. The statement that is false regarding the long form of the (19A 12, 285%; (2) 2= 9, 16, 3, _ 
periodic table is (3) Z=5, 11, 27, 19 (4) Z = 24, 47, 42, 55 


17. The elements of same group of the periodic table have 
(1) Same number of protons (2) Same valence shell 
(3) Same valence electrons (4) Same electron affinity 

18. The elements which are characterised by the outers 


(1) It refiects the sequence of filling the electrons in the 
order of sub-energy levels s, p, d and f. 
(2) It helps to predict the stable valency states of the 


elements. 
(3) It refiects trends in physical and chemical properties of configuration ns! to ns” np® are collectively called 
the elements. (1) Transition elements (2) Representative elemes 
(4) It helps to predict the relative ionic character of the bond (3) Lanthanides (4) Inner transition elemes 
between any two elements. 19. The outer most electronic configuration of mus 
7. In the periodic table, going down in group 17 elements is 
(1) Reactivity will increase (1) ns°nd' '° (2) (n- dns! 
(2) Electronegativity will increase (3) (n-1 Pns (4) (2 -— Dd ns? 
(3) Sonic radius will increase 20. An element with atomic number 20 is placed "" 
(4) Jonisation potential will increase period of the periodic table? 
8. In the Jong form of periodic table all the non-metals are (1) 4 (2) 3 
placed under (3)2 (4) 1 
(1) s-block (2) p-block 21. The statement that is not correct for periodic classi” 
(3) d-block (4) J-block of elements is ol 
9. Alkali metals in each period have (1) The properties of elements are the periodic functe 
(1) Smallest size (2) Highest EN their atomic numbers, F 
(3) Lowest IE (4) Highest IE (2) Non-metallic elements are less in number than p 


10. Which one pair of atoms or ions will have same 


configuration? a 
(1) F? and Ne (2) Li® and He do not vary in a regular manner with an 
atomic number. 


(3) Na and K (4) Cl” and Ar p: 


elements. aft 
ors A a ; ; . > along i 
(3) The first ionisation energies of elements along 


22. 


23. 


24. 


25. 


26. 


rs 


28. 


29. 


30. 


(4) For transition elements the ionisation energies increase 
gradually with increase in atomic number 


In the modern periodic table, elements are 
(1) Increasing mass 

(2) Increasing volume 

(3) Increasing atomic number 

(4) Alphabetically 


arranged in 


The heaviest element among the following is 
(1) U (2) Ra 
(3) Pb (4) Hg 
The screening effect of d-electron is 
(1) Equal to p-electron 
(2) Much more than p-electron 
(3) Same as f-electrons 
(4) Less than p-electrons 
Which of the following represents 
configuration of the most electropositive ele 
(1) [He]2s' (2) [Xe]6s' 
(3) [He]2s” (4) [Xe]6s? 
Which of the following statement is wrong? 
(1) Among the following elements: 
K, Mn, Ca, Cs, Fe, Cu, Pb, Os, Y 
The number of transition element is 4. 
(2) All the lanthanides and actionides belong to III B or the 
3rd group in the periodic table. 
(3) The inner transition elements belong to the f-block of the 


periodic table and are shown separately at the bottom of 
the periodic table. 


(4) The d-block elements have variable valency. 


the electronic 
ment? 


Which of the following statement is wrong: 


(1) In the lanthanide series the electrons occupy 4forbitals 
in preference to 5d the and 6p-orbitals. 


(2) Zero group was not present in the periodic table when 
Mendeleev presented it. 


(3) Law of octave was presented by Newland. 


(4) Cuprous compounds are coloured while cupric 
compounds are colourless. 


Which of the following triads have approximately equal 
size? 


(1) Na®, Mg”*, AI” (isoelectronic) 
(2) F”, Ne, O% (isoelectronic) 

(3) Fe, Co, Ni 

(4) Mn+, Fe”, Cr (isoelectronic) 
Which is the correct order of size? 
(O°, O*, F° and F 2) 
(1) O07 >0°>F°>F 
(3) O7 > F°>F>0° 


Select the correct statement: 


(QO" >0 >F >F 
(4)07 > F° >0°>F 


Which of the following graph represents Moseley’s 
experiment. 


(v = frequency of X-rays) 


(1) ae 
| 
——> 


Atomic weight 


2) v i 08 
| 
— 


Atomic number 


(3) Pii 08 
| 
— > 


Atomic weight 


(4) m 03 
| 
— 


Atomic number 


31. Which of the following graph is correct for elements with 
outer electronic configuration: (n — 1)d* ns! ®?., 


Z = atomic number 


m = magnetic moment 
(1) 
l WA 
Z — 
(3) 
H A 
Z— 


32. Select correct statement 


(1) Sets of atomic numbers 8, 16, 34, 52 corresponds to 


elements of group 16. 


(2) Amongst Fe*?, Cr and Cu®, Cr has maximum number of 


electrons in ‘dxy’ orbital. 
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(3) EN and IE both increases down the group in the periodic 44. Which of the following pairs of elements have he | 
table. . similar atomic radii? Moy 
(4) Element ‘X’ with electronic configuration, [Xe] 4f eg (1) Zr, Hf (2) Cu, Ag | 
6s? belongs to 6th period and 2nd group. (3) Sc, Ti (4) Pd, Pt 
33. Select incorrect statement 45. The radius of isoelectronic species 
(1) Among Li” and Be®, Be” is most unlikely to exist. (1) Increases with increase in nuclear charge 
(2) The period number and group number of any (2) Decreases with increase in nuclear charge 
representative element(s) are same, then elements in (3) Same for all z 
their ground state has the possible value of n = 2, 1 = 0 (A) Pies theseauewmnidthen déccenses 
(3) Amongst Mn, Be, Rb and TI, Rb is most electropositive mo , l l 
(metallic) in nature 46. — radii of fluorine and neon (A) respectively are Lig 
, ] l l 
(4) If there are three possible value (-:, 0, +3) for the (1) 0.72,1.60 (2) 1.60, 1.60 
(3) 0,72, 0.72 (4) 1.60, 0.72 


spin magnetic quantum number m_, then there will be 15 
elements in the second period of the periodic table. 47. 
34. Jonisation potential of Li and K are 5.4 and 4.3 eV 
respectively. Ionisation potential of Na will be: 
(1) 9.7 eV (2) 4.9 eV 


Anything that influences the valence electrons will aft 
the chemistry of the element. Which one of the followin 
factors does not affect the valence shell? i 


(1) Valence prinicipal quantum number (n) 


(3) 1.1 eV (4) Cannot be calculated (2) Nuclear charge (Z) 
Atomi d Ioni as (3) Nuclear mass 
ae me a (4) Number of core electrons 
35. ae o the following has the largest ionic radius? 48. The size of isoelectronic species F°, Ne and Na® is affectej 
(1) Be” (2) Mg” by 
(3) Ca** (4) Sr”* (1) Nuclear charge (Z) 


(2) Valence principal quantum number (n) 


36. The size of species I, I and I° decreases in the order 
(3) Electron—electron interaction in the outer orbitals 


(WP ss] (2)I°>1>]® 
(3)I°>1° >] (4)1> IÈ >1° (4) None of the factors because their size is the same 

37. Which of the following is smallest in size ? = pee = pa 6 T+ reed 
(1) Na® (2) N> Se ec Aira 
(3) 0- (4) F° (3)K“> CI (4)P™ >P 
50. Which of the following triads have approximatley equ 

38. Which of the following represent increasing order of size of size? 
4th period element? (1) Na®, Mg”, Ar (isoelectronic) 

(1) K, Kr, Ca, Br (2) Kr, Br, Ca, K (2) Mn®, Fe”, Cr (isoelectronic) 
(3) K, Ca, Br, Kr. (4) Br, Kr, Ca, K (3) F°, Ne, O% (isoelectronic) 

39. Which of the following van der Waals radii is the largest? (4) Fe, Co, Ni E 
(1) Ne (2) Cl 51. Which of the following species have correct order of sizè 
(3)0 (4) F oo, Oe 

40. The correct order of the size of C, N, P and S is Cre er Si i il 
(IVN<C<P<§ (2)C<N<P<s§ Effective Nuclear Charge (Zo) ae 
(3)N<C<S<P (4)C<N<S<P 52. Which of the following statement is most correct? Eftec 

nuclear charge of atom depends on 

41. The correct order of the size of Be, C, F and Ne is (1) The charge on the ion 
(1) Be>C>F>Ne (2) Be<C<F<Ne (2) The atomic number of an atom 
(3) F< Ne < Be < C (4) Be>C>F<Ne (3) The screening effect 

42. The correct order of increasing radii are (4) Both (1) and (3) 

(1) Be”, Mg**, Na® (2) K, Ca**, S2- 53. The shielding effect of d-electrons is 
(3) O”, F°, N= (4) S?, O”, As? (1) More than s-electrons (2) More than p-electrons 
(3) Less than s-electrons (4) Same as felectrons 


43. The correct arrangement of decreasing order of atomic gnesl! 
54. The chemistry of lithium is very similar to that of ma ni 


radius among Na, K, Mg and Rb is ve easel 
(1) Rb > Na>K > Mg (2)K>Rb>Na>M even though they are placed in different groups. Its 
- (1) Both are found together in nature 


(3) Rb > K > Na > Mg (4) Mg > Rb>K > Na 2) Deti havenesly the sattesize ys 


My 


—— 


ee 


n] 

(dE) or (A Ñk] mol ' 
Ùa 
S 


(3) Both have similar electronic conf 
(4) The ratio of their charge and 
nearly the same 


g, In a given energy level, the order of 
si different orbitals is 


guration 


size (i.e, charge density) is 


penetration effect of 


(a) f<d<p<s 2) s=p=d=f 
3)s<p<d<f Yp>s>a>z 

56. Which one of the following 8Toup of atoms or ions is not 
isoelectronic? 
(1) He, H®, Li® (2) Na®, Mg? AJ% 
(3) F°, 0%, N% (4) K’, Ca?™ Ne 


57. The correct order of relative gt 
5 completely filled sub-shell is 


Mp >d <d <p 
B)d <p <d < ps 


ability of half filled and 


Dd >p <q < p° 
(4) p> d <a cps 
Jonisation Energy (IE) 

58. From the ground state electronic ¢ 
elements given below, pick up the 
value of second ionisation energies 
(1) 1s’, 2s? 2p*, 3s? 
(3) 1s”, 2s? 2p6 


onfigurations of the 
one with the highest 


(2) 1s*, 2s? 296 351 
(4) 15°, 2s? 2p5 
. Which of the following process refers to IE 
X Jg 
(1) Xe) > xX a) 


8) X ag X o 4) Xi > Ky 
60. Which of the following stat 
energy is not correct? 
(1) The IE, is always more than the first. 
(2) Within a group, there is a gradual increase in ionisation 
energy because nuclear charge increases. 
(3) Ionisation energies of Be is more than B. 
(4) Ionisation energies of noble gases are high. 


- The graph of IE 
given below: 
2500 


tn 
wW 


a) 
Js 


5 (<>) 2+ 
(2) X w > Xn 


€ment conceming ionisation 


nN 
p 


; Or AHS versus atomic number (Z) is 


& 
= 
S 


Which of the following statement is correct? | 
li metals are at the maxima and noble gases al the 
minima, 


3) Noble &ases are at the maxima and alkali metals at the 
minima, 


62. 


63. 


64. 


65. 


66. 


67. 


68. 


69. 


70. 


71. 


72. 


13. 
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(3) Transition elements are at the maxima. 


(4) Minima and maxima do no 
Which of the followin 
1Onisation enthalpy? 
(1) K® 

(3) CIP 

For any given ele 
be — the first io 
(1) less than 


t show any regular behaviour. 
g isoelectronic ions have the lowest 


(2) Ca?" 
(4) S? 


ment, the second ionisation potential will 
nisation potential 


(2) higher than 


(3) same (4) depends on the element 
Which of the following process requires the largest amount 
of energy? 


(1) Al.) —> Al? + 

(2) are —> AP + e 

(3) Aly — A + e 

(4) All require same amount of energy 

Which of the following is an energy consuming process? 
(1) OG) a Ore) (2) Nae) ne 3 Na, 
G) OF 5 +e —3 Oa 4 O — OP +e 


Arrange S, P and As in order of incre 
(1) S <P < As 
(3)As<S<P 


The five successive ionisation energies of an element are 


800, 2427, 3658, 25024 and 32824 kJ mol! respectively. 
The number of valence electron is 


(1) 3 (2) 5 
(3) 1 (4) 2 


Which of the following transition 
amount of energy? 


© ; 
(1) M (g) Me) 


asing ionisation energy. 
(2)P<S<As 
(4)As<P<§S 


s involve maximum 


Š 3 
(2)M (9 M (e) 


(3) M? p — M (D M” a —> M” 
Which of the elements show 

their periods? 

(1) Alkaline earth metals 


(3) Noble gases 


least values of ionisation w ithin 


(2) Alkali metals 


(4) Chalcogens 
Which one of the following has the largest ionisation energy. 
(1) Na (2) 1K 
(3) Mg (4) Rb 


Which one of the following elements has the 
ionisation energy? 


(1) [Ne] 3873p! 
(3) [Ne] 3973p" 


highest 


(2) [Ne] 3973p" 

(4) [Ar] 3d? 457 p07 

The correct order of the second tonisation potential of 
carbon, nitrogen, oxygen and fluorine is 

(IVC >N>O>F (LNO>N>ESC 
(3)O>F>N>C (HF SOON>C 

Which has the largest first ionisation energy? 

(1) Na (2) 6 

(3) Rb (4) La 
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74 


d 


. Which of the following element has the highest ionisation 


energy? 
(1) Carbon (2) Boron 
(3) Oxygen (4) Nitrogen 


. The ionisation potential of nitrogen is more than that of 
oxygen molecules because of 
(1) Greater attraction of electrons by the nucleus 
(2) Extra stability of the half-filled p-orbitals 
(3) Smaller size of nitrogen 
(4) More penetrating effect 


76. The set representing the correct order of the first ionisation 


potential is 


(1)K >Na> Li (2) Be > Mg > Ca 
G)B>C>N (4) Ge > Si>C 

77. The first ionisation potential of which of the element is 
highest 
(1) Na (2) Mg 
(3) Al (4) Si 


78. 


rp J 


81. 


82. 


83. 


85. 


Highest ionisation potential in a period is shown by 
(1) Alkali metals (2) Transition elements 


(3) Halogens (4) Alkaline earth metals 
The first ionisation energy is maximum for 
(1) Na (2) Mg 
(3)K (4) Kr 
- What is the order of ionisation energies of the coinage 
metal? 
(1) Cu > Ag < Au (2) Cu > Ag > Au 
(3) Cu < Ag < Au (4) Au > Ag < Cu 


The second ionisation potentials in electron volts of oxygen 
and fluorine atoms are respectively given by 

(1) 35.1, 38.3 (2) 38.3, 38.3 

(3) 38.3, 35.1 (4) 35.1, 35.1 

The value of JE,, IE,, IE, and IE, of an atom are respectively 
7.5 eV, 25.6 eV, 48.6 eV and 170.6 eV. The electronic 
configuration of the atom will be 

(1) L? 2s* 2p® 35! (2) 1s* 2s” 2p% 3s? 3p! 

(3) 1s? 2s? 2p® 3s? 3p (4) 1s” 2s” 2p® 35” 

IE, IE, and JE, values are 100, 150 and 1500 eV respectively. 
The element can be 
(1) Na 

(3) Be 


(2) B 
(4) F 


- N J2 atoms of X, are converted into X by energy E,, 


N /2 atoms of X are converted into R by energy E. 
Hence ionisation potential and electron affinity of Xio) per 
atom are 


2E, XE,- E 2E, 2E 
(1) =, AL? — *) (2) paan Z2 

No No No No 
(3) ĀĄ == ions oou (4) None is correct 

No No 

Which of the following ionisation energy values for calcium 
show a sudden increase? 
(1) Third (2) Second 
(3) First (4) Fourth 


86. Which one of the following statements jg i 
relation to ionisation enthalpy? 
(1) Ionisation enthalpy increases for each Suc 
electron. Cess, 
(2) The greatest increase in ionisation enika i 
experienced on removal of electron from core nobi i 
configuration. a 
(3) End of valence electrons is marked by a big jum. 
ionisation enthalpy. Di 
(4) Removal of electron from orbitals bearing lowe; 
is easier than from orbital having higher n value. 
87. IE, for an element is invariably higher then IE, because 
(1) It is difficult to remove electron from cation 
(2) The size of the cation is smaller than its atoms 
(3) Z, is more for cation 
(4) All the above 
88. Which of the following metal requires radiation of th 
lowest wavelength to cause emission of electrons? . 


NOTE, | 
) 


h Vali 


(1) Na (2)K 
(3) Mg (4) Ca 

89. Which has the maximum IE? 

(1) Of (2) N 
(3)O (4) Na 

90. Compound XY is predominantly ionic as X® Y° if 
(1) (IE), < (IE)y (2) (EA), < (EA), 
(3) ŒN); < (EN)y (4) (IE), < (IE). 

91. The correct order of IE, of C, N, O and F is 
(1I)O>F>N>C (2)F>O>N>C 
(3) C>N>O>F (4)O>N>F>C 

92. The least stable ion among the following is 
(DL? (2) B® 
Qc (4) Be® 

93. Which has the most stable +2 oxidation state? 

(1) Sn (2) Fe 
(3) Pb (4) Ag 
94. Among the following elements (whose elect 


configuration are given below) the one having the highest E 
is 
(1) [Ne] 35? 3p? (2) [Ne] 3s? 3p! 
(3) [Ne]] 35° 3p" (4) [Ar] 3a" 45° 4p" 
95. Select the incorrect statement. 
(1) IE, of C” > TE, of N” 
(2) IE, of Se > TE, of As 
(3) IE, of F > IE, of O 
(4) Halogens have highest IE in respective period | 
96. If IE and EA of an element are 280 and 90 Keal mo 
respectively then EN of the element on Pauling scale 1S: 
(1) 2.96 (2) 2.6 
(3) 0 (4) 4.0 
97. Aqueous solution of two compounds A 


are taken separately. If the EN of A= 3.0, B 
H = 2.1, then the nature of two solutions wil 


—O-H an 
= 15,0235 
l be respect’ y 


D 


TT Periodic Classificati ; . 
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(3) Acidic, basic (4) Basic, acidic 
98. Consider the following ionisation reactions: 
Reactions IE 


(i) XE) — Pe) + e xX, 
(ii) Y(g)—> Yle) +e Y, 
Gi) PO— PO y, 
(iv) Z(g)—> Plg) + e yA 
(v) Z°(g)—> Z*(g) +e z, 
Wi) ŽO — zZ e+e z 
| If Y®, Y°? and Z*? ion have zero electron. 

Select the incorrect order of corresponding IE. 
(0) Y >X >Z, (2) L727 
| OZ LX (4)Z, > Z, > Y, 
Isoelectronic Species 


99. Which of the following are isoelectronic? 
NOF, COZ", CIOP, SO, 


(1) NO}, C037, CIOP (2) NO?, CO3, SO, 


(3) COs. Clb? SO, (4) None of these 
100. Consider the isoelectronic series, KÊ, S%, CI°, Ca’, th 
radii of the ions decrease as 


(1) Ca?* > KÊ > CIE > s% 
(3) S~ > CI2 > K® > Ca?" 


e 


(2) C0 > S* >Ke ca* 
(4) KÊ? > Ca** > s> > CIO 
101. Which of the following are isoelectronic species? 


CH, (D, NH, (i), NH, (II) and NH, (IV) 
(1) I, II and IV (2) I, H and IN 
(3) L I and IV (4) I and I 
102. Two p-block elements x (outer configuration ns? np’) and z 
(outer configuration ns? np’) occupy neighbouring positions 


in a period. Using this information which of the following is 
correct with respect to their ionisation potential I, and I. 


; ()L>L 
sÍ ØL>L 
G)L=I, 
(4) Relation between I, and I, is uncertain 


~ 


Metallic-Non-metallic Character 


103. Considering the elements B, Al, Mg and K, the correct order 
of their metallic character is 


(1)B>Al>Mg>K (2) Al>Mg>B>K 
(3)Mg>Al>K>B (4)K>Mg>Al>B 
| 104. TE, and IE, of Mg are 178 and 348 kcal mol’ . The energy 
py required for the reaction Mg —> Mg” +2e is 
‘| (1) +170 kcal (2) +526 kcal 


(3) -170 kcal (4) -526 kcal 
105. Considering the elements B, C, N and Si, the correct order 
y of their non-metallic character is? 
A (1)B>C>Si>N>F (2) Si>C>B>N>F 
5 (3)F>N>C>B>Si (4)F>N>C>Si>B 


Electron Affinity (EA) and Electron Gain Enthalpy (A.M ) 


106. Which of the following have least electron affinity? 
(1) Oxygen (2) Fluorine 
(3) Nitrogen (4) Carbon 

107. Second and successive electron affinity of an element 
(1) is always successive (energy is released) 
(2) is always positive (energy is absorbed) 
(3) can be positive or negative 
(4) is always zero 

108. Which one of the following statements is incorrect? 


(1) Greater is the nuclear charge, greater is the electron 
affinity. 


(2) Neon has zero electron affinity. 

(3) Electron affinity decreases from fluorine to iodine in the 
group. 

(4) Electron affinity decreases in going down a group and 
increases across period from the left to the right (>). 


109. The lower electron affinity of fluorine than that of chlorine 
is due to 


(1) Smaller size 
(2) Smaller nuclear charge 
(3) Difference in their electronic arrangement 
(4) Its highest reactivity 
110. The EA order for halogen is 


(1) F >Cl>Br>I (2) F<Cl<Br<]I 

(3) F<Cl>Br>I (4) F>Cl<Br<I 
111. The EA for inert gases is likely to be 

(1) High (2) Small 

(3) Zero (4) Positive 


112. Ionisation of energy F° is 320 kJ mol. The electron gain 
enthalpy of fluorine would be 
(1) -320 kJ mor! (2) -160 kJ mor! 
(3) +320 kJ mol”? (4) +160 kJ mor! 

113. Which of the following represents the correct order of 
electron affinities? 
(1) F>CI>Br>I (2)\C<N<O<F 
(3)N<C<O<F (4) C<Si<P<N 

114. Fluorine has the highest electronegativity among the group 


on the Pauling scale, but the electron affinity of fluorine is 
less than that of chlorine because 


(1) The atomic number of fluorine is less than that of 
chlorine 

(2) Fluorine being the first member of the family behaves in 
an unusual manner 

(3) Chlorine can accommodate an electron better than 
fluorine by utilising its vacant 3d orbital 

(4) Small size, high electron density and an increased 
electron repulsion make addition of an electron to 
fluorine less favourable than that in the case of chlorine 

115. EA is positive when 
(1) O° is formed from O 
(3) O% is formed from O 


(4) EA is always a negative value 


(2) O® is formed from O 
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Electronegativity (EN) 

116. Which is true about the electronegativity order of the 
following elements? 
(1) P>Si 


(3) Br> Cl 
117. The electronegativity of the following elements increases 1m 


(2)C>N 
(4) Sr > Ca 


the order 
(1) C.N. Si, P 
(3) Si, P. C. N 
118. An atom with high EA generally has 
(1) Tendency to form +ve ions 
(2) High ionisation energy 
(3) Large atomic size 
(4) Low electron affinity 
119. The electronegativity of the following elements increases in 


the order 
()S<P<N<O 


(2) N, Si, C. P 
(4) P. Si, N.C 


(2)P<S<N<O 


GyYN<O<P<S (4)N<P<S<O 


120. Downwards in a group. the electropositive character of 
elements 
(1) Increases 
(3) Remains same 
121. What is the correct order of electronegativity? 
(1) M'-<M><M><M* (2)M>>M*>M*>M* 
(BIM T <M >M? <M (4) M* <M? <M* <M" 


(2) Decreases 
(4) None 


122. Due to screening effect of electrons in an atom 
(1) IE decreases 
2) IE increases 
3) No change in IE 
(4) Attraction of nucleus on the valence electron increases 
Select the group where EN increases down the group 
(1) F. Cl, Br (2) Li, Na, K 
(3) Ca, Sr, Ba (4) Zn, Cd, Hg 
124. Which of the following element has the highest EN? 
(1) As (2) Sb 
(3)P (4)S 
125. The electronegativity values of C, N, O and F 
(1) Increases from carbon to fluorine 
(2) Decreases from carbon to fluorine 
(3) Increases up to oxygen and is minimum at fluorine 
(4) ls minimum at nitrogen and then increases continuously 


126. EN value for four elements A, B, C and D are respectively 
2.7, 2.1, O0% and 34. select incorrect statement based on 


123. 


given above data. 

(1) Compound AB conducts electricity only in fused state 

(2) Compound BD conducts electricity only in solution 
state. 

(3) Compound CD conducts electricity in fused as well in 


solution state. 
(4) AD does not conduct electricity in solid and fused state. 


Acidic, Basic and Amphoteric Character 
127. Among the following oxides, which is least acidic? 


(1) ALO, (2) B,O, 


(3) CO, (4) NO, 

128. Which of the following oxides is most basic? 
(1) Na,O (2) MgO 
(3) ALO, (4) CuO 


129. The order of which of the following oxides is Nie 
according to decreasing basic nature? Nye, 
(1) Na,O, MgO, ALO}, CuO (2) CuO, ALO y MgO, Na P 
(3) ALO,, CuO, MgO, Na,O (4) CuO, MgO, Na „0, Aly 
130. The correct order of acidic strengths of the following jg 
(1) CaO < CuO < H,O < CO, 
(2) CaO < H,O < CuO < CO, 
(3) H,O < CuO < CaO < CO, 
(4) H,O < CO, < CaO < CuO 
131. What is the nature of Al,O, and B,O,? 
(1) Acidic, acidic (2) Acidic, amphoteric 
(3) Amphoteric, amphoteric (4) Amphoteric, acidic 


132. Which of the following oxides is neutral? 


(1) SiO, (2) CO 
(3) ZnO (4) SnO, 
133. Which of the following oxides is amphoteric in nature? 
(1) CaO (2) CO, 
(3) SnO, (4) SiO, 


134. The correct order of acidic strength of the following is 
(1) SO, > P, O, > SiO, > ALO, 
(2) P, O, > SO, > SiO, > ALO, 
(3) P, O, > Al, O, > SO, > Si0, 
(1) AL O, > SiO, > P, O, > SO, 
135. Which of the oxides behaves both as suboxide and as new 


oxide? 
(1) CO (2) CO, 
(3) C,O, (4) N,O 
136. Which of the oxides is not a mixed oxide? 
(1) Co (ALO,), (2) Mn,O, 
(3) Pb, O, (4) C,O, 
137. Which of the oxides is basic as well as normal oxide 
(1) N,O (2) Na,O 
(3) NO (4) H,O 
138. Which is/are amphoteric oxide? 
(1) ZnO (2) BeO 
(3) SnO (H All of these 


139, (X), (Y), (Z) are elements in third short period. Oxide ot 
is ionic, (Y) is amphoteric and (Z) is a giant molecule. (\ 
(Y) and (Z) will have atomic number in the order: 
(1) (X) < (Y) < (4) (2) (Z) < (Y) < (X) 
(3) (X) < (Z) < (Y) (4) (Y) < (X) < (Z) 


Bond Angle 


140, Decreasing order of bond angle of (NH,, PH,, AsH,)'s 
(1) NH, > PH, > AsH, (2) NH, > AsH, > PH; 


(3) PH, > NH, > AsH, (4) AsH, > PH, > NH; 


2 


hei 
141. Decreasing order of bond angle of 
(1) NO," S NO, S NO” 
(3) NO,” >NO,° > NO, 


D 
(NO,’, NO,, NO, ') in 
45 D. 
(2) NO, "NO, NOF 
(4) NO, > NO," = NO," 
ny i y Aor e : l 
142. Decreasing order of bond angle of (NH,, NH4, PCL, 
is 


® 
(1) NH, > SCI, > PCI, > NH, 


SCI) 


® 
(2) NH, > SCI, > NH, > pc] 


9 


® 
(3) NH; >NH,> SCI, > PCI, 


` 


® 
(4) NH; > NH, > PCI, > SC] 


p 


143, Increasing order of bond angle of (C1,0, C1O,, CIO., 1) is 
(1) ClO < ClO, < C10, <1,° s D ~Y yp dy ) l 


(2) Cl,O < CIO, <1,° < C1,0, 
(3) 1,° < CIO, < ClO, < CIO 
(4) ClO < CI,O, < CIO, < 1,9 


144. Which of the following has the smallest bond length? 


(1) O, (2) N, 
(3) CL (4) HCI. 
145. Bond angle in PH, is 
(1) Much less than NH, (2) Much less than PF, 


(3) Slightly more than NH, (4) Much more than PF, 
146. The correct order of decreasin 
BF, and SiH, is 
(1) BF, > SiH, > H,S > NH, 
(2) BF, > SiH, > NH, > H,S 
(3) BF, > NH, > SiH, > H,S 
(4) SiH, > BF, > NH, >H,S 
147. The bond angle around central atom is maximum for 
(1) H,0 (2) H,S 
(3) H Se (4) H, Te 
Lattice and Hydration Energy 
148. Decreasing order of hydration energy of the following is 
(1) Li? >Na®>K®>Cs® (2) Cs® > K® > Na® > Li? 
(3) Li? >K®>Na®>Cs® (4) Cs® > Na? > K® > Li? 
149. Extent of hydrolysis of the following is 
(1) PCI, > SiCl, > MgCl, > AICI, 
(2) AICI, > MgCl, > SiCl, > PCI, 
(3) SiC, > PCI, > MgCl, > AICI, 
(4) PCI, > SiC]; > AICI, > MgCl, 
150. Give the decreasing order of thermal stability of the 
following. 
(1) Be CO, > Mg CO, > Ca CO, > Ba CO, 
(2) Ba CO, > Ca CO, > Mg CO, > Be CO, 
(3) Be CO, > Ca CO, > Ba CO, > Mg CO, 
(4) Mg CO, > Ca CO, > Ba CO, > Be CO, 


g bond angles in HS, NH,, 
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ISI Lattico enargy ofan lonke compound dependa on 
(1) Charpe donnlty of the lon 
(2) Packing of lonn only 
(3) Size of the jon only 
(4) Charge on the lona only 


i] 
Na, S¢ ), WW nolublo in water while ase yin insoluble, Which 
Of the reason da correct about the above Atnlement, 


(1) Lattice enorgy of Bas ), exceeds itn hydration energy, 
(2) Hydration enorgy of BASO, excee 


(3) Tho solubility in ILO ofa compou 
hydration energy, 


(4) The solubility in HLO of aco 
lattico energy, 


» Calculate the lattice ener 
eV = 23,0 keal mol h) 


L AH? (KI) =~ 78,0 kcal mol”! 

I. IB, of K =4.0 eV 

Mh. Agt (1,) = 28.0 kcal mol ! 

Iv. Avi’ (K) = 20,0 kcal mol ! 

ve EA ofl =~ 70.0 kcal mol”! 

vi. Avil? of 1, = 14,0 kcal mol! 

(1) +14.1 kcal mol”! (2) -14.1 kcal mol! 
(3) -141 kcal mol"! (4) +141 kcal mol”! 


154. Calculate the BA of O atom to O? 
data: 


i. A-H® [MgO (s)] =- 600 kJ mol" 

ii. AHO [MgO (s)] = — 3860 kJ mol”! 

iii. IE, + IE, of Mg (g) = 2170 kJ mol” 

iv. Ajit? [O, (g)] = + 494 kJ mol! 

V. A. gH” of Mg (s) = + 150 kJ mol”! 

(1) + 693 kJ mol"! (2) - 693 kJ mot! 
(3) + 69.3 kJ mol! (4) - 69.3 kJ mol! 


155. Which has maximum polarising power in cation? 


152, 


da ita lattice energy, 
nd depends only on its 


mpound depends only on its 


15: 


— 


gy from the following data (given | 


ion from the following 


(1) O% (2) AI? 
(3) Li! (4) Me" 
156. Which of the following ions has the highest heat of 
hydration? 
(1) Na? (2) Li® 
(3) Cg? (4) Ke 
157. In which solvent KBr has maximum solubility? 
(1) C,H,OH (2) CH,COCH, 
(3) C,H, OCH, (4) H,O 
158. Lattice energy of BeCO, (1), MgCO, (I) and CaCO, (UD is 
in order, 
(1)1> 1H >I (2) WI >U>1 
(3) I>) >1 (4) Ub > 1 > 


159, ‘Solubility of groups 1 and 2 fluorides increases down the 
group’. Which of the following is correct explanation for 
the above given statement? 


eA LO 


4norganic Chemistry 


(1) Both . 
the se Ta and lattice energies decrease down 
(2) Both th P (+) ut decrease in lattice energy is rapid. 
aes © energies increase down the group but iner 
In hydration energy is rapid. iii 


(3) Both the energi 
j gles decrease down th 
in hydration energy is rapid. e group but decrease 


4 : . 

(4) Hydration energy increases and lattice energy decreases 
down the group. 
1 , , 
60. The magnitude of lattice energy of a solid increases if 

(1) The ions are large 
(2) The ions are small 
(3) The ions are of equal sizes 
(4) Charges on the ions are small 


Miscellaneous 


161. Which of the following is correct? 
(1) With increase in atomic size, ionisation energy increases 
(2) With increase in atomic size, electron affinity increases 
(3) With increase in atomic size, metallic character increases 
(4) With increase in atomic size, electronegativity increases 


162. Which of the following is incorrect? 
(1) An element which has high electronegativity always has 
high electron gain enthalpy. 
(2) Electron gain enthalpy is the property of an isolated 
atom. 
(3) Electronegativity is the property of bonded atom. 


(4) Both electronegativity and electron gain enthalpy are 
usually directly related to nuclear charge and inversely 


related to atomic size. 
163. The ionisation of hydrogen atom would give rise to 
(1) Hydride ion (2) Hydronium ion 
(3) Proton (4) Hydroxyl ion 
164. Chloride of an element A gives neutral solution in water. In 
the periodic table, the element A belongs to 


(1) First group (2) Third group 
(3) Fifth group (4) First transition series 

165. In a period, density first __ then _ and in a group it ___ 
down the group 


(1) Decreases, increases, remains constant 
(2) Increases, decreases, decreases 
(3) Increases, remains constant, increases 
(4) Increases, decreases, increases 
166. In the transformation of Na(s) —— Na® ( g), the energies 
involved are 
(1) Ionisation energy 
(2) Sublimation energy 
(3) Ionisation energy and sublimation energy 
(4) Bond dissociation energy 
167. Beryllium and aluminium exhibit many properties which 
are similar. But the two elements differ in 


(1) Forming covalent halides 


168. 


169. 


170. 


= 


171. 


172. 


173. 


174. 


175. 


176. 


177. 


178. 


(2) Forming polymeric hydrides 
(3) Exhibiting maximum covalency in compoy 

(4) Exhibiting amphoteric nature in their ox; ie 
Among LiCl, BeCl,, BCI, and CCI 4 the ¢ 
character follows the order Valen hs 
(1) LiCI > BeCl, > BCI, > CCL, ' 
(2) LiCl< BeCl, < BCI, < CCI, 

(3) LiCl > BeCl, > CCI, > BCI, 

(4) BeCl, > LiCl > BCI, > CCI, 

The correct order of polarisability of ion is 
(1)CI°>Br°>I°>F° (2) F° > 9 > B,9 > CV 
(3)I°>Br°>CI2>F° = (4) F°> Cl? > Bo > 
Diagonal relationship is shown by 

(1) All elements with their diagonally opposite elem 
(2) All elements of 3rd and 4th periods 

(3) Some of the elements of 2nd and 3rd periods 


Ents 


(4) Elements of d-block 

Inert pair effect is shown by 

(1) s-block (2) p-block 

(3) d-block (4) fblock 
Which has the maximum covalent character? 
(1) MgCl, (2) NaCl 

(3) SiCl, (4) AIC, 


NO, and N,O, are two forms of nitrogen dioxide. One erig 
in gaseous state while other in liquid state. The nature; 


NO, and N,O, forms are 

(1) Both are diamagnetic 

(2) Both are paramagnetic 

(3) NO, is diamagnetic while N,O, is paramagnetic 

(4) NO, is paramagnetic while N,O, is diamagnetic 
Magnetic moments of V (Z = 23), Cr (Z = 24) ant X: 
(Z = 25) are x, y and z respectively, hence 
(l)x=y=z (2)x<y<z 

(3)x<z <y (4)z<y<x 

Which of the following molecule is theoretically * 
possible? 


(1) OF, (2) OF, 
(3) OF, (4) SF, 
Which pair is different from the others? 
(1) Na-K (2) Ca-Mg 
(3) Li-Mg (4) B-Al 


The correct order of decreasing ionic character is 
(1) BaCl, > CaCl, > MgCl, > BeCl, 
(2) BaCl, > MgCl, > CaCl, > BeCl, 
(3) BeCl, > MgCl, > CaCl, > BaCl, 
(4) BaCl, > BeCl, > CaCl, > MgCl, 


The correct order of decreasing polarisability of ion” 
(3) 1° >Br°>Cl°>FO (4) Fo > CP > BP?! 


2 


a 
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I a l value of (3) Along the period (—) the number of valency electrons 
principal and azimuthal quantum number of last electron of increases from | to 8. 

element ‘y’ is n = 3, and/= 1 and spin multiplicity for given 

element is 4. 


(4) The first member of lanthanide series is lanthanum. 
Select incorrect statement based on above information. 


(1) Element ‘y’ is 3rd period and 15th group element 
(2) Element ‘y’ has magnetic moment = V15 BM 


(3) In valence shell of element ‘y’ 
symmetrically distributed. 


(4) Element ‘v’ is nitrogen. 


3. Which of the following statement(s) is/are correct? 
(1) All the members of the actinide series are man made. 
(2) Zero group elements are paramagnetic. 


(3) Third group of the periodic table accommodates 


electro ity i 
n density is maximum number of elements. 


(4) All members of zero groups are non-metals. 
. . . 9 
180. Select incorrect statement 4. Which of the following statements(s) is/are ance | 
(1) In Mendeleev periodic table, all groups are divided into 
two subgroups. 


(1) Element ‘x` with electronic configuration (n — 1)@ns? 
(n = 4) belong to 4th period and 4th group. 
(2) Element ‘y` with electronic configuration (n — 2 i (n= 


Dad'ns? (n = 6) belongs to 6th period and 3rd group and 
is lanthanide element. 


(2) There is no relationship between electronic configuration 
of the elements and their position in the extended form 
of periodic table. 

(3) Element ‘z` with electronic configuration ns*np* (n = 6) 
belong to 3rd period and 16th group. 

(4) All x, v, z elements are metals. 


(3) s-block elements have one or two electrons in their 
outermost shell. 


(4) Osmium has the maximum density among metals. 
181. The value of four quantum numbers for the last electron of 5. Which of the following statement(s) is/are correct? 


i f th iodic table 
atom of element ‘P’ aren =7,/=1,m=+1ors= +, 1l (1) The last member of the 7th period of the periodic 


5 will have atomic number 118 if discovered. 
and value of spin magnetic moment for element ‘P’ is zero. 


The element has two isotopes, ^P and BP, 


Given: B — A = B — 2Z = 18, where A and B are atomic 
masses and Z is atomic number. 


Select incorrect statement based upon above information 
(1) Element ‘P’ belongs to 18th group, with Z = 118 

(2) Element ‘P’ is representative element. 

(3) The value of 4 and B respectively are 236 and 254. 

(4) The possible value of all four quantum numbers for 90th 


(2) All the transition elements are metals and paramagnetic. 


(3) The maximum number of elements are present in the 
Sth period of the periodic table. 


(4) Every period of the periodic table starts with a member 
of alkali group. 


6. These are three elements X, Y and Z. the atomic number are 


A), A, and A, respectively. 
IfA -A, = 2 and 


. A + A, 

electron of atom of element ‘P’ is: n = 5,/=3, m=-2, > =A 22 
l 

s=-5- 


and electronic configuration of element X is [Ar] 3a°4s~ 
then correct order of magnetic moment are: 


Multiple Correct A T Iil ()Y>xX>z* (2) Y? >x >z" 
u e iT nsw rs e + -+ Ea r= 


General Electronic Configuration and Periodicity 


k 


Which of the following statement(s) is/are correct? 


(1) Mendeleev’s periodic law was based on atomic numbers 
of the element. 


7. Consider the value of all four quantum number of last 


electron and spin multiplicity (2s + 1) for the given two 
elements ‘4’ and ‘B’ in their ground state 


n l m S [2s + 1| 
(2) Zero group was not present in the periodic table when t 5 5 a 1 A 
Mendeleev presented it. ‘ = > 
(3) The effective nuclear charge (Z) is the atomic number i 
minus shielding effect. B 2 l -l +— 4 


(4) There are four transition series in the periodic table each 
one consists of 10 elements. 


- Which of the following statement(s) is/are correct? 


(1) Similar electronic configuration is repeated after 


intervals of 2, 8, 8, 18 and 32 in the extended form of 


periodic table. 


(2) Ina period from right to left (4+), reducing nature 
increases. 


3 
Then according to given information correct statements are: 
(1) Magnetic moment of B is greater than A. 
(2) A and B element shows only single oxidation state. 


(3) The possible halide of `£ has two vacant p-orbitals on 
its central atom, 


(4) The bond angle (H-N-H) of possible hydride of element 
`B’ is less than 109° 28” 


8. Consider à all four quantum numb 
magnetic moment and valence ele 
C and D is their ground state. 


er of last electrons and (3) IE, of Al < IE, of Mg 
ctrons of elements A, B, | 


(4) IE, of Be > IE, of B \ 
15. The factors that influence the ionisation ene 
(1) Size of the atom 
(2) Charge on the nucleus 
(3) The inner electrons which effectively Screen the 
charge Mg, 
(4) Atomic number of the element | 


gies are 


16. Which is the correct increasing order of i tonisation e 
(1) Li < B < Be (2)Be<B<Li gy 
(3) Li <Na < K (4)0<N<F 

17. Which is correct about ionisation potential? 

(1) IE, of N> IE, of O (2) IE, of N>IE of 
(3) IE, of Li > IE, of Ne (4) IE, of Al> IE 1 Of Cy 
18. The first eight ionisation energies for a particu] 


l - 5 | atom is as given below. All values are exprese 
According to given information, select the correct kJ mol”!. Which oxidation state(s) is/are not Possible ad 
statements. atom? 

(1) IE, of element A> IE, of element B Ist 2nd 3rd 4th Sth 6th 7th 

(2) IE, of element C > IE, of element D 1.31 339 530 7.47 10.99 13.33 7133 un | 
(3) IE, of element D > IE, of element C (1)-2 (2) -3 

(4) IE, of element B > IE, of element A (3) =6 (4) 6 


19. IE, for an element is invariably higher than IE, because 
(1) The size of cations is smaller than its atom. 
(2) It is difficult to remove electron from cations. 


Atomic and Ionic Radii 
9. Which of the following is correct in order of increasing 


size? l 
isati is endoth A 
(1) <[<]? (2) Fe < Fe?” < Fe?” (3) Ionisation energy 1s endothermic 
3+ < Rett < F 4 Alla iesbove (4) All of the above. 

(3) Fe <Fe aa ( H) ii 20. Which sequence is correct regarding the first ionisati 
10. Reason for diagonal relationship is potential of coinage metals? 

(1) Same size (2) Same electronegativity (1) Cu>Ag>Au (2) Cu<Ag<Au 

(3) Same electron affinity (4) Same polarisability (3) Cu > Ag < Au (4) Ag > Cu < Au 
Bhs Which OF Be RON OWNS pous or elements Mave: Amosi 21. Mark the correct statements out of the following: 

similar atomic radii? (1) He has highest IE, in the periodic table. 

(1) Zr, Hf 7 i pA (2) CI has the highest EA out of all elements in the perio? 

(3) Co, Ni (4) Nb, Ta table. 
12. Which of the following statements is/are contr | (3) Hg and Br are liquid at room temperature. 

(1) An anion is larger than a gation if they are isoelectronic. (4) In any period, the atomic radius of the noble gas: 

® a largest size. | t 
(2) Out of Na~ and Al", Na” has the large owest. 
ig . : 3+ p3 , 
(3) The ionic radii of trivalent lanthanides [La*, enpr, 22. Ionisation energy is influenced by 
...] decreases with increasing atomic number. (1) Size of atom 
(4) Out of p>, S7, and CIP, CIO ion has the largest size. (2) Charge of nucleus 


(3) Electrons present in inner shells 
(4) None of the above 


Effective Nuclear Charge (Z,,,) 
13. Which of the following statements(s) is/are correct? 


(1) Z,q of elements increases along the period (—>). 23. According to Slater's rule, the correct order of Zs" 
(2) Z, “of elements increases down the group (1). aie iain Saas is: ae 
(3) K nai species have the same nuclear charge. (1) Mn a! =T (2) F k >0 aa x 
(4) Screening constant (o) increases down the group GA. (3) Fe > Fe’? > Fe** (4) Al” > Mg” 7 a F 
24. Consider the following value of IE (eV) fot elem? 
Ionisation Energy (IE) and B. 

14. Which of the following statement(s) is/are correct? Element IE, IE, IE, K 
(1) Successive IE’s are lower. A ‘as i e l | 
(2) Less energy is required to remove an electron from a B 8.0 tas 78 9 105 


half-filled shell or completely filled shell. 


\ 


26. 


I r- 


27. 


28. 


29 


th, 
Flectron Affinity (EA) 
25. 


configuration ns°*np* and ns“np” res 
following compounds are possible 

(1) A,C; (2) AD, 
(3) BD, (4) B.C, 


pectively which of the 


Which of the following statement(s) is/are correct? 

(1) The element which has higher EA a 
oxidising agent. 

(2) The element with higher EA has higher IE. 

(3) Along a period halogen has maximum EA. 

(4) The decreasing order of EA is F > Cl > Br 


cts as a strong 


Which of the following process do not involve absorption of 

energy? 

(1) Cl(g) +e —>CI*(g) (2) S(g) +7 5 5°(g) 

(3) O(g) +e —>O%(g) (4) 0° + &° 0e) 

Consider the order: 

Mg" > Na® > Fo > 04 

Then correct statements are: 

(1) Decreasing order of I.E. 

(2) Decreasing order of E.A. 

(3) Decreasing order of Log 

(4) Decreasing order of size 

Consider the following reactions: 

D 0°) + € —> O*(g), AH, 

(II) F(g) + € —> F°(g), AH, 

(Il) Cl(g) + € — Cl°(g), AH, 

(IV) O(g) + € —> O%(g), AH, 

Select the correct statements 

(1) AH, is less negative than AH, 

(2) AH, is More negative than AH, and AH, 

(3) AH, and AH, are negative whereas AH, and AH, are 
positive 

(4) AFL, AH, and AH 4 are negative whereas AH, is positive 


. Consider the following sequence of reaction. 


AH, | AH, 


If the electronic configuration of element A is [Ne]3s’, then 
Which of the following order is correct regarding given 
enthalpies? 


(1) |AH,| = |AH, (2) |AH,| = |AH,| 
(3) |AH,| = JAH (4) |AH,| = |AH,| 
Electronegativity (EN) 


30. Which of the following properties can be determined by 


31. 


using Born-Haber cycle? 


(1) Aa” (2) AH” 
(3) A,H® (4) EN 
Select the correct statement(s). 


l | 
(1)On Mulliken scale, the average of IPand EA(ineV atom ) 
is known as EN. ° 


33. 


34. 


35. 


36. 
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Other two elements C and D have Outer electronic ee 


(2) The maximum EN is shown by Cl. 
(3) H, P and Te have similar value of EN. 
(4) H, S and Te have similar value of EN. 


- Select the correct statement(s). 


(1) Mulliken’s values of EN are about 2.8 times more than 
the Pauling scale. 

(2) Mulliken’s values of EN are about 2.8 times less than 
the Pauling scale. 

(3) On Mulliken’s scale if IP and EA are in kJ mol ', then 


_ IP+EA 
EN= S40 
(4) On Mulliken’s scale if IP and EA are in kcal mol |, then 
_ IP+EA 
N= Tres" 


Select the correct statement(s). 


(1) On Pauling scale, the difference in EN of two atoms A 
and B in SI units is. 


(2) On Pauling scale, the difference in EN of two atoms A 
and B in kcal mo! is 


(EN, — ENg) = 0.208 1 
(3) The Mulliken’s EN values are scaled down to match the 


l saan | PEERI 
Pauling value by dividing ( in eV by 3.17. 


(4) The Mulliken’s EN values are scaled down to match the 


N 


A), 
| in eV by 3.17. 


Pauling value by multiplying í 


Select the correct statement(s). 


(1) EN of Ga and Ge > EN of Al and Si, due to d-block 
contraction. 


(2) EN of Ga and Ge < EN of Al and Si, due to d-block 
contraction. 


(3) EN of Pb > EN of Tl and Bi, due to d-block contraction. 

(4) EN of Pb < EN of TI and Bi, due to d-block contraction. 

Select the correct statements 

(1) EN of Cl atom in Cl,O, > EN of atom in CLO, 

(2) EN of Cu*" > EN of Cu” 

(3) EN of C-atom in CH, > EN of C-atom in CO, 

(4) EN of atom on Pauling scale > EN of F atom on Mulliken 
scale 

Select correct statement 

(1) EN of Si atom using Allred-Rochow’s method, if 
covalent radius of Si is 1.0A is 3 (rounded in nearest 
integer value) 


(2) EN of central atom CF, > CH, > SiH, 
(3) EN can not be determined using Born Haber cycle 
(4) EN of central atom: CF 47 CCl, > CH, 


. Select the correct statements 


(1) EN of an element œ Lay 
(2) EN of a cation o Charge on cation 
(3) EN  s-character in hybrid orbital 


(4) EN of a anion œ Charge on the anion 
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38. Which ofth : 

e followin ele | 

EN on Pauling sae & elements have almost equal value of 47. Which is correct in increasing order of ionic —~ | 


(1)P DS (1) AICI, < MgCl, < NACI (2) Lil < LiBr < lie 
‘en (4) Te (3) NaCl> MgCl, < AICI, (4) None of the above | 
39. Select the Correct statements 48. Highly pure dilute solution of sodium in ammonia 
(1) Å hydration HE Mg?” > Aan, HOA (1) Shows blue colouration due to solvated electron 
ydration 


@®. 
(2) Ay aration H® is maximum among OH®, NH,® and F® 


(3) In the Preparation of F,, the strongest oxidizing halogen, 
the EA is the most important factor. 

(©) . . 

(4) F _lon has highest hydrated radius among the other 

halide ions 


40. Select the correct Statements 


(1) NaF has the highest melting point amongst NaF, NaCl, 
NaBr and Nal 


(2) MgO has maximum lattice energy amongst MgO, CaO, 
BaO and SrO 


(3) LiF has a Positive enthalpy of solution amongst Lif, 
LiCl, LiBr and Lil 


(4) KF has more negative enthalpy of solution amongst KF, 
KCI, KBr and KI 


Miscellaneous 
41. Transition metals are characterised by which of the 
following properties? 
(1) Variable valency 
(2) Coloured compounds 
(3) High melting and boiling points 
(4) Tendency to form complexes 
42. Which is correct statement regarding BOH (where y is 
electronegativity)? 
(HT x55 > Xo-Xy, BOH will be basic. 
(2) If Xo-—Xp < Xo-Xpy BOH will be acidic. 
(3) 1f¥ 5-45 > Xo`Xp BOH will be acidic. 
Eo as Xo`Xy» BOH will be basic. 
The elements which are radioactive and have been named 
after the names of planet are 
(1) Hg (Mercury) (Hergentium) 
(2) Np (Neptunium) 
(3) Pu (Plutonium) 
(4) Ra (Radium) 
The properties which are common to the elements belonging 
to groups 1 and 17 of periodic tables are 
(1) Electropositive character increases down the group. 
(2) Reactivity decreases from top to bottom. 
(3) Atomic radii increase as atomic number increases. 
(4) Electronegativity decreases on moving down a group. 
The number of which subatomic particle is same in case of 
chlorine atom and chloride ion? 
(1) Electron (2) Proton 
(3) Neutrons (4) All of the above 
Which of the following show amphoteric behaviour? 
(1) Zn(OH), (2) BeO 
(3) ALO, (4) Pb(OH), 


43. 


44. 


45. 


46. 


49. 


50. 


51. 


52. 


= 


54. 


53. 


56. 


np 


58. 


(2) Shows electrical conductivity due to 


bot | 

electrons and solvated sodium ions “Oly, 

(3) Shows red colouration due to solvated electron, | 
bad conductor of electricity PS by 


(4) Produces hydrogen gas or carbonate 

Which of the following are ionic carbides? 

(1) CaC, (2) Al 40; 

(3) SiC (4) Be,C 

Which of the following substance(s) is/are used in labor 
for drying purposes? at 
(1) Anhydrous P,O, (2) Graphite 

(3) Anhydrous CaCI, (4) Na PO i 
Born-Haber cycle cannot be used to estimate 

(1) Electronegativity 

(2) Hydration energy 

(3) Lattice energy of ionic crystals 

(4) Binding energy of electrons 

The compound(s) which have -0 — 0 — bond(s) is/are 


(1) BaO, (2) Na,O, 

(3) CrO, (4) Fe,O, 

Which of the following compounds are paramagnetic ; 
nature? 

(1) KO, (2) KO, 

(3) Na,O, (4) RbO, 


Select the correct statement(s). 

(pce compounds are ionic. 

(2) They are oxidised to Cr** by air. 

(3) They are reducing agent in aqueous solution. 

(4) None is correct. 

On moving down the group from F to I, which of È 
following properties decreases? 

(1) Ionic radius (2) IE 

(3) Oxidising power (4) EN 

Select the correct statement(s). 

(1) Alkali metals have lowest IE in respective period. 
(2) Noble gas have highest IE is respective period. 

(3) EA, of N< EA, of O. | 
(4) F? is the strongest reducing agent among halide “4 
The electronic configuration of given species (X) is !8 d 
2p°, 35° 3p° 3°, 4s!. This can be its ; 
(1) Cationic form X® (2) Anionic form X 
(3) Excited state (4) Ground state 
Which of the following sets contain: only isoelé 
species? 

(1) KÊ, Ca?*, Sc3*, C1® 
(3) Ti, Ar, Cr, V% 


ctro 


(2) In2* Ca”, Ga’, a” 
(4) P”, S>, CIP, K? 


} 


59. In which of the following arrangements, the order is 


60. 


62. 


63. 


66. 


according to the property indicated against it? 
(1)IE;; O>N>C>B 

(2) A H” (with -ve sign): CI> F> Br>] 

(3) Metallic radius: Rb > K > Na > Li 

(4) Ionic size: F° > Na® > Meg** > At 

In which of the following arrangements, the order is 
according to the property indicated against it? 

(1) Basic strength: SbH, > AsH, > PH, > NH, 
(2) IE,; N>O>C>B. 

(3) Oxidising power: PbO, > SnO, > SiO, > CO, 
(4) Acid strength: HI > HBr > HCI > HF 


. The bond dissociation energy of BF in BF, is 646 kJ mol! 


whereas that of C—F in CF, is 515 kJ mol. The correct 
reason for higher B—F bond dissociation energy as compared 
to that of C-F in CF, is 


(1) Lower degree of px—pn interaction between B and F in 
BF, than that between C and F in CF, 

(2) Significant prn-pr interaction between B and F in BF, 
whereas there is no possibility of such interaction 
between C and F in CF 4 

(3) Smaller size of B-atoms as compared to that of C-atom 
and the stronger bond between B and F in BF, as 
compared to that between C and F in CF P 

(4) Lewis acid character of boron trihalides is as: 


BBr, > BCI, > BF, 
Which of the following can conduct electricity in? 
(1) MgBr, (2) CaBr, 
(3) BaBr, (4) BeBr, 
Which of the following are expected to be covalent? 
(1) BeCL, (2) SnCl, 
(3) CuS (4) CaCl, 
- Which of the following does not exist? 
(1) HS, (2) HPO, 
(3) Fel, (4) HCIO, 


- Which of the following relation is/are correct? 


(1) Covalent character œ Pseudo inert configuration 
(2) Ionic character œ Inert configuration 
] 

Dipole moment 

] 
Dipole moment 
Which of the following are correct? 
(1) As” salts are better oxidising agents 
(2) TI** salts are better oxidising agents 
(3) Ga® salts are better reducing agents 
(4) Pb** salts are better oxidising agents 


(3) Covalent character « 


(4) lonic character « 


Linked Comprehension Type Il 
Paragraph 1 


Effective nuclear charge (Z œ) is the net attractive force on electrons 


under consideration and is equal to: 
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Zar © Z— (nuclear charge — screening constant). Z y or © is 
calculated by Slater’s formuls, as given. 

If one electron is present in the outermost orbit, there will be no 
screening in that orbital. Each electron contribute, 0.35 (total 
electrons minus one electron) present in the outermost shell. 


A contribution of 0.85 for each electron is taken in the (n — 1)th 
shell. 


1. The screening constant (o) for 4s electron of Mn (Z = 25) 


will be 
(1) 18.00 (2) 4.25 
(3) 18.35 (4) 22.6 


2. Which of the following statement is wrong? 
(1) IE, of Ga > Al, due to imperfect shielding of 3d-orbitals 
in Ga. 
(2) IE, of Ga < AI, due to perfect shielding of 3 d-orbitals in 
Ga. 


(3) The atomic size of Ga and Al are almost same because 
of poor shielding effect of electrons in d-orbitals as the 
effective nuclear charge increases in Ga. 


(4) IE, of group 16 elements is less than that of group 15 
elements. 

3. Which of the following statement is wrong? 

(1) The number of lobes in (orbitals are 8. 

(2) IE, of elements increases along the period. 

(3) IE, of the group 3 elements is more than that of the 
group 2 elements. 

(4) IE,, IE, and IE, of an element are 9.5, 18.5 and 154.4 
eV. Predict that the element has either two s-electrons or 
two p-electrons in the valence shell. 

Paragraph 2 
In the long or modern form of the periodic table, the elements in the 
periodic table have been divided into four blocks, s-, p-, d-, and f. 
Each period begins with the filling of new energy shell. Two series 
of f-block elements are placed at the bottom of the periodic table. 
4. The element with Z = 39 belongs to 
(1) s-block (2) p-block 
(3) d-block (4) f-block 
5. The element with Z = 113 has been discovered. Its block. 
group number, period and ourershell electronic configuration 
are 

(1) s-block, group 2, period 7, 7s? 

(2) p-block, group 13, period 7, 7s* 7p! 

(3) p-block, group13, period 6, 6s" op! 

(4) d-block, group 12, period 6, Sa!°, ay" 

6. Which of the element whose atomic numbers are given 


below cannot be accommodated in the present set-up of the 
modern periodic table? 


(1) 109 (2) 118 
(3) 120 (4) 125 

7. What is the maximum number of electrons that can be 
accommodated with n = 5 (n = principal quantum number)? 
(1) 10 (2) 18 
(3) 36 (4) 54 
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8. Which of the following ions is most stable? Paragraph 4 | 
] HO) © i 
(1) Li (2) Be Energy is released when an electron is added to neutra] 
me 


(3) BS (4) c° 


9. The last element of the p-block in the present periodic table 


10. 


is represented by the configuration, where [X] represents 
inert gas is 

(1) [X] 7s? 7p% (2) [X] 5f'*, 6d", 75? 7p° 

(3) [X]4f "f, Sa!°, 6s? 6pf (4) [X] None of the above 

If the elements were discovered in future in which the 
electrons would be present in g-orbitals. Then g-orbital 
starts and ends up with what atomic number? 


(1) 121, 139 (2) 121, 138 
(3) 122, 140 (4) 122, 139 
Paragraph 3 


The energy required to remove an electron from the outermost 
shell of an isolated gaseous atom is known as IE, of that atom. 
Similarly, the energy required for the removal of the electron 
from the unipositive ion, diapositive ion and tripositive ion are 
known as IE,, IE, and IE ,, respectively, and are called successive 
ionisation energies. The magnitude of the charge depends on the 
size of the orbital of electron. Electrons in smaller orbitals are on 
average close with each other and have more repulsion. Thus for 
Be (2s), the IE, and IE, are 9.3 and 18.2 eV atom ', whereas for 
Ca (45°), the values are 6.1 and 11.9 eV. 


11. 


12. 


13. 


14. 


15. 


16. 


The correct order of arrangement of the first ionisation 
energies of C, N, O and F (in decreasing values) is 
(1)C>N>O>F (2)O0>N>F>C 
(3)O>F>N>C (4)F>N>O>C 

Four elements have the following first ionization energies 
in kJmol!!: 762, 709, 59 and 558. The elements are Ga, Ge, 
In and Sn (not in order). Which of these elements has the 
ionisation energy of 762 kJmol!? 


(1) In (2) Ga 

(3) Sn (4) Ge 

Which of the following are isoelectronic species? 
1 > CHÎ, I > NH?, II > NH?,IV > NH, 
(1) I, HI and III (2) II, III and IV 

(3) I, II and IV (4) II and I 


Among the following ionisation reactions, which one will 


have the maximum value of ionisation energy? 

(1) Be > Be® (2) Be? > Be** 

(3) Sr > Sr? (4) Sr? > Sr’** 
Consider the JE, of the elements whose electronic 
configurations correspond to the following: 

i. [He] 2s” 2p° ii. [He] 2s” 2p 

iii. [Ne] 3s? 3p' iv. [Ar] 3d"? 35? 3p! 
Which of the above have almost same IE ,? 

(1) i and ii (2) i and iii 

(3) iii and iv (4) ii and iv 

The relationship between IE, and JE, of an element is 
(1) IE, > IE, (2) IE, < IE, 


(3) IE, = IE, (4) None of the above 


gaseous atom in its ground state to give MOnoanio oh, 
is known as EA, or A..H,°. The greater the amount, h 
released the greater is the EA. EA is expressed jn eV 7 hy, 
kcal or kJ mot", on 

| 


17. The EA values of elements depends on the following. | 
i. Nuclear charge . 
li. Electronic configuration 
iii. Atomic size 
iv. Chemical environment 
(1) i, iii, iv (2) i, ii, iii 
(3) ii, iii, iv (4) All 
18. EA values of N and P are exceptionally low, because 
(1) Both N and P have half-filled p-orbitals in the vaj 
shell. “ty 
(2) The atom is more stable than the Corresponding ani 
(3) The electronic configuration of the anion N® and P. 
relatively more stable than the corresponding atom 
(4) Both (2) and (3). 
19. Select the correct statements (more than one correct). 
(1) EA and A,,H,° of an atom of element have say 
magnitude 
(2) AH,” of Al> B 
(3) AH, of P>N 
(4) AH,” of S>O 
20. Select the correct statements (more than one correct). 
(1) A,,H® of noble gases have large positive values. 
(2) AsH? of noble gases have large negative values. | 
(3) AHO of helium (He) is the lowest of all the noble gas 


(4) A.,H® of Ar is lower than that of Ne. 


Paragraph 5 
Along the period (—>) atomic/ionic radii and metallic chaw 
decreases while IE, EN, non-metallic character and oxidist | 
power increases. Down the group (¥), atomic/ionic radii, met 
character and reducing character increase while IE and P 
decrease. However, A. H®° becomes less negative down a 9% 
but more negative along a period. 
21. Which of the following isoelectronic species has Jow® 
IE,? 
(1) K® (2) Ca” | 
(3) S% (4) CI | yf 
22. If the ionic radii of M® and X° are about 135 pm W 
expected values of metallic radii of M and X shoul 
respectively. 
(1) 65 and 230 pm (2) 230 and 60 pm 
(3) 230 and 135 pm (4) 135 and 135 pm P 
23. In which of the following pairs, both species have ncaa 
same size? (more than one correct) | 
(1) Mg”, Al** (2) K®, F? 
(3) Li®, Mg” (4) Rb®, 0% 


74, Correct order of IE, of the following is 
(1) F>O>N>C (2)O>N>F>C 
(3)0>F>N>C (4)C>N>O>F 
25. Which of the following are correct statements? (more than 
one correct) 
(1) IE and EA are defined at absolute zero temperature. At 
any other temperature, heat capacities for the reactants 
and products have to be taken into account. 


(2) The ionisation enthalpy (A ,H°) and IE are related to 
each other by the equation. 


AH(ionisation enthalpy) = [IE (ionisation energy 


+ŽRT] 
2 


(3) The electron gain enthalpy (Ap H9) and EA are related 
to each other by the equation: 


A, .H* (electron gain enthalpy) = [(—EA (electron affinity 


> RT] 
2 


(4) The value of C, (heat capacity at constant pressure and 


, 3 
C, (heat capacity at constant volume) are ZR and 


5 
zÈ respectively) 


Matrix Match Type iii 


1. Match the following statements with law and their 
discoverer. 


Balt Tae ee A 
K |}... | Discoverer. | 
s A C E AE 


ays 
aoe EAE Karsh 


(i) | Law of | (p) | de Chancour 
triads 

(ii) | Telluric | (q) | Dobereiner 
screw 
Pe 


Middle element of 
each of triads had 
an atomic weight 
half way between 
fhe atomic weights 
| of the other two. 


Arrangement of 


known elements in 
order of increasing 
atomic weights in a 
cylindrical table of 
elements to display 
the periodic recur- 

rence of properties. 


Arrangement of the | (iii) | Law of 
lighter elements in octaves 
increasing order of 
their atomic weights 
| and noted that every 
eighth element had 
Properties similar to 
the first element. 


or 
Helix 
law 
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2. Match the items given in Column I with that in the 
Column II. 


6th period element 


Highest spin magnetic 
moment 


Symmetrical distribution of 
electron density 

Period number is double 
than group number 

Period number and group 
number are same. 


3. Match the items given in Column I with that in the 
Column II. 


/ Al 
j \ 
Vi. ANg sos) 


3rd group element 


Last electron does not enter to 
valence shell 
Reactive non metal 


Diamagnetic 


4. Match the items given in Column I with that in the 
Column II. 


-Column I 


Kiectronic configu 


Inner-transition 
element 


d-block element 


[Xe] 4ft SÊ 6s 
[ 


2 
Xe] 4ft 5d"? 65° 6p® 78° 
[Rn] 5/4 6d! 75° 
[Xela sd T6 
[Tt boken 


5. Match the items given in Column I with that in the 
Column II. 


KÊ > Na® > Li® 
Al" > Mg*" > Na? 


F°> Cl?> Bre > 1° 


Hydration energy 
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With that in 


Column II. Column II. 


Tn We 
Column I 


Column II 


Alfred—Rochow 
scale 


_ XMulliken 
Xpauling a 


Mulliken scale 


y=28 


i Pauling scale 


7. Match the items given in Column I with that in the 
Column II. 


a | Covalent radius | 


Column II. 


DER 


og a BNR 


el 
olecule 


KAE 


D Diatomi 
b- | Crystal radius |q. | Halogens 
[e | Leonard radius [r | Metals 


van der Waals 
radius 


8. Match the items given in Column I with that in the High electronegativity 
Column II. and low polarisability 


Column II. 


Low electronegativety 


Sos RE 


|p. Oxidising nature 
EP e-o>s 


ei Metallic character 
d. | OutofB, C Al and SiC have 


and high polarisability 
Small size with high 
positive oxidation state 


Large size with zero or Hard acids 
low positive oxidation 
state 


|s. | Non-metallic 


2. Match the items given in Column I with that in Column II and III. 


per 


AN eepe erne 
AEAEE ANN eh aaan A a GANIE E AN K 
| um j 
A AAN ANAA 


b. | ii K, Ar; Co, Ni a Li,Na; Be, Mg 
e. | Lother Meyer graph shows a relation between iii. | Be, Al; B, Si n Zn, Cd; Hg, Uub 
d. | Typical elements | renee HY | By AMC S ae | Tee haat 

In second group, Mg acts as a bridge element. The properties |v | Ca, Sr; Ba, Ra Atomic volumes 

of bridge element are somewhat mixed properties of elements 

of two sub groups as Mg shows similarities with them 


d 


' . ` l e 7 8 . . » 
6. Match the items given in Column I with that in the 9. Match the items given in Column I with ca 


\ 


10. Match the items given in Column I With that i 


11. Match the items given in Column I with that in ų 


th, 


L. 
It 


g 


3, Match the items given i i - 
1 BA given in Column I with that in Column II 


i fà i 


sre Le sy 
3 


Liquid metal 


Liquid 
non-metal 
mercury | [Dimon fe 
i ee 
Amalgam | 


l 


Carbon Alkali metals oinage metal 
vi. | Noble metal Amalgam 


vii. | Transition Hardest substance 
metals 
Numerical Value Type ill 


1. Among the following oxides how many of them are 


V. 


suboxides? 

a. C;0, b. N,O 
c. NO, d. CO 

e. Fe,0, f. KO, 


2, The number of factors that influence the IE are 
a. Size of the atom b. Charge on the nucleus 
c. Shielding effect d. The atomic mass 

3. The number of process(es) requiring the absorption of 
energy is/are 
sad 
c Fe — Fe” 


5.00" 
d. Ar—> Ar? 


. For an element (X) the successive ionisation energies, IE,, 
IE,,, IE}, IE, and IE, are 800, 2427, 3658, 25024 and 32824 
kJ mol! respectively, then what is the number of valence 
electrons present in the element? 

5. The diagonal relationship is shown by the elements upto 

how many groups only? 

The number of the following pairs contains € 


A 


lements with 


6. 
similar atomic radii 
a. Co, Ni b. Zn, Mo 
c. Rh, Ir d. Hf, Ti 


7. How many of the following energies are involved in the 


transformation of Na(s) ——> Na®(aq)? 

C 
a. IE b. Asup H 
c. A, H® d. Anya” 


diss. 


e. A H® 


w many of them are mixed, 


8. Among the following oxides ho 
oxides? 
a. H,O b. C,0, c. Fe,0, d. FeO; 
e. PbO, f£ PbO, g Co (AlO) h. Mn,0, 
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9, Number of species that are isoelectronic with Ar is. 


10. Among the following oxides, how many of them are 
amphoteric oxides? 


a. BLO, b. ALO, c. CaO d. ZnO 
e. Ga,O, f. SnO, g. PbO, h. BeO 
i. CuO j. Fe,O, 


11. Among the following elements how many of them are inner 
transition elements? 


a. Sg b. Bk c. Er d. Em 
e. Fe f. Pb g. Cr h. Ca 
i. Ar j. Zr k. Ce 
12. How many number of pairs of elements exhibit diagonal 
relationship. 


SrCO, and BaCO,, how many 


13. Among BeCO,, CaCO,, 
hermally more stable than 


number of these compounds are t 
MgCO,? 
14. On the basis of quantum number, which period of the 
periodic table should have 32 elements. 
What is the atomic number of the element present in the 
second period and group 15. 
A HE of hypothetical MX is -1 
— 600 kJ mol. The enthalpy of 
= — 100 x kJ mol’. 
Find the value of x. 
n for XY(s) is —0.8 x 10° kcal mol and 
lattice energy for XY(s) is 700 kcal mol’ and hydration 
energy for x°*(g) is —1000 kcal mol! and for Y°(g) is 


500 kcal mo!” (g) then the value of x is: 
18. Total number of representative elements in the given 


n 


15. 


50 kJ mol! and for MX, is 
disproportionation of MX is 


nN 


16. 


17. If heat of solutio 


elements are: 
Mo, Pd, Po, Cd, Nb, Ta, Te, Ra, Te, At, Pb, Tl 


19. Total number of elements which have only single oxidation 


state (other than zero) in their corresponding stable 
compounds. 
(1)B (2) Tl (3) Cs (4) F (5) Al 
(6) Zn (7) Ga (8) Pb (9) At (10) Fr 


20. How many pairs are, in which 2nd species has lower 
ionization energy than first species. 


(a) Be and B (b) P and S (c) O and S 
(d) Br and K (e)NandO (f Liand Li 
(g) Ba and Sr (h) IE, of C and IE, of B 

! ,0, + 3 


21. If value of spin quantum number(s) = -3 z 


Then number of groups in the new form of periodic table is: 


(If all other rules of electronic configuration are same) 

22. An element ‘A’ has its electronic configuration of K shell 
is (n - 5)5? and it has total number of electrons in its outer- 
most, penultimate and antipenultimate shell are 2, 8 and 23 
respectively, then total number of electrons in element ‘A’ in 


its ground state are: 


moo Archives ES | 
| 
ay 


JEE MAIN 


Single Correct Answer Type 


1. 


The set representing the correct order of ionic radius is 
(1) Li” > Be** > Na* > Mg?* 

(2) Na‘ > Li* > Mg% > Be? 

(3) Li** > Na* > Mg? > Be2* 


(4) Mg” > Be?” > Lit > Nat (AIEEE 2009) 


. The correct sequence which shows decreasing order of the 


ionic radii of the elements is 

(1) Al** > Mg?* > Nat > F> O% 
(2) Na’ > Mg” > AI > O?> F* 
(3) Nat > F > Mg > 0% > Al" 


(4) 02> F> Nat > Mg” > AI (AIEEE 2010) 


. The correct order of electron gain enthalpy with negative 


sign of F. CI, Br, and I, having atomic number 9, 17, 35, and 
53 respectively, is 


(1) I>Br>Cl>F (2)F>Cl>Br>I 
(3) CI>F>Br>I (4)Br>Cl>I>F 
(AIEEE 2011) 


. Which one of the following orders presents the correct 


sequence of the increasing basic nature of the given oxides? 
(1) ALO, < MgO < Na O < K,O 
(2) MgO < K,O < ALO, < NaO 
(3) Na O < K,O < MgO < ALO, 
(4) K,O < Na O < ALO, < MgO (AIEEE 2011) 
The increasing order of the ionic radii of the given 
isoelectronic species is 
(1) CI, Ca”, KŻ, S? 
Gr Kk crs” 


(2yS" Cl, Ca Y 
(4)K*, S*, Ca**, CI 
(AIEEE 2012) 


The first ionization potential of Na is 5.1 eV. The value of 


electron gain enthalpy of Na” will be 
(1) -2.55 eV (2)-5.1 eV 
(3) -10.2 eV (4)+2.55 eV 


(JEE Main 2013) 


EXERCISES 

Single Correct Answer Type 
1. (2) 2. (1) 3. (1) 4. (3) 5, (4) 
6. (4) 143) 8. (2) 9. (3) 10. (4) 


7. Which of the following represents the Correct o 
increasing first ionization enthalpy for Ca, Ba, dey 
8,9, 4 
Ar? Se Sal 
(1) Ca<S<Ba<Se<Ar (2)S<Se<Ca<p,_ 
(3) Ba < Ca < Se <S <Ar (4)Ca<Ba<S<Se<4, 
t 
(JEE Main 2 
8. The ionic radii (in A) of N”, O* and F are respecti 
y 
(1) 1.36, 1.40 and 1.71 (2) 1.36, 1.71 and 1.49 *t 


(3) 1.71, 1.40 and 1.36 (4) 1.71, 1.36 and 1.40 


(JEE Main thy 
9. Which of the following atoms has the highest first ; 
energy? (JEE Main i, 
(1) Se (2) Rb 
(3) Na (4)K 


10. In the following reactions, ZnO is respectively acting . 
a/an: ; 
(A)ZnO + NaO —> Na,ZnO, 

(B) ZnO + CO, —> ZnCO, 
(1) base and acid 
(3) acid and acid 


(2) base and base 
(4) acid and base 
(JEE Main 27° 
11. The group having isoelectronic species is: 
(1) 07, F, Na‘, Mg” (2)07, F, Na, Mg” 


(3) 0%, F, Na, Mg” (4)O-F, Na’, Mg” 
(JEE Main 20 


JEE ADVANCED 


Single Correct Answer Type 
1. Which of the following represent the correct order 
increasing IE, for Ca, Ba, S, Se and Ar? 
(1)S<Se<Ca<Ba<Ar (2) Ba < Ca < Se <S <Ar 
(3)Ca<Ba<S<Se<Ar (4) Ca <S < Ba < Se <A 
(JEE Advanced 200 


Multiple Correct Answers Type 
1. The option(s) with only amphoteric oxides is(are) , 
(1) Cr,0,, BeO, SnO, SnO, (2) Cr,O;, CrO, SnO. Pe 
(3) NO, B,O,, PbO, SnO, (4) ZnO, Al,O,, PbO. PE ; 
(JEE Advanced 2" 


1.3) 124) Bd 146) Be 
16(1) 17.8) Bo 19.) 2 
21.(4) 220) 28B.) 244) ” 
26.(1) 2.4) 28.6) 29.01) 3 


40. (1, 2, 3, 4) 


43. (2, 3) 


46. (1,2, 3,4) 
49. (1,2, 4) 
52. (1,2, 3) 


33. (4) 
38. (4) 
43. (3) 
48. (3) 
53. (3) 
58. (2) 
63. (2) 
68. (4) 
73. (4) 
78. (3) 
83. (3) 
88. (3) 
93. (3) 
98. (2) 

103. (4) 

108. (3) 

113. (3) 

118. (2) 

123. (4) 

128. (1) 

133. (3) 

138. (4) 

143. (4) 

148. (1) 

153. (3) 

158. (1) 

163. (3) 

168. (2) 

173. (4) 

178. (3) 


. (1, 2, 3, 4) 
s (1,2) 

. (1, 2, 3, 4) 
. (1,2, 3,4) 
. (3, 4) 

< (1,3) 

s (39 

. (1,2,4) 
. (1,2,3) 
. (1,2,3) 
. (1,3,4) 
. (1,2) 

. (1,3,4) 
. (1,2,3,4) 
. (1,3,4) 

. (1,2) 

. (1,3) 

. (1,4) 


31.3) 3201) 
36.(2) 37.0) 
41. (4) 42. (1) 
46. (1) 47. (3) 
51. (1) 52. (4) 
56. (4) 57. (3) 
61. (2) 62. (4) 
66. (3) 67. (1) 
71. (2) 72. (3) 
76. (2) 77. (4) 
81. (3) 82. (2) 
86. (4) 87. (4) 
91. (1) 92. (4) 
96. (1) 97. (3) 

101. (1) 102. (1) 

106. (3) 107. (2) 

111.8) 112. (1) 

116.(1) 117.8) 

| 121.2)  122.(1) 

126.(1) 127. (1) 

131. (4) 132. (2) 

136. (4) 137. (2) 

141. (2) 142. (3) 

146. (2) 147. (1) 

151.(1) 152. (1) 

156. (2) 157. (4) 

161.3) 162. (1) 

166. (3) 167. (3) 

171. (2) 172. (3) 

176.(3) 177. (1) 

181. (2) 

Multiple Correct Answers Type 
1. (2,3,4) 
4. (3,4) 
7. (1,3,4) 

10. (1,2,4) 

13. (1,4) 

16. (1,4) 

19. (1, 2) 

22. (1,2, 3) 

25. (1, 2, 3) 

28. (1, 2, 4) 

31. (1,3) 

34. (1, 3) 

31. (1,2,3) 


34. (2) 
39. (2) 
44. (1) 
49. (4) 
54. (4) 
59. (2) 
64. (2) 
69. (2) 
74. (4) 
79. (4) 
84. (1) 
89. (1) 
94. (1) 
99, (2) 

104. (2) 

109. (1) 

114. (4) 

119. (2) 

124. (4) 

129. (1) 

134. (1) 

139. (1) 

144. (2) 

149. (4) 

154. (1) 

159. (1) 

164. (1) 

169. (3) 

174. (3) 

179. (4) 


3. 

6. 

9. 
12. 
15. 
18. 
21. 
24. 
27. 
30. 
33. 
36. 
39. 
42. 
45. 
48. 
5]. 
54. 


Ee ee 


(3, 4) 
(1, 2, 4) 
(l3) 
(1,2,3) 
(1,2,3) 
(2, 3) 
(1, 2, 3) 
(1,3) 
(1,2,3) 
(2,3) 
(1,2,3) 
(2,3,4) 
(2,4) 
(1,2) 
(2,9) 
(1,2) 
(1, 2,4) 
(1, 2, 3) 
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55. (2, 3, 4) 56. (1, 2, 3) 57. (1, 4) 
58. (1, 3, 4) 59. (2, 3, 4) 60. (2, 3, 4) 
61. (2, 4) 62. (1, 2, 3) 63. (1,2) 
64. (1, 2, 3) 65. (1,2,3) 66. (2,3,4) 
Linked Comprehension Type 
1. (4) 2. (2) 3. (3) 4, (3) 5. (2) 
6. (4) 7. (4) 8. (1) 9, (3) 10. (2) 
11. (4) 12. (4) 13. (2) 14. (2) 15. (3) 
16. (1) 17. (2) 18. (1) 19. (1, 2, 3, 4) 
20. (1, 2, 3) 21. (3) 22. (2) 23. (2,3,4) 
24. (3) 25. (1, 2, 3) 
Matrix Match Type 


- 
© |p |E: 
— [me [a 
D 
2 
= 


= s 
~” 
Q 
ry 
(na 


$ 


~ 


n 
= adh Be Z 
= 
i -PEF 


n 


Numerical Value Type 


1. (2) 2. (3) 3. (2) 4. (3) 
6. (1) 7. (3) 8. (4) 9. (5) 
11. (4) 12. (3) 13. (1) 14. (6) 
16. (3) 17. (1) 18. (6) 19. (6) 
21. (27) 22. (5) 
ARCHIVES 
JEE Main 
Single Correct Answer Type 
1. (2) 2. (4) 3. (3) 4. (1) 
6. (2) 7. (3) 8. (3) 9. (1) 
11. (1) 
JEE Advanced 


Single Correct Answer Type 


1. (2) 
Multiple Correct Answers Type 
I. (1, 4) 


= 
va 


5. (3) 


10. (4) 


l. 


tv 


KĶössel was the first to give the mechanism of the formation 
of electropositive and electronegative ions and related the 
process to the attainment of noble gas configurations by 


the respective ions. Electrostatic attraction between ions - 


is the cause for their stability. This gives the concept of 
electrovalency. 


Lewis was the first to give the description of covalent 


bonding in terms of the sharing of electron pairs between 
atoms and related the process to the attainment of noble 
gas configurations by reacting atoms as a result of sharing 
of electrons. The Lewis dot symbols show the number of 
valence electrons of the atoms of a given element and the 
Lewis dot structures show the pictorial representations of 
bonding in molecules. 


. a. The bond formed as a result of the electrostatic 


attraction between the +ve and —ve ions was termed as 
electrovalent or ionic bond. The electrovalence is equal 
to the number of unit charge(s) on the ion. 


b. Anionic compound is a three-dimensional aggregation 
of the +ve and —ve ions in an ordered arrangement called 
the crystal lattice, which is stabilised by enthalpy of 
lattice formation. 

c. Tonic bonds are formed easily if: 

i. The atoms forming the cation have low IE. 


ii. The atoms forming the anion have high AHS (i.e. 
electron gain enthalpy) or EA. 

iii. High (-ve) lattice enthalpy (A, H9) of the ionic 
crystal formed. 


d. Thus, A, H® « Magnitude of charge i.e. high charge of 


Cation and anion. 


x Small cation and large anion. 


è. An ionic bond is formed if: 
i TE+A.H° ~AyH® <0 
Net effect is the 
(OR) 
. 5 release of energy 
Is AyH? +BA (or A” ys1E 
E 


Characteristics of ionic compounds: 
i. Crystalline in nature. 
u. High melting and boiling points. 


i ~~ 


- a 


iii. Soluble in polar solvents. 
iv. Furnish ions in Solutions. 
y. 


Ionic bond is non-rigid and non-directional and 
thus these compounds do not 


show space or stereo- 
isomerism. 


vi. Show isomorphism properties. 


Gilbert N. Lewis proposed the idea of covalent bond. 
An association through sharing of electron pairs 


among atoms of different or of same kind is known as 
covalent bond. : 


While a single covalent bond is formed by sharing of 
an electron pair between two atoms, multiple bonds 
result from the sharing of two or three electron pairs. 
Some bonded atoms have additional pairs of electrons 
which are not involved in bonding. These are called 
lone pairs of electrons. A Lewis dot structure shows the 
arrangement of bonded pairs and lone pairs around each 
atom in a molecule. Important parameters, associated 
with chemical bonds, such as bond length, bond angle, 
bond enthalpy, bond order and bond polarity have 
significant effect on the properties of compounds. 
Characteristics of covalent compounds: 


i. Generally, they exist as liquid or gases of low boiling 
points under the normal conditions of temperature 
and pressure. 

ii. Have relatively low melting and boiling points. 
(Exception: Diamond, SiC, SiO,, which have giant 
three-dimensional structures.) 

iii. Generally, they have three types of crystal structures: 

e The crystal structures in which molecules are held 
by van der Waals forces, e.g. Ss, I, and P,O, etc. 

e The crystal structures in which the crystals having 
separated lattice layers, e.g. graphite. 

e The crystal structures in which the crystals form 
giant molecules e.g. SiC and AIN. 

iv. Generally, they are insoluble in polar solvents 
(Exception: Alcohols and amines dissolve in water 
due to H-bonding.) 

v. Generally, they are bad conductors of electricity. 
(Exception: Graphite.) 


Y 


2.2 Inorganic Chemistry 
vi. The covalent bonds are directional and rigid. Thus, 
they can show structural and space isomerism. 
vii. They show molecular reactions. 
5. Coordinate or dative bond: Perkins postulated the idea of 
coordinate bond formation in which lone pairs used for 


9. The valence shell electron pair repulsion (VSEPR) thean, 


The VSEPR model used for predicting the geometri ‘| 
shapes of molecules is based on the assumption that elect, 

pairs (/p) repel each other and, therefore, tend to remaj j 
far apart as possible. According to this model, the molecy $ 
geometry is determined by repulsions between lone ,..” 
and lone pairs; lone pairs and bonding pairs and bon 
pairs and bonding pairs. The order of these repulsiong bein 
: Ip—lp > Ip—bp > bp—bp. 8 


sharing are donated by one of the combining atoms, e.g. in 
3 ' > NË : 
the formation of NH4 ion, O, and H,O, molecule. 


The properties of coordinate compounds are intermediate 


between the properties of electrovalent and covalent 10. Valence bond theory (VBT): VBT was introduced } 
compounds. Heitler and London and developed further by Pauling a 
Slater. 


6. Formal charge: 


Formal charge The valence bond (VB) approach to covalent bonding jg 

(FC)onan No.of No.of] 1 No.of basically panies me se a of covalent bond 

atom ina Lewis || valencee~’s | pens “3| bondinge s formatna angu which t e ewis and VSEPR models are 
silent. Basically, the VBT discusses bond formation in te 

structure TMs 


of overlap of orbitals. For example, the formation of the 
7. Resonance structures: A number of molecules and 


polyatomic ions cannot be described accurately by a 

single Lewis structure and a number of descriptions 

(representations) based on the same skeletal structure are 
written and these taken together represent the molecule or 
ion. This is a very important and extremely useful concept 
called'resonance. The contributing structure or canonical 
forms taken together constitute the resonance hybrid which 
represents the molecule or ion. Some examples of resonance 
are explained in Section. 2.15 


8. a. Dipole moment (u): It is the vector sum of all the 


individual bond moments. Mathematically, uy = q x d, 
where q is the magnitude of partial charges and d is the 
distance between the centres of opposite charge. 

If g is of the order of 1 01° esu and dis the order of 107'° 
cm (1 A) then p is of the order of 10`}? x 10° = 1078 
esu cm. 
This quantity is known as one Debye (D). 

1D = 107% esu cm 

If g is in coulomb and d is in metre (m), then p is 
expressed in coulomb metre (C.m) 


11. 


molecule from two hydrogen atoms involves the overlap of 
the 1s orbitals of the two H atoms which are singly occupied, 
It was found that the potential energy of the system gets 
lowered as the two H atoms come near to each other. At the 
equilibrium internuclear distance (bond distance) the energy 
touches a minimum. Any attempt to bring the nuclei still 
closer results in a sudden increase in energy and consequent 
destabilisation of the molecule. Because of orbital overlap 
the electron density between the nuclei increases which helps 
in bringing them closer. However, the actual bond enthalpy 
and bond length values are not obtained by overlap alone 
and other variables have to be taken into account. 

a. Overlapping of atomic orbitals (AO’s): When two 
atoms come close to each other, there is overlapping of 
AOQ’s. The overlap may be +ve; —ve or zero depending 
upon the properties of overlapping of AO’s. 


b. Types of overlapping and nature of covalent 
bonds: The covalent bond may be classified into ew 
types depending upon the types of overlapping, | 
(i) sigma (o) bond and (ii) pi (7) bond. 


In SI units: i. Sigma bond: It is formed by the end to end aan 
1 esu = 1.602 x 10°'? C/4.803 x 107"? of bonding orbitals along the internuclear axis. ; 
= 3,335 x 10°C can by formed by any one of the following types" 


and 1 Cm = 10° m 

<. 1D = 107!" esu Cm ~ (3.335 x 10°19 C) x (10°? m) = 
3.335 x 10” Cm 

Application of dipole moment: 

i. In determining the polarity of bonds. 
ii. In calculation of percentage ionic character. 


Hobserved 


% ionic character = x 100 


calculated 


iii. In determining the shape of molecules. 
iv. Distinction between cis and trans isomers. 
v. Distinction between o, m- and p-isomers. 


combinations of AO’s 
e s-s overlapping 
e s-p overlapping 


e p-p overlapping 


ii. pi (r) bond: It is formed by the sidewise overlap" | 
of bonding orbitals. n bond between two aior A | 
formed in addition to a o-bond. It is always pres 
in the molecules containing multiple bond. 


c. Strength of c- and x-bond: In case of o-bon® | 


. A r ex ¢ 
overlapping of orbitals takes place to 4 oroit 


whereas in case of n-bond, the overlapping 
occurs to a smaller extent. 


12. 


Note: 


Hence the strength of o-bond is greater than the strength 


of n-bond. 
Hyb ridisation of AO’s: The process of mixing of AO’s 
belonging to the same atom of slightly different energies 
so that a redistribution of energy takes place between 
them resulting in the formation of new set of orbitals of 
equivalent energies and shape is called Hybridisation. 
Pauling and Slater introdeced the idea of hybridisation 
in order to explain the characteristics of geometrical 
shapes of polyatomic molecules such as CH + NH, and 
H,O. 
p. Types of hybridisation 

jį. Involving s and p AO’s: 


a. 


e Diagonal or linear or sp hybridisation. 

e Trigonal or planar or sp” hybridisation. 

e Tetrahedral or sp” hybridisation. 
sp, sp?, sp? hybridisation of AO’s of Be, B, C, 
N, and O are used to explain the formation and 
geometrical shapes of molecules such as BeC] y 
BCl,, CH,, NH, and H,O. They also explain the 
formation of multiple bonds in molecules such as 
C,H, (ethene) and C,H, (ethyne). 

ii. Involving s, p and dAO’s: The energies of 3d orbitals 
are comparable to the energies of the 3s and 3p 
orbitals and also to those of 4s and Ap orbitals. As a 
consequence, the hybridisation involving either 3s, 
3p and 3d or 3d, 4s and 4p is possible. However, 
since the difference in energies of 3p and 4s orbitals 
is significant, no hybridisation involving 3p, 3d and 
4s orbitals is possible. 

The possible hybridisation involving d-orbitals are 
as follows: 

© dsp? e spd or dsp" 

° spd or dsp? e sp @ or Psp? 

© spd or dsp? e dsp’. 


i Summary of hybridisation, geometry and shapes of 
various molecules are given in Section 2.21.12. 

ii Some rules for predicting hybridisation and shapes of 
molecules/ions, refer to Section 2.21.9. 


13. Hydrogen bond: H-bond is formed when an H-atom is in 
between two highly EN, and small atoms such as O, F and 
N. There are two types of H-bonds. 


Intermolecular H-bonding: It exists between two or 
more molecules of the same or different substances, e.g. 
HF, H,O, ROH (same molecule), and water and alcohol, 
ammonia and water (different compounds), etc. 

For the consequence of intermolecular H-bonding, refer 
to Section 2.23.11. 

i. Such compounds show abnormally high m.pt. and 

b.pt. e.g. 


iii. Such compounds show 
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> AsH, > PH, 


ii. Such compounds are soluble in H,O, e.g. lower 


alcohols and NH, are soluble in H,O. | 
high viscosity and high 


surface tension. 

iv. They are less volatile. . 
Intramolecular H-bonding: This type of H-bonding 
occurs when polar H and EN atom are present in the 
same molecule. | 
Consequence of intramolecular H-bonding: This 
type of H-bonding decreases m.pt. and b.pt. and 
as well as their solubility in H,O. For example, 
o-chlorophenol, o-nitrophenol and other o-derivatives 
show low m.pt. and b.pt. as compared to their m-or 
p-isomers. Similarly, o-nitrophenol and o-hydroxy 
benzaldehyde as soluble in hot water whereas their m- 
or p-isomers are soluble in cold water. 


14. Molecular orbital theory (MOT): 


VBT does not explain the following: 
i. The formation of chemical bond of molecules. 
li. The relative bond strength. 
iii. The magnetic and optical characteristics (i.e. colour) 
of molecules in visible light. 


The above limitations of VBT were overcome by 


fae developed by F. Hund and R.S. Mulliken in 
32. 


b. The salient features of this theory are as follows: 


i. The AO’s of comparable energies and 
symmetry combine. They lose their i 
MO’s. 

For example, ls can combine with 1s and with 2s 
Similarly, s orbital can combine with Pp. but not with 


) 5. ne t 
x mn not 


proper 
dentity to form 


iii. 


M.O). The bonding M.O’s 
6 etc. while the correspondi 
represented by o*, 1*, §* etc. 
iv. The bonding MO has lower e 


an ner 
stability than the correspondi gy and has greater 


ng antibonding MO. 
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ve Like AO’s, MO's are filled in accordance with 
Autbau rule obeying the Pauli’s exclusion principle 
and Hund’s rule, 

vi. According to the principle of linear combination 
of atomic orbitals (LCAQ), when two waves are in 
phase, they add up. When two are out of phase, they 
are subtracted trom each other. 

The MO (a) tormed by the additive effect of the AO’s 
is called bonding MO and formed by the subtractive 
effect of the two AO’s is called antibonding MO. 

Vii, The electron density in a bonding MO is located 

between the nuclei of the bonded atoms while in 

antibonding MO is located away from the space 
between the nuclei. 

c. Energy level diagram for MO’s: 1s AO’s on two atoms 
fom two MO’s (o Ls and o* Is). In the same manner, 

the 2s and 2p AO’s (8 AO’s on 2 atoms) give rise to the 
following 8 MO's. 


* XA oo ADS 
Antibonding MO’ ©*2s "2p T*2Po 
Bonding MO`s 

i. The increasing order of energies of various MO’s for 

atoms with atomic number (Z) <7 e.g. H,, C,, N,. 

OR 

For species with total number of electrons < 14, e.g. 

CN. HF. 

ō is < o* ls < o 2s < o* 2s < (t 2p, = n2p,) 

< 6 2p_<(x* 2p. =n* 2p) <o* 27... 


G2s,. -o2p, 7 2p,; on 2p, 


ba S- 


ii. The increasing order of energies of various MO’s 
for atoms with atomic number (Z)>7 e.g. O, F, 
OR 
For species with total number of electrons > 14, e.g. 
NO. 
S Is<o* Is<o2s<o*2s<6 2p, <(n2p, = m2p,,) 
<2" 2p. En" 2p;> < o*2p.. 
iii. Bond order: It is one-half the difference between 
the number of electrons present in the bonding and 
the antibonding orbital, i.e. 


] 
Bond order (BO) = 5 (N,- N) 


Bond order may be fractional. 


Integral and even zero. 


BO ~v AgpH 
and 
BO ~v | 


Bond length 


iv. Magnetic nature: If all the MO’s in a molecule are 
paired, the substance js diamagnetic. However, if 
one or more MO’s are unpaired, it is paramagnetic 
e.g. O, molecule. 


The magnetic moment (umm) is calculated as 


Hym = V” (n + 2) BM (Bohr magneton) 


where n is the number of unpaired electrons. 


d. 


c. 


> | 


Bonding and their characteristics in some homon, | 
diatomic molecules/ions are explained jp Seq | 
2.24.10. Igy 
Bonding and their characteristics in some heterony, 

diatomic molecules/ions are explained in T 


2.24.13. “h 


Points to remember: 


a. 


b. 


k. 


m. 


More is the number of bonds between two atoms 
shorter is the bond length. 

FeCl, is less covalent than joie’ because Polaris 
power of Fe?" is less than that of Fe" ion having small, 
size and high oxidation state. t 
The solubility of aluminium halides decreases fro 

AIF, to All, due to increase in the covalent char 
in accordance with Fajan’s rule. 

The dipole moment helps to predict whether a Mole 
is polar or non-polar. 

A molecule may contain polar covalent bonds bu 

its dipole moment may be zero if it is a Symmetric 

molecule. 

The dipole moment helps to predict geometry os 
molecules. 

Dipole moment values can be used to distinguish 
between the cis and trans isomers, usually cis isomer 
have higher dipole moment and are more polar than the 
trans isomers. 

The dipole moment of CO molecule is greater than 
expected due to the presence of coordinate bond. 


t 


aCte, 


Cul 


Among the ortho-, meta- and para-isomers, dipole 
moment is the greatest for ortho-isomer and zero for 
para-isomer (same substituents). In general, dipole 
moment of o> m >p. | 


The dipole moments of p-dimethoxy benzene and 
1, 4-dihydroxy benzene (ice. quinol) are not zero 
(u # O), because of their structures shown as: 


H,C 
N O < 


Ne ee 
O Om 
The maximum covalency is equal to the number 0! 
electrons present in the s and p-orbitals of the valen 
shell in the ground state. 
The maximum number of covalent bonds formed 


between two atoms is never greater than three. 


H-atom always forms only one o-bond in the covale"! 
compound. . 


A ‘t-bond’ is never formed alone. It is formed a10% 
with a ‘©’ bond. 
ses . sn the 
The apihty of the hybrid orbitals to overlap is 18 j 
l 2 : . 
order: sp” > sp? > SP, 1.© greater is the p-char 
greater is the ability to overtar 


actel | 
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Decreasing order of the energy of abie Se mical Bonding and Molecular Structure 2.5 
). 

i p> xp > sp? > sp > s [Greater is the p- 


q.» 


m 


character, 
greater is the energy of orbitals. ] 
Decreasing once of bond aes of orbitals: 
sp (180°) > sp? (120°) > sp? (109.5%) [Greater is the 0% 
of s-character greater is the bond angle.] 
Decreasing order of the Strengths of bonds formed by! 
overlap of atomic orbitals: 


s-s>s8-—p>p—p([More is the Over] 
strength of bond formed. ] 


ap, More is the 
SF, has a see-saw structure. 


t. 


W. 


Valence bond theory fails to explain the paramagnetic 
behaviour of substances and geometry of non-linear 
molecules. 

Though bond order of H’ and H, © is same A e. 72), 
H, © is slightly less stable i ls A becuse HS has one 
estron in the antibonding orbital resulting in aiio 
(decrease instability). 

Order of stability and bond dissociation energies are 
0,°>0,>0,°>0,> and N,>N,°=N,°> N 
The polarisability of the noble gases such as He, Ne, Ar, 
Kr and Xe increases in the order He < Ne < Ar < Kr < 


Xe. Xenon is the most polarisble because the molecular 
mass also increases in the same order 
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24 MODES OF CHEMICAL 


‘The electrons serve as the bonds of union between atoms’. In this COMBIN JATI ON 


b a hggie ref] S SUC S; 
chapter, we seek the answers to some of the basic questions such a 


The arrangement of electrons in noble gases is the Cite 
sas ' ~ ` i ) | 

stability, i.e. fully filled sub-shell (ns np’). The atoms of g 

elements are in a state of great stability and hence do ep 


I. Why do atoms of the same elements or different elements 
combine to form compound? For example, hydrogen exists 


, ; j 0r 

is H and notas H.. compounds and in general are chemically inert. h 
ak ` l , l t ia tha valance e ns that determine 

2. Why do some atoms combine while certain others do not, So, it is the na alas d. a definite a : Mic, 

= à ` i i i . in a compound, er l 

e.g. two H-atoms combine to form H, but He-atoms do not behaviour of on atom p di of va Sey 

ia orm He.? ` electrons are involved in the bonding process, The chem 

ine to form He." f C 

E alpiist association among atoms can be achieved by many ways dena, 


3. What are the forces which hold atoms together in molecules 


. . Iny 
upon the number of valence electrons contained in the atoms, The. 
in different arrangements? 


major types of chemical bonding are as follows: 6 
4. Why particular shapes are adopted by molecules e.g. CO, 


is linear but H,O is a bent (V-shaped) molecule? Similarly, 2. Covalent bonding: Stability through mutual sha 
BCI, is planar but NH, is pyramidal. electrons. 


1. Ionic bonding: Stability through transfer of electrons 


Ting if 


aN 


icular arran ions in ioni d , ee 
Biia a oe Pity o one int ionie eoimpodhdi 3. Coordinate bonding: Stability through partial trans 
are preferred? 


fer any 
partial sharing of electrons. 


The answers to the above questions have been given by 
different theories/concepts from time to time. These are as 


2.5 KOSSEL-LEWIS APPROACH TO 
eee. approach. CHEMI CAL BONDING 


b. Octet rule Various attempts were made to explain the formation of chemicy 
c. Formal charge bonds in terms of electrons but it was only in 1916 when Kasse 
d. Bond angle and bond order and Lewis succeeded independently in giving a satisfactory 
e. Different types of chemical bond, e.g. ionic, covalent explanation. They were the first to give logical explanation «; 


and coordinate valence which was based on the inertness of noble gases, 
Dipole moment 

Valence bond theory ( VBT) 

Valence shell electron pair repulsion (VSEPR) theory 


f. Lewis pictured the atom in terms of (i) a positively charged 
g. 

h. 

i Molecular orbital theory 

j 

k 

L 


‘Kernel’ (the nucleus plus the inner electrons) and (ii) the outer 
shell that could accommodate a maximum of eight electrons. H 
further assumed that these eight electrons occupy the comers of 


Hybridisation a cube which surround the ‘Kernel’. 


Resonance Thus the single outer shell of Na (sodium) would occupy one 


corner of the cube, while in the case of a noble gas all the eight 
corners would be occupied. Thus. octet of electrons is said to have 

2.2 MOLECULES 

Soe EMEP ULED 


stable electronic arrangement. 


Hydrogen bonding 


A group of atoms existing together as one species having Lewis postulated that atoms achieve the stable state octet whet 
characteristic properties is called a molecule e.g., O,, H,, N 


v No, they are linked by chemical bonds. For example, | 
( ; ; " 
H,O, P; S, I. Na and Cl achieve stable state octet by transfer ofan electron 


Chemical bond: The attractive force whi from Na to CI, there by giving Na“ and CIÊ ions. 


ch holds various 


constituents ( ‘ane fons etc.) together in different chemical 2. In case of other molecules such as Cl,, H, and F, etc., the 
Species 1s called a chemical force or a valence f >. The it Of electr l 
4 ii gail : valence force. T he bond is formed by sharing a pair of electrons between thè 
association between atoms in 4 molecule is by valence forces is atoms. In this pr le outer octe! 
called a chemical bond a oms, n tis process, each atom attains a stable ou 
of electrons, 

Kee ee 2.5.1 LEWIS SYMBOLS | 
Kössel and Lewis in 1916 developed an important theory of trons | 
chemical combination between atoms known as electronic theory in the formation of a mateca, omy Miconia shellak ¢ | 
of chemical bonding. According to this, atoms can combine either lake part in chemical Combination and they are known as vale | 

o: ft 
by transfer of valence electrons from one atom to another (gaining electrons. The inner shell electrons are well protected and 4 
or losing) or by sharing of valence electrons in order to have 


. . . . is 
ing) o an generally not involved in the combination process. G.N. Lew 
octet in their valence shel]. This is known as octet rule. 


an American chemist introduced sin 


i al 
aple notations to repres? 


wall 


ns in an atom. These notations are called Lewis 
ctro 


valence ele example, the Lewis symbols for the elements of the 
r €? i 


i T: 
econd period are as unde 
sët 


2.5.2 SIGNIFICANCE OF LEWIS SYMBOLS 


umber of dots around the symbol represents the number 
a nce electrons. This number of valence electron helps to 
of oA the common of group valence of the element (Table 
r group valence of the elements is generally either equal 
a Je number of dots in Lewis symbols (if these are <4) or 8 
minus the number of dots or the valence electrons (if these are >4), 


Table 2.1 The valencies of the elements of the 2nd period: 


the no. of dots. 


2.5.3 VARIABLE COVALENCY 


The elements of the 2nd period as shown in Table 2.1 does not 
have d-orbitals in their valence shell. However, the elements having 
vacant d-orbitals in their valence shell such as P, S, Cl, Br and I 
show variable covalency by increasing the number of unpaired 
electrons under the excited conditions, i.e. unpairing the paired . 
and shifting the electrons to vacant d-orbitals. 


Such a shifting is not possible in case of elements of the Ist 


and 2nd periods (e.g. H, Be, N, O and F) because of the absence 
of d-orbitals in their valence shell. 


Some examples of variable covalency are as follows: 
1. Phosphorous (P) shows 3 and 5 covalencies. 

2. Sulphur atom (S) shows 2, 4 and 6 covalencies: 
3. Chlorine shows variable valency of 1, 3,5, 7. 


Thus variable covalency is shown by those elements 
which have vacant, d-orbitals in their valence shell. 


4. Fe forms Fe” and Fe” ions: Fe (Z = 26), 3d 45° 
Fe** = 3¢ (unstable core) 
Fe** = 34° (stable half-filled d-orbitals) 
The most stable ion forms stable configuration after the loss 


of valence electrons. 


Th 2+ ; 
salts. 
us, Fe?* salts are more stable than Fe 


> stable . 
5. Cu forms Cu® and Cu?” ions and Cu?” salts are more sta 


10 4,1l 
than Cu*! ions. Cu (Z = 29), 3d 4s 
Ci" =3¢" (stable configuration) 
Cu* = 3d (more stable configuration) 
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B- . 
The greater stability of Cu?” than Cu” ion is due to the 
fact that the nuclear charge of Cu is not sufficient PA 
to hold 18 e”’s of Cu® ion present in the outermost shell. 


6. Similarly, the lower oxidation state of heavier p-block 
elements is more than higher oxidation state, due to inert 
pair effect as explained in Chapter 1. 

Examples: 

TI® is more stable than TI". . 
Sn’* and Pb?* are more stable than Sn** and Pb”. 
Sb** and Bi?* are more stable than Sb” and Bi”. 


2.6 IONIC OR ELECTROVALENT BOND 


The following is a list of Késsel’s postulation: 
1. In the periodic table, the highly electronegative halogens 


and the highly electropositive alkali metals are separated 
by the noble gases. 


. The formation of a negative ion from a halogen atom and 
a positive ion from an alkali metal atom is associated with 
the gain and loss of an electron by the respective atoms. 

- The negative and positive ions thus formed attain stable 
noble gas electronic configurations. The noble gases (with 
the exception of helium which has a duplet of electrons) 
have a particularly stable outer shell configuration of eight 
(octet) electrons, ns-np’. 

- The negative and positive ions are stabilised by electrostatic 
attraction. 

Examples: 


a. Similarly, the formation of CaF > May be shown as: 


Ca™ —_ Ca?* +2e 
[Ar] 4s” [Ar] 
:F: + e® = FO 
[He] 2s” 2p° [He] 2s 2p° or [Ne] 
Ca*+2F° 5 CaF, or Ca**(F°), 
OR 
ee [SE ] 
Ca —> [Ca] + 
~> Ë 2,8,8) ËF | 
(2,8,8,2) ° (2,8, 4 


b. Formation of potassium phosphide (K,P): 


KN pe 
K —>:P: —> [k"| kP] or K,P 


x 


(2,8,8,1) (2,8,5) (2,8,8) (2,8,8) 

The bond formed, as a result of the electrostatic 
attraction between the positive and negative ions was 
termed as the electrovalent bond. The electrovalence is 
thus equal to the number of unit charge(s) on the ion. 
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Thus, calcium is assigned a positive electrovalence of 
two, while chlorine a negative electrovalence of one. 
K6ssel’s postulations provide the basis for the modern 
concepts regarding ion-formation by transfer and the 
formation of ionic crystalline compounds. His views 
have proved to be of great value in the understanding 
and systematisation of the ionic compounds. At the same 
time, he did recognise the fact that a large number of 
compounds did not fit into these concepts. 


2.6.1 FAVOURABLE CONDITIONS FOR THE 
FORMATION OF IONIC BONDS 

1. Low ionisation energy (IE) of the atom forming the cation 

easily. 

2. High electron gain enthalpy (AH) or electron affinity 

(EA) of the atom forming the anion easily. 

3. High negative lattice enthalpy (á H" ) of the crystal formed. 
| Note: i. Lattice enthalpy o magnitude of charge of cation and 
ies anion. 

ii. A,H® oc small cation and œ large anion. 
Examples: 
a. The lattice energy of Mg?" cL"? is greater than that 
of Na®CI° (due to high charge in MgCl,). 


b. The lattice energy of NaCl is greater than that of CsCl. 
as Na® cation is smaller than Cs® cation, though the JE 


of Cs is much lower than that of Na. 
The smaller is the cation, the more effective is the 
nucleus in attracting the neighbouring anions towards 
it, and thus the lattice formed is highly stable and hence 
compounds have high (negative) lattice energy. 
4. Iftotal ionisation enthalpy (IE) + Total electron gain enthalpy 
(A,,H~) — Total lattice enthalpy (A,H™) < 0. 
OR 
If lattice enthalpy (A, H°) + Electron affinity (EA) or 
electron gain enthalpy (A.,H© ) > Ionisation enthalpy (IE) 
The net effect will be the release of energy and hence an 
ionic bond is formed. 
Note: Sometimes A. H° is used in place of EA (refer to Chapter D. i 
EA and A, H° are taken as equal in magnitude (as AsH? is only 
slightly higher than EA) but opposite in sign. A He has same 
sign as required according to thermodynamics, i.e. if energy 
is released, it is given a —ve sign and vice versa. EA has sign 
! contrary to thermodynamics convention. j : arated 
5. Most of the ionic compounds are formed between metal 
cations (due to low IE) and non-metal anions (due to high 
(negative) EA), except NH 4 Ion, i.e. a cation formed from 
two non-metallic elements (N and H), A large number of 
ionic compounds are known in while NH, is the cation. 
6. For the formation of ionic bond between two atoms, the EN 
difference between them should be >1.9. 


- Solubility: Ionic compounds are fairly soluble in polar 


7. Method of writing formulas of an ionic compoy, > 
nd; 


a. Write the symbols of the ions side of side in sy 
that +ve ion on the left and —ve ion on the righ “My 
(Let X is cation and Y is anion). aky 
b. Write their electrovalencies in figure on the top 
symbol as X* Y”. (Let a and b are valencieş of ag 
and anion respectively.) “ati | 
c. Divide their valencies by HCF. | 


a b 
d. Apply criss-cross rule as x» F i.e. formu] | 


X, Y, (Consider only magnitude of valencies ) 
e. Check total +ve and —ve charges in the com | 
should be equal. Poun | 


Examples: 


2+ 3- 
1. Calcium phosphate > ca X (PO,) = Ca. POS 
3 4), 


4+ Ta 
. . aaa MO (PO,) 143 ax 
2. Zirconium phosphate > x As Zr, (PO), 


2.6.2 CHARACTERISTICS OF IONIC COMPOUNDS 
The following are some of the general properties shown by these 


compounds: 
I. Crystalline nature: These compounds are usually 


crystalline in nature with constituent units as ions, Forg | 
of attraction between the ions is non-directional and 
extends in all directions. Each ion is surrounded bya | 
number of oppositely charged ions and this number is called 
coordination number. Hence, they form three-dimension 
solid aggregates. Since electrostatic forces of attraction ac | 
in all directions, therefore, the ionic compounds do not. 
possess directional characteristic and hence do not show 


stereoisomerism. 


| 
. Due to the strong electrostatic attraction between these ions, 


the ionic compounds have high melting and boiling points. 


. In solid states the ions are strongly attracted and hence are 


not free to move. Therefore, in solid state, ionic compounds 
do not conduct electricity. However, in fused state or 1 
aqueous solution, the ions are free to move and hent | 


conduct electricity. 


solvents and insoluble in non-polar solvents. This is becats 
the polar solvents have high values of dielectric constati 
which is defined as the capacity of the solvent to weaken t 
force of attraction between the electrical charges immer 
in that solvent. This is why water, having high value ° 
dielectric constant, is one of the best solvents. 


The solubility in polar solvents like water can als f 
explained by the dipole nature of water where the oxy | 
of water is the negative and hydrogen being positive, w | 
molecules pull the ions of the ionic compound from is 
crystal lattice. These ions are surrounded by water dip? 
with the oppositely charged ends directed towards s 


~ 


vated ions lead an independent existence and 
These solva Ived in water. The electrovalent compound 
are thus poe solvent if the value of the solvation energy 
nae he the lattice ane) of that compound. 
is 


AB + Lattice energy — AÊ +B° 


These ions are surrounded by solvent molecules. This 
process 1s exothermic and is called solvation. 
a° +x (solv) —> [A(solv.), |° + energy 
Bo +y (solv.) — [B (solv. "E + energy 
The value of solvation energy depend on the relative size of 
the ions. The smaller the ions more the solvation. The non- 
polar solvents do not solvate ions and thus do not release 
energy due to which they do not dissolve ionic compounds. 


ee 


e dielectric constant of H,O (82) is slightly n more than 


aits M to ‘weaken the force of attraction between the 


electrical charges i immersed i in that solvent. 


5, Ionic reactions: Ionic compounds furnish ions in solutions. 
Chemical reactions are due to the presence of these ions. 

6. Space isomerism: The electrovalent bond is non-rigid and 
non-directional and therefore these compounds do not show 
space or stereoisomerism. 

7. Isomorphism: Ionic compounds show isomorphism 
properties. Compounds having similar chemical constitution 
(i.e. having same formula) and having same electronic 
configuration are isomorphous to each other. 

For example, 


i. K,SO, and K,CrO, Isomorphous due 


ii. ZnSO,-7H,O and MgSO,7H,O | to same formula 


E E 
iii. Na F and Mg O 
(2,8) (2,8) (2,8) (2,8) 


Isomorphous due 
to same electronic 
configuration 


iv. 2K® S?-(K,S) 
(2,88) (2.8,8) 


and K® CIC (KCI) 
(2,8,8) (2,8,8) 


and Ca** 2C\° (CaCl,) 
(2,8,8) (2,8,8) 


| y. Tti is formed by r ETR of orbitals. 


< Ttis formed by the elements with same EN. 


A Both (a) and (b) are correct. 
ne is nayi high hyagetion energy? 

pE -eNi d. Cs? 
vane sorrel (more than one correct)? 
\ gives bee ions [Al HO) 


WSO 1.a. = 2.b. 
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b. Most of aluminium compounds are covalent because 
formation of AI” requires much more energy (= 5138 
kJ mol ') which is not available ordinarily. 

c. In aqueous solution Al forms hydrated ions because of 
high (negative) heat of hydration of Al’ compensates 
the high IE, of Al. 

d. Magnitude of hydration energy of APT < 

Which statement is/are correct? 2 
a. Formation of anions with unit charge (e.g. CE Br, F) 
are very common because the EA’s of these atoms 1S 
positive and quite high or A,,H™ of these atoms are 
negative and quite high. 
b. EA’s of above atoms (Cl, Br, I) is negative, and quite 
high or A. H™ of these atoms is positive and quite high. 
~€. Formation of anions with —2 charge (e.g. we a) is not 
so easy as their second EA” are negative, i.e. energy is 
needed to add second electron. 
d. Formation of anions with —3 charge (e.g. N°, P>) is 
almost rare as the third A,,H™ are positive, i.e., energy 
in needed to add third electron. 


IE, of Al. 


. Which statement is/are correct? 


a. Ionic compounds like sulphate and phosphates of Ba 
and Sr [e.g. BaSO,, StSO,, Ba,(PO,), and Sr,(PO,),] 
are insoluble in water. 


b. The above compounds are soluble in water. 


€. Magnitude of lattice energy (A H9) of the above 
-= compounds is greater than their hydration energy 
(An): High A, H° of these compounds is due to 
polyvalent nature of both the cations and the anions. 
d. In these cases, hydration of ions fails to liberate sufficient 
energy to offset the lattice energy. 


3. a,b,c doaccd 
5. a, €, d. 


1. a. Factual statement. 


harg 
2. b. Higher the charge density ( = ratio . higher 
size = 
is the hydration energy. 


y> 


a, b and ¢ are correct statements. 


4. ave, d. 


Note: By convention EA is assigned as +ve but AS 


is assigned as -ve value for exothermic processes (i.e, 


energy is released) and vice versa. So statements a, c and 
d are correct. 


5. a, c, d: If hydration energy (A, gH™) > lattice energy 
(A fl): The compound is soluble in water. 
So, statements a, c and d are correct. 


ELLE EE EE Ss 
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2.7 COVALENT BOND: LANGMUIR 
AND LEWIS CONCEPT 


Langmuir (1919) refined the Lewis postulatior 
idea of the stationary cubical arrangement of the octe 
introducing the term covalent bond. 
The Lewis—Langmuir theory suggests 
taking part in a chemical combination are short of electrons than 
the nearest noble gas configuration, they can share the electrons 


order to complete their octets. Each atom contributes the same 
common pairs which are then shared 


1s by rejecting the 
t and by 


that when both the atoms 


in 
number of electrons to form 


by both atoms. 
on energies are 


lectron affinities, 
nents share their 


hich have high ionisati 
and other having low € 


The atoms of such elei 
s of other elements (and sometimes 


h a manner that both the atoms form 
they achieve stability. 
ectron pairs among of 
valent bond. This was 


Certain elements W 
incapable of transferring 
fail to take up electrons. 
electrons with the atom 
among themselves) in suc 
complete outer shell. In this manner, 
Such an association through sharing of el 
different or of same kinds is known as CO 
proposed by G.N. Lewis. 

two ways: 


The covalent bonding can be achieved in 
of same kinds, e.g. 


1. Sharing of electrons between atoms 
formation of Cl.,, F,. O,, N, etc. 

2. Sharing of electrons between atoms of different ki 
formation of H,O, HCl, NH;, CO,, CH,, etc. 


nds, e.g. 


Examples: 

Formation of chlorine molecule, CL: Each Cl atom with 
electronic configuration, [Ne]3s7, 3p, is one electron short of 
argon (Ar) configuration. Each Cl atom contributes one electron 
to form a common shared pairs. In this process, both chlorine 
atoms attain the outer shell octet of the nearest noble gas (i.e. 


argon) (Fig. 2.1). 


se | 8e 


Shared pair electrons 


or (CI-Cl) 


(2.8.7) (2,8,7) 


Fig. 2.1 Covalent bond between two Cl atoms 


In the examples above, each atom contributes one electron. 
Hence, the covalency of CI and H is 1. The bond formed is 


called single covalent-bond and is re , 
presented by singl 
(—) between the two atoms. > gie line 


2.7.1 REPRESENTATION OF LEWIS SYMBOLS 
The dots or (x) represent electrons. $ 
s. Such structures are 
to as Lewis dot structures. li 
The Lewis dot structures can be written for other molecules 
also, in which the combining atoms may be identical or different 
The important conditions being that: = 
1. Each bond is formed as a r j 
; esult of sharin 
pair between the atoms. PT Ee 
2. Each combining atom contri 
ibutes at | a 
ea east one electron to 


e — ee aa aa 
oms attain the outershel] nob] 
e 


3. The combining at 
configurations as 4 result of the sharing of electrons Ba 

bon tetrachloride molecules, fony, 
be represented as shown in Figs, ; W 


j 


4. Thus in water and car 
of covalent bonds can 


and 2.2(b). 


Each of the four CI atoms 
along with the C atoms 
attain octet of electron 


(b) 


2e 8e 2e 
H atoms attain a duplet of 
electrons and O, the octet 


(a) 
g. 2.2 (a) and (b) Covalent bond in H,0 and CCL, 


Fi 


2.7.2 MULTIPLE COVALENT BOND 
two atoms share one electron pair they are said to be join; 


When 
In many compounds, the multiple bong, 


by a single covalent bond. 


between atoms are formed. 
Multiple bonds may also be formed by the sharing of two or thre: 
f two atoms. The bond thus formed is calle 


electrons by each o 
double or triple bond and are represented by a double line (=) ani 


a triple line (=) respectively. 
Examples: 
1. Formation of CO, and C,H, (ethene) moleucle, contain 


double (=) bonds. 
In the CO, molecule, two double bonds are formed by 


sharing two electrons of each C and O atoms. Similarly, 2 
ethene (C,H, or H,C = CH,) molecule the two C-atoms a 
joined by a double bond. (Figs. 2.3(a) and 2.3(b). 


€ED HE 
8e 8e 8e 
Fig. 2.3 (a) Double bonds in CO, molecule. 


Fig. 2.3 (b) Double bonds in ethene (C,H, or H.C = CH,) molecule. 


2. Formation of N, and C,H, (ethyne) molecule co 
triple (=) bonds. 


ntainits 


In the N, molecule one triple bond is formed by sharin 


three electrons of each N atoms. Similarly in ethyn¢ (C 

or HC = CH) mol joi p 

° 7 molecule, two C-atoms are joined by ê? 
ond (Figs. 2.4(a) and 2.4(b)). 


EPD or (N = Nš) 
8e gë 


Fig. 2.4 (a) Triple bond in N, molecule 


p. 


) H) or (Hh C=C) 


) Triple bond in ethyne (C,H, or HC = CH) molecule 


8é 8e 
Fig. 2-4 (b 
ONE PAIRS AND BOND PAIRS 
alence electrons not involved in bonding (i.e. sharing) are 
The V 


nas such and depicted as (- - or xx) are called Jone pairs (Ip) 
an -bonding electrons or unshared pairs. 


2.7.3 L 


nol 
ae shared pairs of electrons present between the atoms are 


led bond pairs (bp) because they are responsible for the 
cormation of bonds between the atoms. 
Note: Sometimes they are depicted as (x -), in which (x) 


represents an electron from one type of atom and (.) also 
represents an electron from another same or different type of 
atom, for clear understanding of shared pair electrons. 


Examp Lone pair (/p) 
eo 
Lone 
pair (/p) i 
Bond pair (bp) 
(N, molecule) 
Lone pair (lp) 
CRAD 
ED 
K) 
Bond pairs (bp) 
(NH, molecule) 
3. 


Lone pairs (lp) 
(H,O molecule) 


2.7.4 CHARACTERISTICS OF COVALENT COMPOUNDS 
1. Physical state: Generally these compounds exist as liquid 
or gases of low boiling point, under the normal conditions 
of temperature and pressure. Some compounds having high 
molecular masses exist as soft solids, e.g. Sg, P4 and 1, are 
soft solids. 7 
This is due to the presence of weak forces of attraction (van 
der Waals forces) between the molecules. aie 
2. Melting and boiling points: They have ea 
melting and boiling points, due to the guage ne 
attractive forces between them. Exceptions are r AON 
SiC (carborundum), SiO, (silica), which have gia 


dimensional structures. 
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3. Crystal structures: These are of three types: 


a. The crystals in which the unit is molecule and are held 
by van der Waals forces, readily fusible and volatile, 
e.g. Sp, I, and P,O, etc. 

b. The crystals having separate lattice layers, €.8. 8T aphite. 
Each atom has 3 neighbours and 2 atoms of them are 
bonded by a single covalent bond and to the 3rd atom by 
double bond. These layers are bonded by tightly together 
into a layer. These layers can slide on one another which 
accounts for the softness of graphite. 

c. The crystals in which every atom is bonded to 4 other, 
atoms by single covalent bonds to form giant structures. 
These are very hard with high melting points. e.g. SiC 
and AIN. 

4. Solubility: Generally, they are insoluble in polar solvents 
(e.g. water) but soluble in non-polar solvents (e.g. benzene, 
CCl, ether, etc.), due to the principle ‘like dissolves like’. 
Exceptions are alcohols and amines which dissolve in water 
due to hydrogen bonding. 

Covalent solids having three-dimensional giant structures 

are practically insoluble in all solvents. 

5. Electrical conductivity: Generally, they are bad conductors 
of electricity. Some polar compounds such as HC! in solution 
conducts electricity. 

The graphite conducts electricity because electron can pass 

from one layer to the other. But covalent solids having three- 

dimensional giant structures are bad conductors because 
they do not contain charged particles or free electrons. 

6. Isomerisation: The covalent bond is directional and rigid. 
Thus, there is a possibility of different arrangements of 
atoms in space. Thus, they can show structural and space 
isomerism. 

7. Molecular reactions: They show molecular reactions but 
reaction rates are usually low because these reactions involve 
two steps. 

a. Breaking of covalent bonds of the reactants. 


b. Formation of new bonds while the ionic reactions involve 
only regrouping of ions. 


2.7.5 COMPARISON BETWEEN IONIC AND 


COVALENT COMPOUNDS 
ve onic compound — | Covalent compound 


under ordinary conditions. 


Soft and waxy with the 
exception of giant molecules. 


points with the exception of 
giant molecules. 
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Bad conductors of electricity 
with few exceptions having 
layer lattice structure. 


In solid state, bad 
conductors of electricity, 
Good conductors in 


and in 


molten state 
solutions. 


5. | Freely soluble in water 
and in polar solvents. 
Insoluble in non-polar 
solvents 


Usually insoluble in water and 
in polar solvents. Soluble in 
non-polar solvents. 


Undergoes molecular 
reactions. Rates of reactions 
are low. Reactions are slow. 


Undergoes ionic reactions. 
Rates of reactions are very 
high. Reactions are fast 
and instantaneous. 


2.7.6 COMPARISON BETWEEN IONIC AND 


COVALENT BONDS 


TS 


| “Covalentbond 
E amen by sharing of electrons 
between two non-metal atoms 
when the electrons are equally 
contributed by both the atoms. 
Such a bond is possible between 
similar and dissimilar atoms. 


Formed by the transference 
of electron or electrons 
from electropositive 
(metal) to electronegative 
(non-metal) atoms. Sucha 
bond is possible between 
dissimilar atoms. 
Non-rigid and non- 
directional. does not cause 
isomerism. 
Consists of electrostatic 
force between atoms. 


Rigid and directional, causes 
space and structural isomerism. 


Consists of shared pair or pairs 
of electrons which are attracted 
by both the nuclei. 
It is non-polar if the 
electronegativity difference is 
zero or small. 
It is a strong bond, because 
the paired electrons cannot be 
separated easily. 


It is polar in nature. 


It is a weak bond, because 
the electrostatic force 
between the ions can be 
broken easily. 


2.7.7 LIMITATIONS OF LEWIS-LANGMUIR CONCEPT 


OF COVALENT BOND 
1. Jt could not explain the shapes of the molecules containing 


covalent bonds. 
2. It could not explain how the molecules such as H,, Cl, and 


Br, etc. in which there are no ions and hence there are no 
electrostatic forces of attraction of a covalent bond. 

3. It could not explain the release of energy during the 
formation of a covalent bond. 


2.8 COORDINATE (OR) DATIVE (OR) 
SEMIPOLAR (OR) CO-IONIC (OR) 


DONOR ACCEPTOR BOND 


Perkins (1921) postulated a related type of bond formation in which 
the electron pair used for sharing is donated solely by one of the 


K 


—————————_ mple, in the combining ot a 
atoms. For example, in the combining of amn, ; 


combining 
NH,, with boron trichloride, BCI}, the avaliable electron A 


n ammonia is donated to boron of BCI, 
he formation of a bond between NH a 
s the octet rule for B, N and Chay a 


the nitrogen atom i 
accepts it resulting in t 


BCl,. The structure satisfie 
cess of donation of the electron -i 


ance by the other atom is represent 
e 

t, resulting in the formation , da 
of 


Alternatively: The pro i 


one atom and its accept 


electronic charge displacement, 


dipolar molecule. 
H ‘| 

H— N > Be Cl 
H CI 


The arrow (—>) shown in the structure indicates donor-acc 
relationship. Thus the nitrogen atom in NH,BC1, would acquin 
a formal positive charge and the boron Nea a fone negatiy. 


een 1. variously ‘named as sen 
c or donor-acceptor | bond. 


® o 
charge, H N BCI; 


“This type of boni has b 
coordinate, dative. c co- -ionii 


EE 


The atom or ion or molecule with one unshared electron p, pair 


(or lone pair or /p) which it can donate is called a Lewis base or 
ligands whereas those which accepts the lone pair are called Lewis 
acids. In the above example, NH; is a Lewis base while BCL isa 


Lewis acid. 
ns and cations of aion metals such as C 


Note: HÊ io 
cot ; Ni T "and Cu" ete. acts as Lewis a acids. 


Mn", Fe 


2.8.1 SOME E MORE EXAMPLES OF COORDINATE 


BOND 
1. Formation of NH, ion: Hion has no electrons and thus 
accepts a lone pair (Ip) from N-atom of NH, molecule. 


H 
H H? 4 
—N:t 
| (Acceptor) 
H ® 
(Donor) H 
| 
H—N- H 
| 
H 


2. Formation of O,: O, molecule consists of two O-atoms 
m has 


linked by a Jeune covalent bonds. Each O-atom 
two /p’s of e ’s. One /p of electrons is donated to the thir 
O-atoms, which has 6 e ’s, a coordinate bond is formed: 


ee ee xX 
10: =:0: + Ox —> :0: — 10X => O% 
xX 
(Donor or (Acceptor 


Lewis base) or Lewis acid) 


3. Formation of CO: C-atom has four valence elec 


O-atom has six valence electrons and they combine t° fo 


_ 


trons and | 


$ 


| 4 Formati 


A octet. xx ER 
i C 4+ xOX —> iC: Oš 
x 


—_ eres ,0,: O-a atom in a 0 has two T s of 
m one /p is donated to mites O-atom resulting 


san 
electron of coordinate bond in H,O.. 


in the formation 
H O: + oS a pe 

i n 

(Donor) (Acceptor) 

z, z, Compounds having electrovalent, covalent and 
coordinate bonds, e.g. [NH,Cl]: There is ionic bond 


between NH,° and Cl° ions. In NH,® ion, there are three 


sovalent and one coordinate bonds as shown. 
t 


@ 
: i 

HIN! HIC o U cr 
H H 


2.8.2 ae OF ECOOKDINANE 
COMPOUNDS 


The properties of coordinate compounds are intermediate 
between the properties of electrovalent compounds and covalent 
compounds. The main properties of coordinate compounds are 
given below: 

1. Physical state: These exist as gases, liquids and solids under 
ordinary conditions. 

2. Melting and boiling points: Their melting and boiling 
points are higher than purely covalent compounds and lower 
than purely ionic compounds. | 

3 Stability: These are as stable as the covalent compounds. 
The additional compounds are, however, not very stable. It 
is also a strong bond because the paired electrons cannot be 
separated easily. 

4. Solubility: These are sparingly soluble in polar solvents such 
as water but readily soluble in non-polar (or ganic) solvents, 

5. Conductivity: Like covalent compounds, these are also bad 
conductros of electricity. The solutions or fused masses do 
not allow the passage of electricity. 
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\ dinate bond from O to C, to complete their 6. Isomerism: The bond is rigid and direct 
pond anda’ 


coordinate compounds show isomerism. 

7. Dielectric constant: Compounds containing coordinate 
bond have high values of dielectric constants. | 

8. Molecular reactions: These undergo molecular reactions. 


The reactions are slow. 


2.9 LIMITATIONS OF THE OCTET RULE 


The octet rule, though useful, is not universal. It is quite useful, 
for understanding the structures of most of the organic compounds 
and it applies mainly to the second period elements of the periodic 
table. There are three types of exceptions to the octet rule. 


2.9.1 INCOMPLETE OCTET OF THE CENTRAL ATOM 


In some compounds, the number of electrons surrounding ae 
central atom is less than eight, This is especially the case with 


elements having less than four valence electrons. Examples are 


as follows: O 


Li : CI, H : Be: H, C1: BCl 
Li, Be and B have 1, 2 and 3 valence electrons only. Other such 
compounds are AICI, and BF}. 


Such compounds are called hypovalent compound. 


2.9.2 ODD ELECTRON MOLECULES 


In molecules with an odd number of electrons such as nitric oxide 


(NO) and nitrogen dioxide (NO,), the octer rule is not satisfied 
a all the atoms. 


Beanipled: 


1. Superoxide ion (O,°) 
2. Nitric oxide (NO) XN X20: 
3. Nitrogen dioxide (NO,) 


420: "ON. & 
TT (OR) O=N—O: 
O: 


2.9.3 EXPANDED OCTET 


Elements in and beyond the third period of the periodic table 
have, apart from 3s and 3p orbitals, 3d orbitals also available for 
bonding. In a number of compounds of these elements there are 
more than eight valence electrons around the central atom. This 
is termed as the expanded octet, Obviously, the octer rule does 


not apply in such cases, 
ye elements which have — than 8e™’s is also called 
, CA “ote To : 


hyper lt 
Some of the pe of such compounds are PF, SF, H SO, 
and IF, and a number of coordination compounds. 


i atol heey a] 


d 
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(SF,) 
(12 e~’s around S atom) 


vV 


(IF.) 
(14 e~’s around I atom) 


(H.SO,) 
(12 es around S atom) 


[The elements P. S and F are hypervalent atoms and these 
campod are called hypervalent compounds. ] 

Sulphur also forms many compounds in which the octet rule is 
obeved. In sulphur dichloride the S atom has an octet of electrons 
around it. 

sk: (or) :Cl S : Ci: 
Note: The formation of PF.. SF, and IF - are explained in terms 
of hybridisation of s, p and d-orbitals such as sp d, spd and 
sp Ë respectively. 


2.9.4 OTHER DRAWBACKS OF THE OCTET THEORY 
1. It does not account for the shape of molecules. 
2. Octet rule is based upon the chemical inertness of noble 
gases. However, some noble gases (e.g., Ke (xenon) and Kr 
(Krypton) also combine with oxygen and fluorine to form a 


number of compounds such as XeF,, XeF,, XeOF 4 X€O,, 
XeOF,, XeO,F,,, KrF,, etc. 


3. It does not explain the relative stability of the molecule and 
being totally silent about the energy of the molecule. 


2.10 LEWIS REPRESENTATION OF 


completely, 


2. It does not help in underst 
Properties of a molecule to al 


Hence, writing of Lewis dot 
lons is very useful. 


anding the formation and 
arge extent. 


Structures of molecules and 


bi 


2 10 1 RULES FOR WRITING THE LEWIS Dor 
STRUCTURES 

First method: 

Count the total number of valence electrons of 


om le, in the CH, mole the 
combining atoms. For een Saad t cule K 
are eight valence e ’s (4 from mH atom, 


Step I: 


For anions, add the number of electrons equal to th 
charge. For cations, subtract the number of ele, 


equal to the +ve charge. 


This gives the total number of electrons to be distribute, 


Step 2: 


Ve 
trop, 


Examples: 

a. For the cos ions, the two —ve charges indicate thy 
two electrons have to be added to the total numbe, 
valence electrons. 

(Total no. of electrons in CO.) = (Total no. of 
valence e ’s of C-atom) + Total no. of valence sy 
three O-atoms +45 
(from two —ve charge 


=4 + [3x6] +2=245 


Of 


® a 
b. For NH4 ions, one +ve charge indicates the One 


electron has to be subtracted from the total number o 
valence electrons. 


D 
(Total no. ofe °s in NH,) 


Total no. of valence a, 
of N atom + Total no: x 
valence e”’s from foy 
H-atoms — one e (from 
one +ve charge) 
=3+[4x1]-1=8es 
Step 3. In general, the least EN atoms occupies the cental 
positon in the molecule/ion. For example, in NF, 
and CO"; N and C are the central atoms wheres 
the F and O atoms occupy the terminal position 


Therefore, select the central atom and draw the skeletal 
structure of the compound by intelligent guess t 
indicate which atom is linked to which other atom. 


Step 4. Put one shared pair of electrons between every tWwe 


atoms to represent a single bond between them. Use tt 
remaining electron pairs either for multiple bonding or 
show them as the lone pairs (/p’s). The basic requiremet! 
being that each bonded atom gets an octet of electron 


Second method: 


Sept 1: Calculate the total number of valence electrons after the 
addition of electrons tor anions and/or substracting 1 
the cations. Let it be V (symbol for valence e”’s). 

Step 2: Calculate the number of electrons for the complete octet 

of all the atoms. Let it be O (symbol for electrons io 

octet), 

Step 3: Calculate the number of electrons as shared electrons © 

by subtracting V from O. 


Le., S=O-V 


Step 4: Draw the Skeletal structure and represent the shared pais 


a. 


| eal 


| 


e T structure by representing the unshared 


~ ap i i ‘i m s 
g Con , > pairs) represented as U, i.e. (U = 
eP- electrons (1-¢-- lone pairs) rey 


y-S). N 
For example, Lewis structure of C ee 

step 1. V = 1 x 4(for C) + 2 Goru 16 es 
step2 O=1%8 (for C) + 2 x 8 (for oxygen) = 24 e ’s 
step 3. S=O-V (24- 16)=8e ‘s (shared) 


Step 4. Draw the skeletal structure with shared pairs. 
oco 

step 5 U = (V -S)= l6-8=8 
(8 unshared or 4 lone pair e’s) 


(8 shared pair e ’s) 


Lewis structure is as follows: 


Using the first method: 
Step 1: Total number of valence electrons in CO 4 ion =4 + 
[3 x6]+2=24e '’s 
2: The skeletal structure of CO, is 


O 
O C O 


Put one shared pair of electrons between each C and O 
and complete the octet of O-atom. 


:0: 


Step 3: 


io sm sal —“24ES 

70 :C: O: 
In the above structure, octet of C is not complete. 
Therefore, multiple bonding is needed between C 
and O-atoms. If a double bond between C and one 
O-atom is drawn, it will complete the octet, as shown: 


Step 4: 


:0: O: :O: 
. « «fl rl], | for], to, 
): <: O: 0—C—0: DS 
Second method: 
Step 1: V (Total no. of e’s) = 1 % 4 (for C) + 3 * 6 
(for O) + 2 (for 2(—ve) charge) 
=We’s. 
O (Total no. of e ’s for octet) 
= ] 7 8 (for C) +3 ~ 8 (for oxygen) 
=32¢’s 


Table 2.2 The Lewis representation of some molecules 


Step 2: 
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Step 3: S (Shared e °s) = (O - V) = (32 24) = 8 e '3, 
Step 4: Skeletal structure with shared e s, 
oACOO 
© 8 shared e °s 
I (0) 
Step 5: U (unshared e ’s) = (V S)=24-8=16 6's 
Step 6: Add 16 unshared e ’s to complete the Lewis structure. 


C) @ 
©o mC OO 
| © 


Qo@ 
© 


Write the Lewis structure for sO.” (Per-oxodisulphate ion). 
' Sol.) Using the second method: 
Step 1: V (Total no. ge”’s ) 
= 1 x 6 (for S)+5 x 6 (for O) 
+ 2 (for two —ve charge) 
=38 e's 
Step 2: O (Total no. of e”’s for octet) 
= 1 x 8 (for S) +5 x 8 (for O) = 48 2's 
Step 3: S (Shared e’s) = (O- V) = 48 - 38 = 10 es 
Step 4: Skeletal structure with 10 shared e's 
Q 
O ee S ee O ee O 
Ò 
Step 5: U (unshared e’s) = (V - S)= 38- 10 = 28 e's 
Step 6: Add 28 unshared e`’s to complete the Lewis structure. 


x 
xA X 
xUx 
xx . XX x 
X Ss O aE OX 
xx xX x 
. 
XA X 
xOx 
XX 


Note: (x) represents one unshared electrone. So, the number of 
unshared e ’s = 28. 

pane 

XOX 


AA ir 


AA * 
or xO" Net *()* “Ox 
A an as 


NOR 
aA’ 


He «fl 
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H,O, 

peroxide) 
HNO, 
q (Nitrous acid) GE: 


N Bags) 


Be 


(Per-oxonitric 
acid) 


ox (Peroxide 
ion) 


| HO” 
(Hydronium 
ion) 
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Every S atom is linked to 2 other S atoms by single covalent bond. 


y— g 
POST NN 


2.11 FORMAL CHARGE 


It is possible to represent two different Lewis structures for a 
molecule that differs in the arrangement of at atoms, e.g. a molecule 
X.Y can be represented as: 

i X—X—Y or X—Y—X. 

Sometimes both structures represent real compounds that are 
isomers of each other. More often, only one structure exists in 
nature. For example, methanol can be written in two ways: 

H 
H4—c—ö—uH a a 
i HOw 
(a) (b) 

The structure (b) does not correspond to any real compound 
even through it obeys octet rule. 

There are several ways to choose the more correct of the two 
structures, the one involves a concept called formal charge, which 
can be applied to any atom within a Lewis structure. 

Generally, the Lewis dot structure does not represent the actual 
shapes of the molecules. Although in the case of polyatomic 
ions, the net charge is possessed by the ion as a whole and oe 
by a particular atom, for some purposes a formal charges ( F ) 
is assigned to each atom. The formal charge of an atom in a 

polyatomic ion/molecule is defined as: 


Formal charge (FC) Total number of 


on an atom in a — | valence electrons 


Lewis structure in the free atom 
Total number of 
_1/2 | bonding (shared 
electrons) 


Total number 
of non-bonding 
(lone pair electrons) 


The formal charge is the difference between the number of 
valence electrons in an isolated (i.e. free) atom and the number 
of electrons assigned to that, in a Lewis structure. 


The counting being based on the assumption, that the atom in 
the molecule owns one electron of each shared pair and both the 
electrons of a lone pair. For example, in O,, the central O atom is 
bonded to two other O atoms in the arrangement shown below: 


1 


O 
2,/ N3 
QO Q: 
Using the relationship given above, the formal charge on 
the O atoms is calculated as follows: 

1. The central O atom marked 1: The central atom marked | 
has six valence electrons, one lone pair (or two non-bonding 
electrons) and three bonds (or six bonding). Therefore its 
formal charge is 


l 
_2-—(6)=+1 
6-2-5 (6) 


2. The end O atom marked 2: This atom has six valence 
electrons, two lone pairs (or 4 non-bonding electrons) and 
two bonds (or 4 bonding electrons), Therefore its formal 


charge is 
6-4 (4) = 0 


3. The end O atom marked 3: This atom has six valence 
electrons, three lone pairs (or six non-bonding electrons) 


and one bond (or two bonding electrons). Thus, its formal 


charge is 


l 
«6§——(@) ==! 
6-6 5) 
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Therefore the formal charges on the oxygen atoms in the 
Lewis structures of O, given above are written as: 

® 


7 oe 
Q Q: 
The formal charges do not indicate real charge separation 
within the molecule. Indicating the charges on the atoms 
in the Lewis structure only helps in keeping track of the 
valence electrons in the molecule. Formal charges help in 
the selection of the lowest energy structure from a number 
of possible Lewis structures for a given species. 
Generally, the lowest energy structure is the one, with the 
smallest formal charges on the atoms. The formal charge 1s 
a factor based on a pure covalent view of bonding in which 
electron pairs are shared equally by neighbouring atoms. 


Note: The sum of the formal charges on the atoms in a 
molecule or ion is always equal to its net charge. 


Examples: 
a. In O, molecule (refer to the example in Section 2.11) 


FC on O-atom (marked 1) = +1 

FC on O-atom (marked 2) = 0 

FC on O-atom (marked 3) =—1 

The sum of FC = 0 and new charges on O, = 0. 

This shows that there is no charge on the O, molecule but 


the FC on the O-atoms (marked 1 and 2) is +1 and —l. 


respectively.  _ 
b. Hydroxide ion ( OH): 


Lewis structure is [:6-—xH] 
FC on O-atom = 6 — 6 — Jml 


FC on H-atom = 1 — 0 — a0 


The sum of F.C = sl. The net charge on the ion = —1. 


c. Ammonium ion (NH,): 
H 
| 
x 


Lewis structure is |H-—-x H x—. H 


x 


H 


] 
FC on N-atom = 5 — 0 — 5 (8) = +1. 


J 
FC on every H-atom = J] — 0 — 7) = 0, 
The sum of FC = +]. Net charge on the ion = +1. 


2.11.1 APPLICATIONS OF FC’S TO RESONANCE 


STRUCTURES 
The two or more resonance structures of a compound are not 
identical, one of the structure may be better than the others 
means that it is more close to the actual electronic structure of the 


} 


ite < 
mcty res () 


compound. For example, the two resonance st 
of N,O (nitrous oxide) molecule are: ay, 


© p s0 9 E 
:NEI N 0: SONEN: 
© 0 


(a) (b) 
In structure (a): 


J 
FC on O-atom = 6 — 6 — z% =- 


FC on N!-atom = 5 — 0 — I= 
FC on N?-atom = 5 — 2 — 7O)=0 


In structure (b): 
FC on O-atom = 6 — 4 — 508 


FC on N!-atom = 5 — 0 — 3 8) =+] 


1 
FC on N?-atom = 5 — 4 — 5) =—] 
Since O-atom is more EN than N-atom, the structure (; 
favourable resonance structure of N,O. 


Calculate the formal charge on atoms in carbonate (COJ) 


) Lewis structure of Co ion is 


a. Formal charge on C-atom: 
No. of valence e on C (marked 4) = 4 e ’s 


Lone pair (/p) electrons on C = 0 

No. of bonds C atom forms = 4 

No. of bonding e ’*=s =4 x 2=8e’s 

R= No. of No. of | 1| No. of | 
valence e~’s Ip e~’s ~ 2} bonding r 


<. FC on C-atom = 4 — 0 — 18) =0. 


b. FC on O-atom marked 1: 
No. of valence e” on O-atom (marked 1) = 6e ’s 


Lone pair (/p) electrons on O-atom = 2 x 2=4e'S 
No. of bonds O-atom forms = 2 
No. of bonding e ’s = 2 x 2 = 4 es 
l ra 
Hence, FC on O-atom (marked 1) = 6-4- A a 


c. FC on O-atom (marked 2): 
No. of valence e~ on O-atom = 6 e”’s 


- electrons (/p) on O-atom = 3x2=6e's 


Lone ds O-atom forms = | 


No. of bon 


° T =? x 1 =2e’s 
dinge s$ 
No. of bon 


=6-6-— (2)=-1 
4, FC on O-atom (marked 3) 6-6-9 ©) 


(Same as in part c-) 


cum of FC’s = Net charge on CO,” = -2 
ê- 


ch atoms in nitrite ion. 
the formal charge on ea 
Calculate 


ďQ -; ; 
= Lewis structure of NO, ~ ion is 


© © 


a. FC on N-atom: 
No. of valence e on N-atom = 5 e’s 
Lone pair (lp) electrons on N-atom = 1 x 2=2 &’s 
No. of bonds N-atom forms = 3 
No. of bonding e ”’s =3 x2=6€’s 


1 
Hence, FC on N-atom = 5 — 2 — 5 (6) = 0. 


b. FC on O-atom (marked 1): 
No. of valence €` on O-atom = 6e"’s 
Lone pair (lp) electrons on O-atom = 2 x 2 = 4e”’s 
No. of bonds O-atom forms = 2 
No. of bonding e’s =2 x 2=4¢"’s 


1 
Hence, FC on O-atom (marked 1)=6-4— 5 A)=0. 


& FC on O-atom (marked 2): 
No. of valence & on O-atom = 6e ’s 


Lone pair (Jp) electrons on O-atom = 3 x 2 = 6 
No. of bonds O-atom forms = 1 


No. of bonding &’s = 1 x 2 =2¢e"’s 
l 
Hence, FC on O-atom (marked 2) = 6 — 6 — 7 @)=-1. 


d. Sum of FC’s = Net charge of NO, =-1. 


; 2- 
Calculate the formal charge on each atom in SO, 


“oxosulphate ion). 


Sol. Lewis structure of sor ion ís 


Calculate the formal charge on each at 
(per-oxocarbonate ion). 
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FC on S-atom: 


No. of valence e on S-atom = 6 e °g 

Lone pair (Ip) electrons on S-atom = () 

No. of bond pair e ’s S-atom forms = 6 7 2 = I2¢’s 
J 

FC on S-atom = 6 — 0 - 5 7 (12)=0 

FC on O-atom (marked | and 5): 

No. of valence e on O-atom = 6 e*s 

Lone pair € ’s on O-atom = 3 2 2 = 6e 


No. of bond pair e’s on O-atom = 2e 


FC on O-atom (marked 1 and 5)=6-6-— ; /2 


-] on each 
= | O-atom or —2 
on both O-atoms 
FC on O-atom (marekd 2 and 3) is 


] 
6-4--x4=0 
2 
FC on O-atom (marked 4) is 
| 
6-4—x4=0 
2 
Therefore, sum of FC =0-2+0= —2 
Net charge on SO? =—2 


Hence, sum of FC = Net charge on the ion 


~ Dome 
om in OC 0 


| Sol. ` Lewis structure of cor ion is 


© ð 


"i O 
|| 
O—C—O—~O 


Lewis dot formula Dash formula 


l 
FC on C-atom = 4 — 0 — Ps (8)=0 


l 
b. FC on O-atoms (marked | and 4)=6-6-— = x2 
on each O-atom 
= -|| or —2 on both 
O-atoms 
¢. FC on O-atoms (marked 2 and 3)=6-4-~— I x4 


=0 


d. Sum of FC’s = Net charge on co =) 


a a 
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2.12 ISOSTERES 


Molecules or polyatomic ions containing same number of atoms 
and the same total numbers of electrons are called isosteres. 
Generally, isosteres have identical Lewis structures, e.g., CO, N, 


and CN are isosteres. 


Each of them contains 2 atoms and 14 e~’s (same total number 


Table 2.3 Some examples of isosteric species 


3 Isosteric species 


Il. | CO, N,O, NO,, CNO 


No. of 
atoms 


2. | NO,°. BO; CO; 
3. ClO. SO 


No. of electrons 


CO, = 6 + 16 
N,O=14+8 


® 
NO, =7+ 16-1 


© 
CNO = 64 7.+8 +71 


of electrons), Their Lewis structures are identical] aS sho 


Boxe Qj [:N=3N 3] — 
or or di ii 
[c=o] INEN] cen | 


No. of valence electrons in each > 
) lor... Re 


eles MO 
oon 


De. | 


"l 


CO, = 4+6x2 
N,O=5 * 2+ 6 


Ð =] 
NO, =5+6x2-1 |76 


iS) 
CNO=4+5+6+1] 


4. po aoe 

7. | H,O°, NH, 10 8 
2.13 BOND ENTHALPY OR BOND H,0O,, —> Hg) + Og) AHi = 502 KJ mor 
= DISSOCIATION ENTHAIPY _ OH(g) —> H(g) + O(g): AH? = 427 KJ mor 


DISSOCIATION ENTHALPY 


It is defined as the amount of energy required to break one mole 
of bonds of a compound in gaseous state to its constituent gaseous 
atoms. The unit of bond enthalpy is KJ mol”. 


Examples: 
1. For diatomic molecules: 
a. HL Ug) —> 2H g) 


A,H® = 435.8 kJ mol! 


b. O0,(0=0),, — 20,, 


A,H® = 498 kJ mol! 


ce N, (N=N),,) —- 2 Noy» i 
AH ? = 946.0 kJ mol”! 
2. For a heteronuclear diatomic molecules: 


HC] —> H,,+Cl 


(g) (g) (g)’ 


AH? = 431.0 kJ mol! 


Note: The larger the bond dissociation enthalpy, the stronger is 
the bond in the molecule. 

3. For polyatomic molecules: In such cases, the measurement 
of bond strength is more complicated, e.g. in case of H,O 
molecule, the enthalpy needed to break the two O-H bende 
is not the same. 


The difference in the A Ho value shows that the secon 
O-H bond undergoes some changes because of changi 
chemical environment. This is the reason for some differax 
in energy of the same O-H bond in different molecules uù 
as C,H,OH (ethanol) and water. Therefore, in polyatomt 
molecules the term mean average bond enthalpy is ut 
It is obtained by dividing total bond dissociation enthaly 
by the number of bonds broken as explained below in 


of water molecule. 


502 + 427 


Average bond enthalpy = = 464.5 kJ mol” 


Note: For factors affecting bond enthalpy, refer to Chaptef k 


2.14 BOND ORDER 


In the Lewis description of covalent bond, the bond orde 
given by the number of bonds between the two atoms inh , 
molecule. The bond order, for example in H, (with 4 a 
shared electron pair), in O, (with two shared siecton pairs 

in N, (with three shared ecito pairs) is 1, 2, 3 respectiv?! j 
Similarly, in CO (three shared electron pairs betwee? ~“ 5, i 
O) the vond order is 3. For N,, bond order is 3 and its by r 
946 kJ mol”! ; being one of the highest for a diatomic molec 


c 


N 


and ions have identical bond orders; for 


nie molecules 


® 
jgoelectro p or have bond order 1. N,, CO and NO” have 
F, a 
ample ; . E . . . 
i order orrelation useful for understanding the stabilities 
c 


js that: with increase in bond order, bond enthalpy 
f molecules bond length decreases. 
increases ther bonding parameters, such as bond length, 
Note: ARI radii, bond length and lattice enthalpy, refer to 
a ’, 
types 0 


apter ji 
a RESONANCE STRUCTURES 


pserved oftenly that a single Lewis structure does not 
ie nt a molecule in agreement with its experimentally 
represe 
determined parameters. 


For example, O; (ozone) molecule can be equally represented 
by the structures I and II shown below: 


JING S/N 
> Ó ` O 
y o <> ¥ % 
‘ War O O 
ay °° = (D 
N A 
N J 
O 
Š We 
O 
(ID 


Fig. 2.5 Resonance in the 0, molecule 


Structures I and II represent the two canonical forms while 
structure ITI is the resonance hybrid. 


In both structures, we have a O-O single bond and a 
O=O double bond. The normal O-O and O=O bond lengths are 
148 pm and 121 pm respectively. Experimentally determined 
oxygen—oxygen bond lengths in the O, molecule are same (128 
pm). Thus, the oxygen bonds in the O, molecule are intermediate 
between a double and a single bond. Obviously, this cannot be 
represented by either of the two Lewis structures shown above. 


Therefore, concert of resonance was introduced to explain the 
accurate structure of molecules like O,. 


Definition of resonance 
Whenever a single Lewis structure cannot explain all the 
Properties of a molecule accurately. The molecule is then 
Supposed to have many structures with similar energy, position 
of nuclei, bonding and non-bonding pairs of electrons. 

Each of these structures can explain most of the properties 
of the molecule but cannot explain all the properties of the 
Molecule. The actual structure is in between these resonating 
Structures and is called resonance hybrid and the different 
individual Structures are called resonating structures or 
Canonical forms. This phenomenon is called resonance. 
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2.15.1 CONDITIONS OF RESONATING STRUCTURES 
The different resonating structures of a substance have: 

1. Same position of atoms. 

2. Same number of paired and unpaired electrons. 
3. Almost equal energy. 
4 


- They differ only in the arrangement of electrons in different 


resonating forms. Resonance structures are represented by 
a double headed arrow (<9) . 


2.15.2 POSSIBILITY OF RESONANCE 


1. Two or more double bonds or two or more triple bonds or 
one double or triple bonds are in conjugation, e.g., 


/ N [N ® Ə 
a. H,C = CH - CH= CH, © CH>-CH= CH - CH: 
(Buta-1, 3-diene) 

(conjugated diene) 
b. H,C =C=CH, 
(Prop-1, 2-diene) 

(cumulative diene) 


© | No resonance is possible, 
because double bonds are 
not in conjugation. 
c. H,C = CH-CH,-CH =CH, © 
(Penta-1, 4-diene) 
(isolated diene) 


Resonance is not 
possible, because double 
bonds are not in 
conjugation. 

[N 
d. HC LN CH = CH, 


® ©) 
e HC=C=CH-CH> 
(Butan-l-en-3-yne) 


2. Lone pair of electrons (i.e. non-bonding electrons) is in 
conjugation with double or triple bond, e.g., 


a CHCH: o CH, - CH = Ci: 
(Vinyl chloride) 


(Phenol) 


Resonance is not 

possible, because lp 

of e~’s are not in 

conjugation with 

double bonds. 

3. Negative or positive or free radical is in co 
double or triple bond, e.g., 


(Phenoxide ion) 


c. CH, = CH-CH,- Clio 
(Allyl chloride) 


njugation with 


For O,, the two structures shown above constitute the canonical 
Structures or resonance structures and their hybrid i.e. spate 
e 
Ill represents the structure of O, more accurately and is ca 
resonance hybrid. 


(Benzyl carbocation) 


2.22 Inorganic Chemistry Saal Pph resents 1 bonds. a | 
. findi to Ox ty | 
tal ndings, all carbon ygen b " 

the experimen ongs. | 


=. CH, CH, | 
A Ò 


(Benzyl radical) 


In general, it may be stated that (1) 


the molecule as the energy of the resonance hybrid is less 
| structure; and 


whole. 


Resonance stabilises 


than the energy of any single cannonica 
he bond characteristics as a 


nybrid is lower than 
d II (Fig. 2.5). 


(ii) Resonance averages t 
Thus the energy of the O, resonance I 
either of the two cannonical forms I an 


Some more examples of resonance are as follows: 
In buta-1.3-diene (I), the (C, — C,) and (C, — C,) bonds 
are found to be longer than (C = C) bond, and (C, — C;) 
bond is slightly shorter than a (C — C) bond. This can be 
explained by writting several other structures by shifting a 


pair of 1-e—’s. 


2 ® O 
AG S NISIN 


(I) (ID (III) 
@ O 
Pea <— iw 


(IV) (V) 
The structures (II) and (III) show partial single-bond 
character of (C,;—C,) and (C;—C,) bonds. The structures 
(IV) and (V) show partial double bond character of 
(C, — C,). This explains the observed anomalies in the 
bond distance in the hybrid. Thus, in the real structure (1.e., 
hybrid structure) of the compound, lateral overlap of all 
the four p-orbitals has taken place, i.e., delocalisation of 
e’s has occurred which imparts stability to it, as shown in 
Fig. 2.6. 
(+) sn 
FH 


Fig. 2.6 Lateral overlap of p orbitals in the hybrid structure 


Here, (+) and (—) are not charges, but represent phases of 
waves. Waves of same phases overlap effectively. 


a. Explain the structure of Ore ion in terms of resonance 
b. Explai | 
plain the resonance structures of CO, molecule. 


a. The single Lewis structure based on the presence of two 
single bonds and one double bond between carbon and 
oxygen atoms is inadequate to represent the molecul 

e 


Therefore, the carbonate ion i h 


ybrid of the canonical forms a 
|} | 


CO; are equivalent. 
described as a resonance h 


and III shown below. 


:0: ii ia | 
| | 
C <— C > C 
VA N Oo Os / \ 
20 tof :02 10 0° Yy 
(1) (II) (III) 


y determined carbon to oxygen is 
length in CO, is 115 pm. The lengths of a normal carbo 
to oxygen double bond (C = O) and carbon to Oxya 
C =O) are 121 pm and 110 pm respective 
The carbon—oxygen bond lengths in CO, (115 pm) i 
between the values for c=OandC =O. Obviously , 
single Lewis structure cannot depict this position and è 
becomes necessary to write more than one Lewis structure 
and to consider that the structure of CO, is best describe, 
as a hybrid of the canonical or resonance forms I, I and j} 


shown below. 


b. The experimentall 


triple bond ( 


[öc] <-> |:o: ciô: <> liði 
(I) (I1) (II) 


2.15.3 RESONANCE ENERGY 

The resonance hybrid is more stable than any of the contributing 
structures. In other words, the resonance hybrid has lower energy 
than any of the contributing structures. 

The difference in the energy of the resonance hybrid and the 
most stable contributing structure (having least energy) is called 
resonance energy (RE) (or) the difference in the experiment and 
calculated enthalpies (bond enthalpy, formation, combustion, 
or hydrogenation enthalpies) is called RE (Fig. 2.7). This is the 
amount of energy by which the compound is stable. The RE of 
buta-1,3-diene and benzene were found to be about 16.72 and 
150.0 kJ mol, respectively. 


Contributing 
structures y 
s 
=N 
oor 
e 7 

= 
Q 
Resonance 
energy 


Resonance hybrid 


Fig. 2.7 R 
esonance energy of the contributing structures 


— 
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y | N ® o 
f benzene has been calculated from the heat of Soe S 8 
RBE OA 
pam ation as: Stable form 
y - O ® 
p (Jos sodes 


Unstable form 
54x 3 =358.64 k] 
On 


e. When there are two equivalent structures, resonance 
stabilisation is the greatest. For example, 


- ally. benzene is cyclohexatriene (containing three l 
Ae PA should be —358.64 kJ. k Q >) 
c=O y wally it was found to be 208.64 kJ mol!, ie. 6 ’ af 
But Serves ((-358.64)208.64)] = 150 kJ mol! less energy ii w | | 
benzene S" ° i forthe hypothetical cyclohexatriene. Therefore, R—CYO'lesip_ C=0 
ea (150 kJ mol”') is due to the delocalisation of 
the RE < 


-< in a cyclic molecular model. 
a acteristics of resonance: The necessary conditions of 
Cha 
resonance are as follows: 


R—C—O 
1, All resonating structures must have the same arrangement 


, f. Structures in which charge delocalised are more stable 
of atomic nuclei. 


than those in which there is charge separation. For 
2. The resonating structures must have the same number of example, 
i paired or unpaired e °’s. However, they differ in the way i 
of distribution of e °’s. C H, — CH = CH — C H, is not 3] Or 
considered a resonance structure of buta-1 ,3-diene. | F. | « - 
— ( — 0O — — ('— N + „02 
3. All the resonating structures have same total charge. R= E= Q—HR—C= Q —H|+ H0 ==H;0 
4. The energies of various structures must be same or nearly Less resonance stabilised ae 
same. z0 
| D P | 
Main characteristics: R= CL 02-57 -.. C=O 
1. It gives identical bonding ( concept of partial double bond , 


in resonance hybrid) and hence identical bond length. For en ee nae ines stabilised 
example, in benzene, all (C—C) bond lengths are of 139 Hence, carboxylic acid favours ionisation. 
pm each. 


g. Structures in which there is less Separation of opposite 


charges are more stable than those with more charge 
separation. For example, 


[Intermediate values of (C — C) and {C = C) bonds, 
(C—C) > 154 pm, (C = C) = 134 pm] 


. It leads to the shortening of single C — C or other bonds 
in resonance hybrid. 


S 
:NH, NH3 
3. Due to the spreading of n-e ’s ( delocalisation) EIPOUEHOUE ô — Ò a5 Ô 
the surface of the molecule, it induces stability in the 


molecule as a whole. Hence, the molecules showing 


:5 
(Neutral) (Less charge (More charge 
resonance are less reactive. separation) separation) 
: I 
4. a. Non-polar structures are more stable than dipolar. (I) (IT) (UL) 
b. 


Resonance structures with a greater number of covalent 


Stability order: 1 > I> I 
bonds are more stable than those with lesser number. 


h. The individual structures of similar energy 
Thus, non-polar structure (1) of buta-1,3-diene is more contribute equally to the resonance hybrid canonical 
stable than any other resonating structures. 


structures with somewhat higher energy may also 
contribute to the resultant hybrid, but the higher 
the energy of a particular structure, the lesser is its 


Resonance structures with similar charges on adjacent 


. . A x 4 T p d : ` š . ` i 
atoms are insignificant due to electr OpIaNG tepueion m contributions, For example, the canonical forms of 
thus are unstable, e.g. CH, — CH — CH — CH » This 


benzene are: 
resonance form does not contribute to the stability of 


S 
e> || > eş 
the hybrid. : Q © D S J 2 
d. Structures with positive charge on electropositive | | 


pa ae mere (Three equivalent Dewar forms) 
forms (Lower ener 
are more stable. For example, gy 


(Higher energy) 


element and negative charge on electronegative element 
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Contribution from the two equivalent lower 


energy Kekul i red to the . ing structures i 
a . n as oe higher Arrange the following resonating structures in the Order 
contribution from the three equivalent Dewar neh decreasing stability. f 
energy canonical forms to the resonance hybrid ö: SP OP | 
benzene. I | SHH I , | 
—C=O— —C—~@ 

i. All the atoms in a molecule taking part in resonance H— C — QH <>H ® ® O~ | 
should be coplanar. Because this enables effective (1) (II) (III) | 
overlap of p-orbitals and delocalisation of the € 's. Pen á ay 
Moreover, resonance structures with 2p-2p over lap ao At 
is much more stable than 2p-3p or 2p-4p OF 3p—4p, | . 

H> C= OHB 
etc. overlaps. = L 
(IV) 


Misconception associated with resonance: 


1. The canonical forms have no real existence. 
a. Structures (I) and (II) have greater number of coval 


bonds; hence, these are more stable than either (III) or 
Furthermore, between I and II, structure I has no fo 


2. The molecule does not exist for a certain fraction of 
time in one canonical form and for other fractions of 


time in another canonical forms. my 
Ree l PET charges and hence 1s more stable than structure (II), 

3. No equilibrium exists beeen the canonica 5, Suture s kS stable tennt because fh Ma | 
as berwaen tautomeric keto and enol forms in positive charge is on oxygen, which is a more EN ee 
tautomerism. carbon on which positive charge is present in (III), Thus 

4. The molecule as such has a single structure which the order of stability is 1 > H > IH > IV. i 


is the resonance hybrid of the canonical forms and 
which cannot as such be represented by a single Lewis 
sirycture. Write the resonance structure of phenol in order of decreasing 


) In the resonating structure of phenol as shown below.. 


Which ofthe following pairs do not consti ? T 

ing pairs do not constitute resonance structures. structures (I) and (V) are more stable than the others. Structures 
(II), (IV) and (V) are less stable due to charge separation and 
positive charge on oxygen atom. 


stabilities. 


® O 
a. Me — NZ P and Me— O— N=0 


£6 
ö: rat OH = a - a 
b. Meens and E S r O—H H— Oe :O—H 
SCH \ i, b 
2 CH, P a 6 & 
5 on Sy <> <> és 
e 
& 
Meme and Me—C= CH, i 2 
d. Me CH =CH Me and (D (II) (IV) (V) 
. = e and Me CH, CH= C ili 
2 Hp Order of stability => (D = (V) > (ID = (IV) > (i) 
oe (I) and (V) > Uncharged structures 
(IIT) => More char i 
' 7 ge separatio 
a Inresonance, the position of atoms or nuclei remains fixed SO Order of ener e i 
pairs in (b) constitute resonance. In other pairs ths a (0) and (Iv) wy = (HD) > dD = (Iv) > (= 
of atoms are changing; therefore (a), (c), and d P ons ee: ess charge separation 
constitute resonance structures. _ ) pairs do not Lu Mie. i 
a. They constitute functional isomerism (nitro to nitr Write the resonan De 
b. They consti Abate): ce structures Of NO.® (nitri O (nitrate 
stitute resonance structures ion). 2 (nitrite) and NO,” (mitra 
c. They constitute tautomer; l 
erism 
show functional isomerism E enol) and also Sol n 
d, They constitute posit; ; ee 
Positional i i . aO 
bond has change D. Somerism (position of double a. NO,°. N De o 
. N ss A . 
s = Ní 


No: DET 


D ee 
(II) (TTT) a E E A aT 


SRR iid lll 
| 
08 A Në? 
NO 7 oN = O: <> ® 
p RS . a 7 
V 267 :0: 
(IV) gi l 
OL :0 
“SN — O: = aN ota 
© 4 of 
Q: ae 
(VI) (VID 


sonance hybrid structures, dashed-line bonds are 
mee dicate double or triple bond character between the 
ace These partial multiple bonds represent the 
jea n-bond overlap. In each resonance contributing | 
structures, the negative charge resides on a different O atom. 
But in the hybrid structures, each O atom has a fractional 
negative charge. 


Which of the following is the most stable resonance structure? 


OH b. nN OH 


a. J ® 


HC 
SK NH) 
OH 
d. po DF se 
H,C 


x NH) 


c. Structure (c) is the most stable resonance structure. 
i Number of covalent bonds in (a) and (b) = 13. 
ii, Number of covalent bonds in (c) and (d) = 14. 
iii. In (c), positive charge is on N, whereas in (d), it is on 


O atom. Since N is less EN (electronegative) than O, 
(c) is more stable. 


iv. Order of stability: c>d>a>b. 


Give the stability order of the following resonance structures; 


® © ® © 
a, HC =N =N b Hera N= N 
© ® 


© ® 
© HC—N=N 


a. The lesser the charge separation, the more stable the 


resonating structure. Structures (I) and (III) have less 
charge separation. But in (III), charge is on electropositive 
C atom. Therefore, (I) is more stable than (III). Since both 
have six covalent bonds, so (I) is more stable than (III) 
(I> Ill). 
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b. Both structures (II) and (IV) have five covalent bonds, but 
(II) is more stable than (IV) because in (II) positive charge 
is on electropositive C atom and negative charge is on EN 
(electonegative) N atom, whereas in (IV) it is reversed. 
Therefore, II > IV. So, the stability order is I > II > II > IV. 


2.16 POLARITY OF COVALENT 
BOND, POLARISABILITY AND 
FAJANS’ RULE 


A polar covalent bond results when a bond is formed between 
atoms having a large difference in EN values. A non-polar covalent 
bond results between atoms having a very small or zero difference 
in EN values. The polarity of covalent bond, polarisability and 
Fajans’ rule have already been discussed in Chapter 1. 

In reality, no bond or a compound is completely covalent or 


ionic. Even in case of covalent bond between two H atoms, there 
is some ionic character. 


Just as all the covalent bonds have some partial ionic character, 
the ionic bonds also have partial covalent character. The partial 
covalent character of ionic bonds is explained by F. ajans’ rule in 
terms of the following conditions. 

The covalent character is greater when (i) the cation is small, ( it) 
the anion is large and (iii) there is a high charge on the ions. For cations 
having same i and charge, the one with electronic configuration 
(n — 1)d"ns° (typical of transition metals) is more a 
(polarising) than the one with a noble gas configuration, ns? np° i 
typical of alkali and alkaline earth metals. 

The cation polarises the anion, pulling the electronic charge 
towards itself and thereby increasing the electronic charge between 
the two. 

To sum up, the polarising power ofthe cation, the polarisability 
of the anion, and the extent of distortion (polarisation) of anion 


are the factors which determine the per cent covalent character of 
the ionic bond. 


Examples: 
1. LiCl, NaCl, KCl, RbCl, CsCl 


Size of cation is the deciding factor (charge of each ion and 
size of Cl is same) 
Li? < Na® < KÊ < Rb® < Cs® 
——_— _; 
Size of cation 
EaŘŘ—cŘŘ— 
Polarisation 
LiCl > NaCl > KCI > RbCl > CsC] 
<€)]— 
Covalent character 
—_—_— ye 
m.pt, and b.pt 
—_——— 


Conductivity 
Solubility in H,O (polar solvents) 


Solubility in non-polar solvent 


) 
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n metre (m), then / is expregg, di, | 
| 


2. NaF, NaCl. NaBr, Nal 
D . . . . M i Ñ 
a eciding factor is the size of the anion. Larger the size of 
ne anion, greater the polarisation hence greater the covalent 
nature. 
F° < CI® <Br°<I° 
ee ees oe eee 


Size of anion 
F° <cl® < Br? <I 
S Ree see SE ES 


Polarisation 
NaF < NaCl < NaBr < Nal 
Covalent nature 
3. NaCl. MgCl.,. AICI, SiCly, PCI, 


Na® > Mg?* > A+ > sit > P** 


Size of cation 


Charge on cation 


Note: Greater the charge, smaller the size, then greater the 


polarisation. 
Na® < Mg” <AI* < Si" < P” 


Polarisation 
NaCl < MgCl, < AICI, < SiCl, < PCI, 


Covalent nature 


4. NaF. Na,O. Na,N 


_Fe<0 =, Size of anion 

Z 2— 3- 
_ F= <O <N, Charge on anion 

5 < 02- < N3- 
F- <07 <N, Polarisation 
__NaF<Na,O<Na3N , Covalent nature 

5, CuCl and NaC! 
[Cu] [Ar]3d'’ 
[Naĵ] [Ne] 


Cations with 18-electron shells have greater polarising 
power than the 8-electron shell ions with the same charge 
and size. This is due to the increased electronegativity of 
the 1%-electron shell ions as the inner electrons have poor 
shielding affect on the nucleus. Thus, CuCl is covalent and 


NaC] is ionic. 


2.17 DIPOLE MOMENTS (u) 


It is the vector sum of all the individual bond moments. 
Mathematically. y =y 7 d, where g is the magnitude of partial 
charges and d is the distance between the centres of opposite 


charge. 

Thie charge g is of the order of 10 ©” esu and d is the order of 
iy n (1 A). Therefore, the dipole moment (y) is the order of 
107° < 10% = 107"* esu cm. This quantity is known as one debye 
(denoted by the symbol D). 7 
1 D= 10 esu cm 


10 


If q is in coulomb and disi 
coulomb metre (C.m). 
1 D = 3.33564 * 107 
In SI units, 
1.602 x10 C | 
_ oe ooe 
As I esu = “4 393 x107" 


30 C.m 


_ 3,335 x 10° C 


and 1 cm = 10 2m 
1p=10'* esu cm 
= 10718 x (3.335 * 1 


-30 
= 3,335 x 10~ Cm l , l 
nt is a vector quantity and is depicted by a smal 


sitive centre and head pointing toward 
of HF is represented as: 


o!’ C) x (10° m) 


Dipole mome 
arrow with a tail on the po 


the negative centre, €.g. # 


ensity is symbolised by crossed arrow 


The shift in electron d mb cross 
ture to indicate the direction of the 


(+>) above the Lewis struc 
shift. 

2.17.1 BOND MOMENTS 
In case of polyatomic molecules, the dipole moments not only 
depend upon the individual dipole moments of bonds known as 
bond dipoles but also on the spatial arrangement of various bonds 
in the molecule. In such case, the dipole moment of a molecule 
is the vector sum of the dipole moments of various bonds. For 
example, in H,O molecule, which has a bent structure, the two 
O—H bonds are oriented at an angle of 104.5°. Net dipole moment 
of 6.17 x 102° C m (1 D = 3.33564 x 10%? Cm) is the resultant 


of the dipole moments of two O — H bonds. 


104.5° ,0 = J 

H l 

(a) (b) 
Bond dipole Resultant 


dipole moment 


Net dipole moment, u = 1.85 D 
= 1.85 x 3.33564 x 102° Cm = 6.17 x 10°" Cm 


7 104.5 
Hobs ~ 210. H) COS a 


1.85 D = 2ho-m * 0.613 


Wom Isip 


Ifthe individual polar bonds are arranged symmetrically s0 tbat 


the effect of any one bond is cancelled by the effect of the others) 
the net effect or x will be zero. For example, in BeCl,, individu 
polar Be—CI bonds, but the two bond moments are equal 4° l 
opposite direction and their vector sum is zero. 
CI — Be — CI 
H+ +> 
(Net bond moment is zero) 


«ppLiCATION OF DIPOLE 
AL MOMENTS 
' amining the polarity ot bonds: AS weg « d, 
1 gent the greater the magnitude of dipole moment, the 
Vind he the polarity of the bond, But in strict SENSE, 
pyr Nt is applicable to Molecules containing only one 
ceed! EN, m ease ol non-polar molecules 
pN g Os Ny ete, the dipole moment is found to be 
ants i X hecanise there Is no charge separation in these 
RN ha pi gO Thus, dipole moment can also be used 
E polar and non-polar molecules, 
pars ` 


uò a 
~o | j 
\ \ cè- cò! 
St | 
V aaen B —> ys ee IN 
MeN 7 or 
Fè gòt Cl c\>- 


Fig. 2.8 Dipole moment of zero for symmetrical molecules 


>. In calculation of percentage ionic character: Take 
T example of HCN; its dipole moment is 1.03 D. If HCl was 


100% ionic, each end would carry charge equal to one unit 
và 48 x 107" esu. As bond length of HCl is 1.275 A, its 
dipole moment for 100% ionic character would be: 
u x =g X d=4.8 x 107! esu x 1.275 x 107° cm 
€ NOK 

=6.12 10" esu cm =6.12 D 
<. % ionic character = -= %sered. x100 
H calculated 


1.03 


6:12 


3. In determining the symmetry (or shape) of molecules: 

Dipole moment is an important factor in determining the shape 
oi molecules containing three or more atoms. For instance, if 
any molecule possesses two or more polar bonds, it will not 
be symmetrical if it possesses some molecular dipole moment 
as in case of water (u = 1.84 D) and ammonia (u = 1.49 D). 
But if a molecule contains a number of similar atoms linked 
to the central atom and the overall dipole moment of the 
molecule is found to be zero, this will imply that the molecule 
is symmetrical, e.g. in case of CH; CCL: cic. 


Il 


x 100 = 16.83% 


4. Effect of EN and bond length on dipole moment: 

Since the electronegativities (EN) of halogens are more 
than those of C, so the (C — X) bond is polarised as 
(Sc* -X®°), and hence RX and ArX show dipole moment 
(u). 


H = q * d [q = charge, d = distance between the (C — X) 
bond] 


More the EN of halogen, more is the polarisation of 
fhe. (C == X) bond and thus greater are the charges on 
C X®). EN of halogens: F > CI > Br > 1. 


As the size of halogens increases, the bond (C — X) 
increases. 


The order of bond length of (C — X) bond: 
(C— D> (C — Br) > (C — Cl) > (C — F). 


Table 2.4 EN of X, (C — X) bond len 
dipole moments 


* EN values are measured b 


5. Calculation of resultant bond moments: Let XY and 


. Zero dipole moment: A molecule having two or more 


Chemical Bonding and Molecular Structure 2.27 
M ohaorved ' (I he CI) 4 (HC ig F) > (HC = Br) 


(HAC — 1) 


of (ILC — CI) ig higher than that of (H,C — F), 
due to the combined effect of 
difference between F 

Cl) is higher than t 
bond length of the (C. 
charge factor, 


charge and bond length. EN 
and CI is small, therefore, u of (HC 
hat of (I 14C — F). It explains that the 
— Cl) bond is more predominant than 


EN difference between F and Br or I is much more than the 
bond length difference in them. Therefore, in (C — Br) and 


(C — I), the charge factor is more predominant than bond 
length factor, 


gths, bond enthalpies and 


y Pauling scale. 


XZ are two polar bonds inclined at an angle 0; their dipole 
moments are u, and u, (Fig. 2.9). 


3 u, Y -§ 
X 
Ha 


Fig. 2.9 


l 
"pp = (ut +u? + 2m, p cos)? 


When 0 = 0°, u 
HR = Hy tp, 
When 0 = 180°, Hg IS Minimum. 


lp = Hi- 
orn <2 80" 
80" 


r (resultant dipole moment) is maximum. 


polar 
bonds may have zero net p when the molecule has regular 


structure as expected front hybridisation and centre of action 
of +ve and -ve poles concides, e.g. 


CCl, sp" 109° 28' 
3 o 0 
: p` 120° and 90 
PCl, sp J anc Zeon 
SF, spad? 90° 


IF spd? 72° and 90° 
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7. Distinguish between cis and trans isomers: Dipole 
moment can distinguish between geometrical isomers. 
Generally cis isomer has higher pu than trans isomer, e.g., 
a. cis and trans isomers of 1,2 - dibromo ethene. 


H Br H B 
Saer r 
Cy Ce” 
I a Net | 
C 
wre A 
H Br Br~ b- 
cis (u =+ 0) trans (u = 0) 


b. cis and trans isomers of but -2-ene 


H CH, H CH, 
z RA 
“ch~ Ca 
Net + || Il 
C ZC 
a aN 
H ‘CH, H,C CH, 
cis (u # 0) trans (u = 0) 


c. But if groups are different, then u of cis and trans may 
vary, e.g. 1-bromo propene. 


HL _ Ch; HL _ CH; 
Ce C ~ =x 
II —=—+ Net [| wet 
C ane C 
a <x N 
HO “Br Br `H 
(cis) (trans) 


Net resultant of trans isomer is greater than cis isomer. 
<. u (trans > u (cis)). 
8. Distinguish between o, m and p-isomers: 


u of o- > m- > p-forms 
Br 
© 
> © 
IR 


Br Br 
Be 
r 
Para (u = 0) 


Br 
ortho (u + 0) Meta (u # 0) 


‘able 2.5 Dipole moments of selected molecules 


linear 
linear 
linear 
linear 
linear 


(AB) 


bent 
bent 
linear 


Molecule 
(AB,) 


Molecule 
(AB,) 


tri gona. 
Pyramida] 
trigonal. 
Pyramidal 
'gonal-plan,, 
tetrahedra] 
tetrahedra} 
tetrahedra] 


u of NH, > NF, 

u of CH,Cl > CH,F > CH,Br > CHI 

u of CO, is zero but u of SO, + 0 

Why the lone pair of e ’s has no effect on the u of PH,, The 


bond angle in PH, is 92°. 
u of CH,Cl, > CHCl, 


n Of 


Ql 


(sp) (sp) 
(a) (b) 
Resultant — (u) of NH, Resultant — (u) of NF, 
= 4.90 x 10° Cm = 0.80 x 10°? Cm 


In NH,, the net moment of (N — H) bonds and the 
contribution from the /p e”’s (lone pair e ’s) are in the same 
direction and are additive [see figure (a) given above]. The 
net moment of the (N — F) bond opposes the dipole effect 
of the Jp e-’s in NH, and the resultant is less than u So, p 


of NH, > NF}. 


. The electronegatives of halogens decrease from F to I, So 


u of HF > HCI > HBr > HI. But y of CH,F is smaller than 
CH,CI due to shorter (C — F) bond distance, although EN 
of F is greater than that of Cl. 

Bond distance factor in CH,Cl overpowers the charge factor 
in CH,F. 


. In CO,, C is sp hybridised and linear. The bond moments 


of (C — O) are equal and in opposite directions and cancel 
each other. Hence, u is zero. 


:0 =C—O: 


In SO,, S is sp’ hybridised having one Jp e on S atom. 
(O — S — O) bond angle is nearly 120°, (S — O) >” 
moment does not cancel and shows a net resultant /- 


y 


Sx | 
i, % Net moment 


d angle suggests that P uses three p atomic 
bon 


ing bonds with H, with one /pe in 3s acu 
r Di is sp” hybridised (unlike NH,, in which 
IY sited) Ea 
ad due to the presence of Jp e”’s in 3s atomic orbital 
Leite f spherical symmetrical, the polarity of the 
j : pi i affected. In order to affect the polarity of the 
molec 


le, the e’s must be in a directional orbital. Moreover, 
e 
molecule, 


fP and H are nearly same, so PH, molecule is almost 
No 


E 
ant n 
| 
e. 
H Cl > Cl Cl 
Net bond Net bond 
moment moment 
CHCl =h 
D ? (II) 


In (1), all bond moments are in the same direction, so they 
are additive and the net resultant u is more than (II). 
In (II), the bond moment of one of the Cl atoms opposes, 


the net moment of the other two, so the net resultant u 1S 
less than that of (1). 


Arrange the following compounds in decreasing order of dipole 
moment values. Explain the order. 


a. CBr, b. CHBr, 
c CHBr, d. CH,Br 
‘Sol. The three-dimensional s 


tructures of three compounds along 


with the direction of dipole moments in each of their bonds are 


shown as below: 


Br Br 
Br Br Br H 
i Br V N Br 
(or) (or) 
Br Br Br Br 
a 


Net moment = 0 


Net moment (<+) 
(I) (CBr4) 


(II) (CHBr;) 
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Net moment (<+) 
(III) (CH,Br,) 


a. CBr, is symmetrical and therefore has =Q. 
CHBr,, the resultant of two (C—Br) dipoles, is opposed by 


the resultant of (C—H) and (C—Br) bonds, which is smaller 
than the former. Therefore, (CHBr,) shows u = 1.01 D. 


c. CH,Br,, the resultant of two (C—Br) dipole moments, is 


reinforced by two (C—H) bonds; therefore, (CH,Br,) shows 
u= 1.52, which is higher than that of CHBr.. 


- (CH,—Br), due to -I effect of Br, has the highest u. 
Therefore, the order of (u) is (IV) > (M > (II) > (1). 


s 


Assign orientation to the three chlorotoluenes with 

H= 1.3, 1.78, and 1.9 D. 

b. Assign orientation to the three cholornitrobenz 
= 2.5, 3.4 and 4.3 D. 

c. Which has higher u: (D 


enes with u 


Br or (II) PhBr? 
Me 
a. jH T { A Net 
Br 
t I Net 
E Cl 
Cl N 
Net moment Net m Net moment 
u=1.9D u=1.78D H=1.3 
Lt order =p>m>o 
b. m 
Cl Net ‘ t 
t fá xA Net 
ox Net 
aNO2 | 
NO, 
0 = 60° 0 = 120° 0 = 189° 
Net moment + > Net moment +> Net moment j 
u=43D u=3.4 u=2.5D 


p order =0>m>p 
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c. pof (I) > (D 
ji. Bromobenzene (Il) is resonance stabilised due to a — Ho x 100 
delocalisation of /p e~’s of the Br atom in the benzene a. Per cent ionic character ™ y 
ring. The (C — Br) bond acquires some double bond ve 102m 
character, while in (1) is a single bond, since it does not _ =a X 100 = 11.50, 
— Br) bond 16x10 Cx1.14 x10 m 5% 


undergo resonance. In other words, the (C 


in (11) is shorter than that in (1). 12D 


D 
b. 4= a 10x10cm 1.0 x10 cm 


çB" ®Br: :Br: 
iy A -1.2 x 10" esu 
The fraction of an electronic charge 


(I) j = 
EE a T 


Bromobenzene ; 


pi 1.2 X 10° esu cm 


C—Br)I Cyclohexyl = 
na ehea 4 4.8 X 107° esu e 


some double chloride 


bond character (No resonance) c. p= 1.85 D= 1.85 10 * esu cm =q * d 


ii.Due to more s-character, sp’-hybridised C is more EN 
than sp*-hybrid C atom; therefore, the sp’-hybrid C of 
the (C—Br) bond in (II) has less tendency to release e ’s 
to Br than an sp -hybridised C atom of (I). As a result, 
the (C—Br) bond in (I) is more polar than in (II), i.e. the 
magnitude of negative charge (5 ) is more on Br atom 


of (I) than in (II). 
/~Br (Less (~ve) charge) />Br (More (ve) charge) cos 52.5° = —2~ => d = 0.609 0.94 A 
PE ae a rs sp? | 0.94A 
E 
= 0.572A 
(II) (I) . p=q* d 
Therefore, u of (I) > (II) [since p = q x d (charge x p u 1.85 D 
distance)]. | 1 d 0.572 A’ 
MLLUSTRATION 2.18 i _ 1.85107 esu em 
Explain the following: a 0.572 x 10° cm 
Dipole moment of CH,F is 1.85 D i 
eas 3 and that of CD,F is =3.2x 10 esu 
GBD 1: is due to the large size of CD,F, b i ! : 
, but D is | 
H(p=q7d). 3 s less EN than a gi _ 32x 19710 
27 >) 5 


AS TRATION 2.19 =1.6* 10" egy 


a. The dipole moment of HBr is 2.6 x 10°30 Cm and interatomic 
ee is 1.4] A. What is the percent ionic cha 
i racter of d. 
. Adi j 
5 e pieni a H= 1.2 D. Its bond distance is | () 
. 01 electronic charge exist | 
F sts on each atom? 
E n gE bond angle is 105° The ie 
te ee H) is 0.94 A. u of HO = 1.85 D, Dalea 
a gnitude of the charge on the oxygen atom i ‘a 
olecule and hydrogen atom, ies 


d. BL isas i 
“3 ymmetrical plana | 
fat 130° bf on, ae r molecule, all the (B—I) bonds 


o 


e. Cal j 
culate the dipole moment of the following com 
. y . 
ON C] Given: Ho_ ag = ee os 
Hc _No, = OSY 


r= (9 fa, GA 


180° 


R? = P? + Q? +2PQO cos Q 


-= P? + Q? + 2PQ cos 180 
= P +Q -2PO 

R= (P-Q) 

R=(P-Q) 


R=3.95-1.55=2.4D 


. 
7.19 THE VALENCE SHELL ELECTRON 
~~ PAIR REPULSION THEORY 


Lewis concept does not explain the shape of molecules but me 
valence shell electron pair repulsion (VSEPR) theory pics 
the shapes of covalent molecules. Sidgwick and Powell in 1940 
proposed a simple theory based on repulsive interactions of the 
electron pairs in the valence shell of the atom. It was further 
developed and redefined by Nyholm and Gillespie (1957). 
The basic concept of VSEPR theory is given as: 
1. The central atom is linked to other atoms by covalent bonds 
by sharing of electrons and there may be some lone pairs (/p) 


of electrons present on central atom. The /p of electrons does 
not take part in the formation of bonds. 


Ld 


If the shared pairs on the central atoms are nearer, they will 
repel each other, which increases the energy of the molecule, 
thereby decreases the stability of the molecule. 


. If the shared pairs on the central atom are far away, The 
repulsions between them will be less which decreases the 


energy of the molecule, thereby increases the stability of the 
molecule. 


Ww 


After repulsion between them, the shared pairs take up 
defined positions around the central atom, hence the molecule 
adopts a definite shape or geometry. 


2.19.1 MAIN POSTULATES OF VSEPR THEORY 


The main postulates of VSEPR theory are as follows: 


1. The shape ofa molecule depends upon the number of valence 


Shell electron pairs (bonded or non-bonded) around the 
Central atom. 


- Pairs of electrons in the valence shell repel one another since 
their electron clouds are negatively charged. 


- These pairs of electrons tend to occupy such positions in 
Space that minimise repulsion and thus maximise distance 
between them. 


4. The valence shell is taken as a sphere with the electron pairs 
localising on the spherical surface at maximum distance 
from one another. | 

5. A multiple bond is treated as if it is a T ais 
and the two or three electron pairs of a multiple bond are 
treated as a single super pair. 
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6. Where two or more resonance structures can represent 
a molecule, the VSEPR model is applicable to any such 
structure. 


7. The repulsive interaction of electron pairs decrease in the 
order: 


Lone pair (/p) — Lone pair (/p) > Lone pair (/p) — Bond pair 
(bp) > Bond pair (bp) — Bond pair (bp) 


2.19.2 REFINED VSEPR MODEL By NYHOLM AND 
GILLESPIE 


Nyholm and Gillespie (1957) refined the VSEPR model by 
explaining the important difference between the lone pairs and 
bonding pairs of electrons. 


1. While the lone pairs are localised on the central atom, each 
bonded pair is shared between two atoms. As a result, the 
lone pair electrons in a molecule occupy more space as 
compared to the bonding pairs of electrons. 


. This results in greater repulsion between lp of electrons 
as compared to the /p—bp and bp-bp repulsions. These 
repulsion effects result in deviations from idealised shapes 
and changes in bond angles in molecules. 


Molecules are divided in two categories for the prediction 
of geometrical shapes of the molecules: 


a. Molecules in which the central atom has no lone pair. 


b. Molecules in which the central atom has one or more 
lone pairs. 


Table 2.6 shows the arrangement of electron pairs about a central 


atom A (without any lone pairs) and geometries of some molecules/ 
ions of the type AB. 


Table 2.7 shows shapes of some simple molecules and ions in 
which the central atom has one or more lone pairs 


Table 2.8 explains the reasons for the distortions in the geometry 
of the molecule. 


In the compounds of AB,, AB,, AB,, AB, and AB,, the 
arrangement of electron pairs and the B atoms around the central 
atom A are linear, trigonal planar, tetrahedral, trigonal 
bipyramidal and octahedral, respectively (Table 2.6). 

For Example, BeCl, (AB,), BF, (AB,), CH, (AB,) and PCI, 
(AB,) are shown in Fig. 2.10. 


180° P 
fo ~ pau; 109.5° a 
o 
120 
BeCl, BF, CH, PCI, 


Fig. 2.10 The shapes of molecules in which central ` 
atoms has no lone pair 
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Table 2.6 Geometry of molecules in which the central atom has no lone pair of electrons 


S.No. | Number Seah pairs Arrangament t of olectron pairs k -Molecular geometry | 


HAM as 
10" Be A- B jier E Wit | 
Inea | l 
, PA A Mes Linea | 
TESS Linear 
. | iy, 
| 


JN i L 120° 
[j L B 
goa planar Trigonal planar 
ij SN, nH? 
109.5° l 
B > I 
*« 5 
Tetrahedral W, | 
W: Peis S 
SF, 


| Octahedral Obtahedial 
Note: A represents central atom/ion. B represents atom(s) attached to central atom of covalent bond. E represents the Ip of electrons 


present on central atom/ion. 


Table 2.7 Shape (geometry) of some simple molecules/ions with central ions having one or more Ip of e’’s (E) 
flone | Arrangement of 
electron pairs 
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Tetrahedral —- 


a m 1 
See-saw SF, 


Trigonal 
bipyramidal 


p | The | aR 
a | 
| PN Arrow | 
B shape | 
Trigonal | 
bipyramidal | 


B Square pyramid BeF 
B JB 
B’ | “B 


| 
Octahedral | 


T Square planer 
D ddi | 
B’ | “B | | 
Octahedral 
atom(s) attached to central 


XeF 


‘Note: A represents central atom/ion. B represents 


atom of covalent bond. E represents the lp of electrons 
~ present on central atom/ion. 


Table 2.8 Shapes of molecules containing bond pair and lone pair 


Reason of the shape acquired 


2 s © Bent Theoretically the shape should have 
ORR: a | been triangular planar but actually it is 

= 119.50 7 age ae | found to be bent or V-shaped. The reason 

being the [php repulsion is much more 

| as Compared to the bob repulsion. So, 

the angle is reduced to L19.5° from 120°. 

N Trigonal | Had there been a dp in Place of Ip the 

, <k N `y pyramidal nie j would have been tetrahedral but 
y ne one Pale is present and due to the 

repulsion between lp and bp (which is 
pe Q) i more than òp and bp repulsion) the angle 

’ v a between bond pairs is reduced to 107°. 
; tS we | trom 109.59 | 
H \ H | | 
KON ii | 
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The shape should have been tetrah oS 
if there were all bp but two {p are p, ma | 
so the shape is distorted tetrahedr, i 

angular. The reason IS lp-lp repulsi,” 
more than /p—bp repulsion which ig iN | 
than bp—bp repulsion. Thus, the angle 
reduced to 104.5° from 109.5°, i 


In (a), the Ip is present at axial Position, | 


See-saw 


° 39 
AB,E d . OF OF or folded | there are three Ip—bp T 90° | 
h pg p: g i (b), the /p is on equatoria position, ang 
a eee square there are two /p—bp repulsions, Heng, 
F F or arrangement (b) is more stable. The shane 
F F distorted | shown in (b) is described as a distor, 
| r | _-F | tetrahedral | tetrahedron, a folded square OF a See-say | 
we Pauly fat “| 
b. :S S224 
ivr Ss 
F fig 
F 
(More stable) 
In (a) the /p are at equatorial position, 
5. ABE; 3 2 so there are less lp—bp repulsions as | 
l ‘ hers in which the Ip are + 
compared to others Ip are a 
| ‘ a an axial positions. So, structure (a) is moş 
| i 4 stable (T-shaped). 
| 
| | 
| F F 
| | b | 
e ‘CESE 
| Z 
F 
| AE 
| F—- Cl 
| c NF 


Note: A represents central atom/ion. B represents atom(s) attached to central atom of covalent bond. E represents the Ip of electrons 


present on central atom/ion. 


Note: In predicting geometry of molecules containing double 

bond, the double bond is considered as one electron pair. For 

example, in case of ozone, its two resonating structures are 
Ö—ö=ğ <> 6=6—6: 

In each structure, the central atom has one lone pair and two 


bond pairs (counting double bond as one bond pair). Hence, it 
has a bent shape. 


O PR Ö 


2.19.3 APPLICATIONS OF VSEPR THEORY 


1. The VSEPR theory is able to predict geometry of a large 
number of molecules, especial] 
elements accurately. 


y the compounds of p-block 


2. Itis also quite successful in determining the geometry quit 
accurately even when the energy difference between possibl 
structures is very small. 


2.19.4 LIMITATIONS OF VSEPR THEORY 


1. It had limited application because it is unable to predict the 
shape in a number of cases, 


- Effect of electron pair repulsion on molecular shape is no 
very clear. 


3. Direction of electron pairs does not seem to very rational 


2.20 VALENCE BOND THEORY 


z . ®©: e: il 
Lewis approach helps in writing the structure of molecules, bU 
fails to explain the formation of chemical bond. It also does ™ 
Sive any reason for the difference in bond dissociation enthalp” 


P 


a n ths ý 
a pond le : 0.6k] mol i 
as dis formed by the sharing of an electron paii 
n i . . ' f 

z atoms. It also gives no idea about the shapes 
iagt" é respective a 
olecules. 


sales ad as H, (435.8 kJ mol |, 74 


a mole 
9 | 42 pm), although in both the cases a 


wen ie m 

nc l , 
ipe vaton VSEPR theory gives the geometry of simple 
t 1e oO 


imila" j oretically. it does not explain them and also it 
ations. To overcome these limitations, the two 


ries based on quantum mechanical principles are 
r- ores 5 

wta f 
| 1 : ace are \ 
produced. These in 
vil theory (MO?). 
t 


bond theory was introduced by Heitler and London 
nce C J 


vale ed further by Pauling and Slater. 


977) and develop . 
o < hased on the following information: 
VBT 18 


|, Electronic configuration of elements. 


Knowledge of atomic orbitals. 


to 
s 


Overlap of atomic orbitals. 


taa 


4. Hybridisation of atomic orbitals. 
5: 


Principles of variation and superposition. 


2.20.1 VBT IN TERMS OF ENERGY CONSIDERATION 

When two atoms are far apart from each other, there is no 

interaction between them. When they come closer to each other, 

+e new forces come into operation. These forces are of two types: 
1. The forces of repulsion between the nuclei of these combining 
atoms and between the electrons of these atoms. These forces 
tend to increase the energy of the system. 

2. The forces of attraction between the nucleus of one atom and 
electrons of the other atom. These forces tend to decrease 
the energy of the system. 

If in a system, these new forces can decrease the energy, 
then possibility of chemical bonding exists and if these 


forces lead to increase in energy, the chemical bonding is 
not possible. 


2.20.2 FORMATION OF H, MOLECULE 


Consider two hydrogen atoms A and B approaching each other 
having nuclei N, and N, and electrons present in them are 
"presented by e , and ep. When the two atoms are at large distance 
from each other, there is no interaction between them. As these 


two atoms approach each other, new attractive and repulsive forces 
begin to Operate. 


Attractive forces arise between (i) nucleus of one atom and its 
wn electron, i.e. N,—e, and N,~ €p and (ii) nucleus of one atom 
and ele . 5 J 

ctron of other atom i.e., N} - €p Ng Cn 


Similarly, repulsive forces arise between (i) electrons of two 
‘toms like €,— ep: and (ii) nuclei of two atoms N, -~ Nyy 


Attractive forces bring the two atoms close to each other whereas 
€pulsive forces push them apart. (Fig. 2.11) 
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h 2 7 ____ Old forces 
Sa, New forces 
ia" 
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Repulsive forces 


Fig. 2.11 Forces of attraction and repulsion during the formation 
of H, molecule 


The magnitude of new attractive force is more than the new 
repulsive forces. As a result, two atoms approach each other and 
potential energy decreases. Ultimately a stage is reached where the 
net force of attraction equals the force of repulsion and the system 
acquires minimum energy. At this stage, two hydrogen atoms are 


bonded together to form a stable molecule having the bond length 
of 74 pm. 


Since the energy gets released when the bond is formed 
between two hydrogen atoms, the hydrogen molecule is more 
stable than that of isolated hydrogen atoms. The energy so 
released is called as bond enthalpy, which is corresponding 
to minimum in the curve depicted in Fig. 2.12. Conversely, 


435.8 kJ of energy is required to dissociate one mole of H. 
molecule. 


Harg) —> Hie) + Hig) AH = 4335.8 kJ mol” 
Y Repulsion 
—+ ™) YN Y \ 
© | W \ YX `~ Ni ` 
= | i i i 
i | l 
Es | i \ i 
— i | t 
ma | | ft | | 
D | \ \ 
G | i ' 1 
i [] | 2 
J | > ean e 
E \ Distance of separation 
\ 
© \ ' 
ne PE decreases as 
1 \ Bond atoms come closer 
Bond \ energy , TES. 
ve | length y © Point of minimum 
(495. Bbagnese - energy or maximum 


dl sie stability 

—— Internuclear distance —> 
Fig. 2.12 The potential energy curve for the formation of H, molecule as 
a fu 


nction of internuclear distance of the H atoms. The minimum in the 
curve corresponds to the most stable state of H,. 
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2.36 Inorganic Chemistry l ——— o 
ete e a .4 ORBITAL 
2.20.3 WHY HELIUM MOLECULE (He,) nee BOND J 
IS NOT FORMED ding to this concept, 4 covalent bond is formeg 
f He approaches to each other, four new According to ©? -filled orbitals containin h 
When the two atoms of He app partial overlap of two half-fi g eleen 


forces of attraction and five new forces of repulsion occurs. 
The attractive forces are between the two nuclei and the four | menisi 
electrons of the two atoms while out of the repulsive forces, me The ‘partial overlap ! i i ovale orbitals becomes come "y 
is between nuclei of the two atoms and the remaining four are each of the two half-fillec ips odie eleen ni nig A 
among the electrons. As a result of these new interactions, repulsive a result, the probability of finding NANA € rep; $ 
forces are greater than the attractive forces and S> E overlap is much more than at other places. Thus, the two elect 


, . è Oh 

‘ ' ê. : A 

of the system increases. Hence, no chemical bond is possibl (with opposite spins) although keep on exchanging Posit, 
atoms but are present for maximum tim, 


, ite spins. 
with opposite sp hat a part of the electron Clon, 


[Figs. 2.13(a) and (b)]. ha two 
F a2 eR aa overlap and hence are attracted to a the De 
NS simultaneously thereby forming a bond meee the two atom, 
om ios In fact, after the overlap, the two atomic orbitals merge into « 
o z He other resulting into the formation ofa new orbital called Molecy, 
sia a) < Atom (B) orbital. l 
a es To understand the concept more clearly, consider the fol lovin 
7 eB examples: l 
New forces of attraction 1. Formation of H, molecule: In the formation of hy droge, 
aaa molecule, there is a minimum energy state when tw 
: (a) i hydrogen atoms are SO near that their atomic orbitals underg, 
oH partial interpenetration. This partial merging of atom, 
ji e K j orbitals is called overlapping of atomic orbitals which resyj, 
ae Sr in the in the pairing of electrons. 
aa | s ae a. The extent of overlap decides the strength of a covalen 
red A) A - f Atom (B) bond. In general, greater the overlap the stronger is the 
oN bond formed between two atoms. 
eA J Nep b. Therefore, according to the orbital overlap concept 
New forces of repulsion the formation of a covalent bond between two atoms 
results by pairing of electrons present in the valence 


shown by solid lines 


(b) shell having opposite spins. 


Fig. 2.13. (a and b) New forces of attraction and repulsion in The molecule of H, is formed due to overlap of 1 s-orbital 
See AL Nen Ree ater Ap praa ching each othar of two H-atoms (i.e. s-s overlap), when they combine with 


each other (Fig. 2.15). 


Thus, energetically the formation of helium molecule is not — ne 
possible because there is an increase in the potential energy of the Ay T / 
system when two helium atoms approach each other as shown in ® Ic tC | ® — ® {| ® 
Fig. 2.14. | y X | 
H-atom H-atom H, molecule 
or in terms of electron cloud picture 
: isi RISA a “tt as oer 
5 u Di: te: + Srey | ne uar 5: x tay or 
7 Aia DA DRA NOA . neon ae 
Z tee tte a Ta Ne a, S AAT NA = 
oh A k i ates ETS ee? 
z Is-atomic Is-atomic Overlapping takes 
z orbital orbital 
8 a place. Covalent 
g . 
E bond is formed 


Fig. 2.15 Formation of hydrogen molecule 


2, ee of hydrogen fluoride molecule: In case of 
T m of hydrogen fluoride molecule, when one atom 
uorine (valence electronic configuration. 2s? 2 p? 2p, 


, 2p,') havin 
ea o =s o l 
M1. 2.14. Variation of potential energy when two helium H-atom ith ç unpaired €” in its p-orbital comes closer" 
atoms approach to each other with e ’s ofo 


Internuclear distance ag 


T opposite spin in its 1s-orbital, then th 
owo half filled orbitals overlap each other and a chemi?! 
nd 1s formed between the two atoms | 


HF molecule 


F-atom 


H-atom 


t 
h 
uN Fig. 2-16 Formation of HF molecule 
Ny, . f 
X ration of fluorine molecule: Wher an atom 0 
K 3, "a (valence electronic configuration: 2s” 2p; 2P, 2Ppz) 
| h, nue hes another atom of fluorine having an electron of 
pÀ appe spin in 2p orbital, the half-filled orbitals overlap 
site z . r 

A s other resulting in the formation of a fluorine molecule 

N ea 
mm, N \ 
w, 2p, 2p. ; 
ol. l 

Soe" Oe  @ a 
l A D-a 2p = iy = 

oa So 

(A 
W 

h F-atom F-atom F, molecule 
i Formation of fluorine molecule 
w 

aly 


w 2.20.5 EXISTENCE OF ONLY H, AND NON- 
] EXISTENCE OF SPECIES LIKE H, AND H, 


è This can be easily explained on the basis of orbital concept. A 
Tit hydrogen atom contains only one half-filled atomic orbital (1s) 
which can overlap with the half-filled atomic orbital of another 
ne hydrogen atom, forming H,. No more half-filled atomic orbital is 
ap available and so no more bond can be formed. 
- Non-formation of He,: This can also be explained on the basis 
of orbital concept. A helium atom contains fully-filled atomic 
tig orbital (1s*) which cannot overlap with the 1s orbital of another 
helium atom because only half-filled atomic orbitals can overlap 
with each other. Thus, He, is not formed. 


2.20.6 DIRECTIONAL PROPERTIES OF COVALENT. 
BONDS 


In case of polyatomic molecules such as CH 4 NH, and H,O, the 
geometry of the molecules is also important in addition to the 
bond formation. For example, why is it so that CH 4 molecule has 
tetrahedral shape and HCH bond angles are 109.5°? Why is the 
shape of NH, molecule pyramidal? 


The valence bond theory explains the formation and directional 
Properties of bonds in polyatomic molecules such as CH 4 NH, and 
HO etc. in terms of overlap and hybridisation of atomic orbitals. 


2.20.7 OVERLAPPING OF ATOMIC ORBITALS 


When two atoms come close to each other, there is overlapping 
of atomic orbitals. Using the approropriate signs for the wave 
function of atomic orbitals the overlap may be x 
Positive, negative or zero depending upon the 
| Properties of overlapping of atomic orbitals. 
| The various arrangements of s and p orbitals | 7 
resulting in positive, negative and zero overlap 
are shown in Fig. 2.17. 
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Note: z-axis is chosen as the internuclear axis. Sign ® and © 
are not charges but represent the phases of the waves of atomic 
orbitals as shown. 


Negative overlap 
-CQN 
P, P, 
(e) 


-><A 
P, P, 
(a) 


P, P, P, 
(i) 0) 


Fig. 2.17 Positive, negative and zero overlaps of s and p atomic orbitals 


2.20.8 MAIN POINTS OF VBT 


Two essential conditions for the formation of a chemical bond 
are as follows: 


1. There should be maximum overlapping of the involved 
atomic orbitals of the two atoms. 

2. Each of the two involved atomic orbitals must have one 
unpaired electron with an opposite spin. 

The orbital concept was presented by Heitler and London, 

in 1927. This concept is also known as valence bond theory 

or modern concept of covalent bond. The main points ofthe 
theory are as follows: 

a. A covalent bond is formed by overlapping of atomic 
orbitals of valence shell of the two atoms. 

b. Only half-filled atomic orbitals, i.e. orbitals singly 
occupied can enter into overlapping process. The 
resulting bond acquires pair of electrons with opposite 
spins, 

c. The atoms with half-filled orbitals must come closer 
to one another with their axes in proper directions for 
overlapping. 


| 
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d. As a result of overlapping, there is maximum electron 
density somewhere between the two atoms. A large 
part of bonding force comes into existence from the 
electrostatic attraction between the nuclei and the 
accumulated electron cloud between them. 

e. Greater the overlapping, higher is the strength of the 
chemical bond. The amount of energy released per mole 
during overlapping is termed bond energy. This energy 
stabilises the system. Hence, the molecule formed has 
less energy and consequently more stability than the 
isolated atoms. 

f. Electrons which are already paired in valence shell can 
enter into bond formation if they can be unpaired first 
and shifted to vacant orbitals of slightly higher energy 
of the same main energy shell (valence shell). This point 
explains the trivalency of boron, tetravalency of carbon, 
pentavalency of phosphorous, hexavalency of sulphur 
and heptavalency of halogens (Cl, Br, !) inspite of the 
fact that these atoms have paired orbital or orbitals in 
the valence shell. 


2s 2p 25 2p 
B uae C TT 
pra HHE gy 
state state 
One electron is shifted One electron is shifted 
to p-orbital to p-orbital 


P 
35 


3p 3d 
LT ITT) 
HENSE 


One electron is shifted 
to d-orbital 


g. Between two orbitals of the same stability (i.e. having 
same energy) one more directionally concentrated 
would form a stronger bond. Dumb-bell-shaped 
p-orbitals will form stronger bond as compared to 
spherical symmetrical s-orbitals. It is formed by head 
on or axial overlap. 


2.20.9 TYPES OF OVERLAPPING AND NATURE OF 
COVALENT BONDS 
The covalent bond may be classified into two types depending 
upon the types of overlapping: Sigma (o) bond and pi (r) bond. 
1. Sigma (c) bond: This type of covalent bond is formed by the 

end to end (head-on) overlap of bonding orbitals along the 
internuclear axis. This is called as head on overlap or axial 
overlap. This can be formed by any one of the following 
types of combinations of atomic orbitals, 


a. s-s overlapping: In this case, there is overlap of two 
half-filled s-orbitals along the internuclear axis as shown 
below: 


O-O-O 


s-orbital s-orbital s-s overlapping 


b. s—p overlapping: This type of overlap occurs ben 
half-filled s-orbitals of one atom and halt." 
p-orbitals of another atom. leg 


QOico-CRo 


s.-orbital p.-orbital S—p, overlapping 


c. p-p overlapping: This type of overlap takes 7 
between half-filled p-orbitals of the two approach: | 
atoms. Np 


Oa 1 On — Once 
J 


-orbital = , 
p,-orbital p,-orbita PrP: Overlapping 


2. pi (1) bond: In the formation of 7 bond the atomic orbit 
overlap in such a way that their axes remain paralle] X 
each other and perpendicular to the internuclear axis Th 
orbitals formed due to sidewise overlapping consists of tye 
saucer type charged clouds above and below the plane i 
the participating atoms. 


+ y —> or = 
$o 
p-orbital p-orbital p-p overlapping 


2.20.10 STRENGTH OF SIGMA AND Pi BONDS 


Basically, the strength of a bond depends upon the extent of 
overlapping. In case of sigma bond, the overlapping of orbitals 
takes place to a larger extent. Hence, it is stronger as compared t 
the pi bond where the extent of overlapping occurs to a smaller 
extent. Further, it is important to note that pi bond between two 
atoms is formed in addition to a sigma bond. It is always presen 
in the molecules containing multiple bond (double or triple bonds). 


The bond strength order of the following molecules is: 


H-F> H-H> F-F 
(1s — 2p) (1s — ls) (2p — 2p) 
Overlap Overlap Overlap 
Note: 
i A n bond is never formed alone. It is formed along with 
ao bond. 


ii Whenever there is a multiple bond, i.e. double and tnplè 
bonds, m bond is formed. 

iii. In m bond, the electron density lies above and below thè 
imaginary line joining the centres of nuclei of bonded 
atoms, 


Table 2.9 Comparison of sigma and pi bond 


1. The bond is formed by 
sidewise overlapping ° 
orbitals (lateral overlappine . 
It includes p-p overlapp"™ 
(Py ~ Py Py — Py) 

2. Electron cloud is usy™ 
metrical. 


Sigma bond 
1. The bond is formed by the 
overlap of orbitals along 
their axes (end to end 
overlap). It includes s-s, s- 
p, and p-p, overlapping. 


2. Electron cloud is sym- 
metrical about the line 
Joining the two nuclei. 


_—_e—_—-_eeeseoe: -- ee - 


ce 3. It is a weak bond. 
se are less reactive. 


thes 4. These are More reactive. 
= The shape ofthe molecule | 5. These bonds do not affect the 
yn determined by these shape of the molecule, 

A sesiattatiamee 

There can be free rotation | 6. Free rotation is not possible 

| af atoms around this bond. around this bond, 

= g-bond can have indepen- | 7. n-bond always exists along 
| 4 dent existence. with a o-bond. 
rg o-electrons are referred as | 8. m-clectrons are referred as 
| mobile electrons, 


120.11 EXAMPLES OF FORMATION OF COMPOUNDS 
BY ORBITAL OVERLAP CONCEPTS AND THE 
FAILURE OF ORBITAL OVERLAP CONCEPT 


The criterion of overlap for the formation of covalent bonds 
sonlies uniformly to homonuclear/heteronuclear diatomic and 
palvatomic molecules. 

" Shanes of polyatomic molecules such as, CH 4 NH, and H,O 
xe tetrahedral. pyramidal and bent respectively. But simple atomic 
spital overlap does not account for the directional characteristics 
“bonds and bond angles in the molecules such as CH y» NH, and 
z0 and other molecules or ions. 

1. Formation of CH, molecule: Valence electronic 
configuration of C in its ground state = 2s* 2p”. Valence 
electronic configuration of C in its excited state is 2s' 2p: 
Ip, 2p: 

The energy required for this excitation is compensated by 
the release of energy due to overlap between orbitals of 
C and H atoms. 


jocalised. 
ocalise?. 


H = s-s overlap H À C | 
1» + \ Vv Forms one HI) 
o-bond i 
is orbital 2s orbital 15 2s 
ome Hatom ofC atom (Spherical 
symmetrical) 
(a) 
x 
= A r ay i, H J 
a ‘va (i ) ) 0| 90° 
H'#) + a Jz —> H( Cl) H Ce H 
HA, J A ) A 
a onals Three p-orbitals Forms 4 øo bonds Angle H-C-H 
‘Haos of C atom = 90° 
Note: Observed 
angle = 109° 28' 
(b) —— 
2s 2p 
C atom : miat 
H atom: nee E 
n [4] i 
3 ! f | 
H atom: | 1 i 
H atom: Di J 
Fig. 2 i (c) 
oi “18 (a and b) Formation of CH , molecule by s-p overlapping. 


n 
other method of representing the formation of CH, molecule 


> 
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The four atomic orbitals of carbon, each with an ine 
electron can overlap with the Is orbitals of the four 


atoms which are also singly occupied. This will result in 
the formation of four C-H bonds. It was found that while 


` the three p orbitals of carbon are at 90° to one another, the 


HCH angle for these will also be 90°. That is, three C-H 
bonds will also be oriented at 90° to one another. 

The 2s orbital of carbon and the Is orbital of H are 
spherically symmetrical and they can overlap in any 
direction. Therefore, the direction of the fourth C-H bond 
cannot be ascertained. 

This description does not fit in with the tetrahedral HCH 
angles of 109.5°. Clearly, it follows that simple atomic 
orbital overlap does not account for the directional 
characteristics of bonds in CH, [Figs. 2.18(a), (b) 
and (c)]. 


. Formation of H,O molecule: Valence electronic 


configuration of O atom (Z = 8) is 25 2p- 2p; 2p, 1.e. it 
has two orbitals singly occupied. These two orbitals overlap 
with 1s-orbitals of 2H-aotms forming 20-bonds. 

Since the two orbitals of O atom are at right angles to each 
other an angle of 90° is expected between 25 bonds but 
the actual bond angle observed is 104.5° [Figs. 2.19(a) 
and (b)]. 


x 


Hy 

y pe H 
O) Na oF _ 90° 
i 


+ Sf z— Gove or :O+-H 


ls orbitals of Three p-orbitals Forms 20 Angle H-O-H 
2H atoms of O atom bonds = 99° 
. Note: Observed 
| angle = 104.5° 
(a) 
2s 2p 


O atom: 1 tit | 
H atom: T | 


ion | 


H atom: n 


(b) 


Fig. 2.19 (a) Formation of H0 molecule by s-p overlapping. 


(b) Another method of representing the formation of H,0 molecule 


a 


Formation of NH, molecules: Valence electronic 
configuration of N atom (Z = 7) is 2s”, 2p: 2p! 2p, 5 hecit 
has three singly occupied orbitals. These orbitals overlap 
with ls-orbitals of 3H-atoms forming 30-bonds. 


Since the three orbitals of N atom are at right angles to each 
other, the expected angle between H — N —H (i.e. between 
20-bonds) should be 90° but observed bond angle is 107° 
[Figs. 2.20(a) and (b)]. 
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x 
y H 
© Na u We |_90° 


d > N or ia 


Is orbitals Three p-orbitals Forms 3 o-bonds Angle H-N-H 
of 3 H atoms of N atom = 90° 


Note: Observed 
angle sag 
(a) 


2s g 
N atom: Kun 


H atom: 
H atom: 


H atom: a 


(b) 


Fig. 2.20 (a) Formation of NH, molecule by s-p overlapping. 
(b) Another method of representing the formation of 
NH, molecule 


Calculate the number of o, 7 and non-bonding (i.e. lone pair) 
electrons in the following compounds. 

a. H,C=CH-CH=CH, 

b. H,C - C = C - CH = CH - CH, 


e. e a 


No. of o-bonds = 9 
No. of n-bonds = 2 


o 
o 
C = C pa H | No. of non-bonding 
e’s=0 


No. of o-bonds = 13 
No. of n-bonds = 3 
0 


No. of non-bonding e~’s = 


H 
| 
C 
c HZ c2 S c2H No. of o-bonds = 12 
o o No. of n-bonds = 3 
C C No. of non bondin 
HG O o oH e’s=0 8 
|o 
H 
H H\o o JH O: H 
sl g 6 eG | 
d. H~N& a Yp ae 
O oO lo 
nó ° SH H 
No. of o-bonds = 20 
No. of z-bonds = 4 
No. of non-bonding e~’s = 10 
No. of lone pairs (/p) = 5 
e. 
H H O: H H 
lo |o zlo ol dø 
a—c— C=C —C=C —C [Ct Ca 
Io |, 
H 
H—C—H 
a o 
lo 
H 


No. of o-bonds = 19 


No. of n-bonds = 6 
No. of non-bonding e~’s = 6 
No. of lone pairs (lp) = 3 


2.21 CONCEPT OF HYBRIDISATION 


Acovalent bond is formed by the overlap of half atomic orbital (tè 
containing one electron). Therefore, the covalency of the elemet! 
should be equal to the number of half-filled orbitals present ne 
atom of the element. However, on the basis of VBT, the formate? 
and their properties (e.g. bond characteristics, such as bond leng 
and bond energy) of many compounds such as those of B, Bear 
C (e.g. BeF,, BF, and CH,) could not be explained. 

Considering the valence electronic configuration of B 
C in the ground and excited state are as follows: 


e, Ba 


Valence electronic 
configuration '" 
excited state 


Element 
with atomic 


Valence electronic 
configuration in 
ground state 


Be (Z = 4) 


C(Z=6) 


te 
, Valence electronic configuration of Be, B and C in gf ound i 
shows that they possess 0, 1 and 2 covalenceis respective y a 


Be has no half-filled AO’s, B has one and C has two. BUt®® | 


BeF,, (ii) B has 

` > eve 2° de 

i covalency of 3 in BF, and (iti) C has a covalency of 4 in CH 
4? 


ccl R CO, etc. 

The sow" noose wes solved by considering that under the 
conditions at pons formation the 2s-paired orbital gets unpaired 
and one electron ‘$ promoted to the vacant 2p orbital without 
consuming excessive energy. 


q was observed that (1) Be has a covalency of 2 in 
it was 


For example, consider the formation of CH, 


25 2p 


C atom in ground state: nah 
C atom in excited state: 


Thus. in the excited state the C has four half-filled orbitals which 
are available for overlapping and thus forms four bonds with H 
stoms to form a molecule of CH, [as shown in Figs 2.18 (a), (b) 
and (€)]- 

From Figs. 2.18(a). (b) and (c), it is clear that three (C-H) 
bonds are formed by the overlap of three 2p-orbitals of C with 
js-arbital of each H atom. The fourth (C-H) bond is formed by 
he overlap of 2s-orbital of C with 1 s-orbital of H atom. Thus, 
one bond is different from the other three. But this is not true. The 
CH, molecule possesses the following characteristics: 

j. All the four (C-H) bonds are identical as shown 

experimentally by the formation of only one monochloro 


methane. 


cH, —2“> CH,Cl 


tu 


_ All the four bonds are not present in the same plane. Actually, 

there is a tetrahedral bond angle, i.e. 109° 28’. Thus, it is 
observed that all the four (CH) bonds in CH, molecule are 
of equal bond strength and bond length. 
Hence to have four identical (C-H) bonds, C atom must 
contribute a set of four equivalent orbitals. This is possible 
when one 2s- and three 2p-orbitals of C atom in the excited 
state mix together to form four equivalent orbitals. 


2.21.1 HYBRIDISATION 


1. The process of mixing of atomic orbitals belonging to 
the same atom of slightly different energies so that a 
redistribution of energy takes place between them resulting 
in the formation of new set of orbitals of equivalent energies 
and shape is called hybridisation. The new orbitals thus 
formed are known as hybrid orbitals. Unlike pure orbitals, 
the hydrid orbitals are used in bond formation. 

2. It is a hypothetical concept and has been introduced by 
Pauling and Slater in order to explain the characterisic 
geometrical shapes of poly atomic molecules such as CH,, 
NH, and H,O. 

- The energy required for excitation of electrons becomes 
avaliable when the combining atoms approach each other 


because energy is released when combining atoms approach 
each other. 


ane That is why hybridisation never takes place in isolated 
toms but occurs only at the time of bond formation. 


> 
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hi sped otitis (2: - and 

4. The shape of hybrid orbitals (e.g. made from a ou 
p-orbitals) is like that of p-orbital except that the two o 

there is one small lobe (with —ve 


are unequal in size, i.e. 
; ith +ve sign) on the other side 


sign) opposite to a big lobe (w 
(Fig. 2.21). 
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Fig. 2.21 Representation of a hybrid orbital 


2.21.2 SALIENT FEATURES OF HYBRIDISATION 


The main features of hybridisation are as follows: 


1. Only atomic orbitals of nearly same energy belonging to 
same atom or ion takes part in hybridisation. 

2. The number of hybrid orbitals is equal to the number of 
atomic orbitals that get hybridised. 

3. The hybridised orbitals are always equivalent in energy and 
shape. 

4. The electron waves in hybrid orbitals repel each other and 
thus tends to be farthest apart. 

5, Hybrid orbitals form only sigma (o) bond. 7 bond is always 
excluded from hybridisation. 

6. The hybrid orbitals are more effective in forming stable 
bond than the pure atomic orbitals. 

7. These hybrid orbitals are directed in space in some preferred 
direction to have minimum repulsion between electron 
pairs and thus a stable arrangement. Therefore, the type of 
hybridisation indicates the geometry of the molecules. 


2.21.3 IMPORTANT CONDITIONS FOR HYBRIDISATION 


1. The orbitals undergoing hybridisation should have almost 
equal energy. 

2. Promotion of electron is not an essential condition prior to 
hybridisation. 

3. It is not necessary that only half-filled orbitals participate in 
hybridisation. In some cases, even filled orbitals of valence 
shell take part in hybridisation. 

4. The orbitals present in the valence shell of the atom are 
hybridised, i.e. it is the orbitals and not the electrons that 
undergon hybridisation. For example, four orbitals of 
N atom (28° 2p," 2p,| 2p.') belonging to valence shell when 
hybridise, form 4-hybrid orbitals, one of which contains two 
electrons (as before) and other three have one electron each. 

5. The molecule has a regular geometry if all the hybrid 
orbitals after overlapping contain shared pair of electrons 
(i.e. bonding electrons). 


6. If, however, the central atom is surrounded by one or more 


orbitals containing lone pairs (/p) of electrons in the valence 
shell, the geometry of the molecule is distored to some 
extent. The bond angle is also affected to some extent, due 
to repulsion between /p’s with bp’s. Such observation has 
been found, for example, in the NH, and H,O molecules. 
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2.21.4 TYPES OF HYBRIDISATION 


The different types of hybridisation are as follows: 


120° A 


1. Diagonal or linear or sp hybridisation: When one s- and Piana 
one p-orbital belonging to the same main shell of an atom 
are mixed together to form two new equivalent orbitals, the 
type of hybridisation is called sp hybridisation or diagonal 


sp hybrids 


, CL e 
hybridisation. The new orbitals formed are called sp hybrid | A 
orbitals. l gae] 
They are collinear with an angle of 180° as shown. m ! r penae 
180° ci w= 
Fig. 2.23 Formation of sp” hybrids and the BCL, molecule 
, ý Each of the hybrid orbitals formed has one-third s characte, 
Linear (33%) and two-third p character (67%). The non-participating 
sp-hybrid p orbitals, if half-filled, can form a bond with other atom, 


having half-filled orbitals. For example, a few compound; 
in which sp’ hybridisation takes place are as follows: 


z a. All compounds of boron, e.g. i BH, etc. 
f b. All compounds of carbon containing (C = C) double 


z) bond. 
(b) 3. Tetrahedral or sp? hybridisation: When one s- and three 
BeCl, molecule p-orbitals belonging to the same shell of an atom mir 
or together to form four new equivalent orbitals, the type of 
a hybridisation is called sp° or tetrahedral hybridisation. The 
a a Cl new orbitals are called sp? tetrahedral orbitals. 
Dipole moment (u = 0) These are directed towards the four corners of a regular 
tetrahedron and make an angle of 109° 28' with one another 
Fig. 2.22 (a) Formation of sp hybrids from s- and p-orbitals. as represented in Fig. 2.24. 


(b) Formation of the linear BeCl, molecule. 


Each of the hybrid orbitals formed has 50% s character and 
50% p character. The remaining two p-orbitals which do not 
participate in the hybridisation remain as such. If these are 
half-filled, they may form bonds with other atoms having 
half-filled atomic orbitals. For example, 


a. BeF,, BeH,,, etc. 


b. All compounds of carbon containing triple bond sp hybrids 
(C = C) such as acetylene (C,H,) and in cumulated | 
dienes, e.g. H}C = : = CH), are sp hybridised. 


Sp 


- Trigonal planar or sp? hybridisation: When one s- and 
two p-orbitals of the same shell of an atom mix to form three 
na i . Bh oe 
at kejs orbitals, the type of hybridisation is called 
p hybridisation or trigonal hybridisation, The new orbitals 
formed are called sp” hybrid orbitals, 

All the three hybrid orbitals remain in the same plane 
making an angle of 120° with one another as repre i 
Fig. 2.23. aii 


Fig. 2.24 F 
| and p atomic ark of sp? hybrids by the combination of s, Py P 
z Itals of carbon and the formation of CH, molecule 


aD Er 


N fF 
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Each sp? hybrid orbitals has 25% s character and 75% p 


character. For example, a few compounds in which sp? 
hybridisation occurs are methane (CH 4), ethane (C,H,) etc 

where all compounds of carbon contain (C—C) aint Conds 
only. Also, the size of sp hybrid orbital is smaller than that 
of sp hybrid orbital which in turn is smaller than that of 
sp? hybrid orbital. 


2.21.5 GEOMETRY OR SHAPES OF MOLECULES 


jonic bond is non-directional and hence the structure of an ionic 
compound is determined by the relative size of its ions. However, a 
covalent bond is directional because it is formed by the overlapping 
of half-filled orbitals. The direction of overlap gives the direction 


of bond. 


Note: A particular arrangement obtained by bonding a number 
of atoms in definite directions to the central atom of a molecule 
is called the geometry or shape of the molecule. 


The geometry of shape of a molecule can be explained on the 
basis of the (i) hybridisation and (ii) valence shell electron pair 
repulsion theory. 


2.21.6 SHAPES OF MOLECULES CONTAINING BOND 
PAIRS ONLY 


|. Shape of ethane (C,H,) molecule (sp? hybridisation): 
In the formation of ethane molecule, each carbon atom 
undergoes sp hybridisation, thus forming four sp’ hybrid 
orbitals directed towards the corners of a tetrahedron 
and inclined to each other at an angle of 109° 28’. One 
sp? hybrid orbital of the first carbon atom undergoes 
overlapping with one sp hybrid orbital of the second carbon 
atom along the internuclear axis, thus forming o-bond 
between them. The remaining three sp’ hybrid orbitals of 
each carbon atom undergo overlapping with the half-filled 
1s orbitals of H atoms, each along the internuclear axis and 
hence forming o-bond. Thus, the complete picture may be 
represented as shown in Fig. 2.25. 


H atom 


vA \. sp? 
C atom 4 íis) 
H atom 
(a) 


H H 


AL A H 
Eas 10928 A 
/ 
H H 


(b) 


Fig. 2.25 Formation of ethane molecule 


1o (C—0 > sP (Cy) — sp” (Ca) | 
6 o (C — H) bond > sp? (C) — 1s(H) 


2. Shape of ethene (C,H,) molecule (sp hybridisation): The 
valence electronic configuration of C atom in the excited 
state C (Z= 6) is 2s'2p,' 2p, 2p, - 

In the formation of ethylene molecule, each C atom 

undergoes sp’ hybridisation, thus leaving one 2p, orbital in 

the original state, i.e. in the unhybridised state. Three sp’ 

hybrid orbitals of each C atom are planar and are inclined 

to each other at an angle of 120°. One sp’ hybrid orbital of 
the first C atom overlaps with one sp’ hybrid orbital of the 

second C atom along the internuclear axis, thereby forming 
one sigma bond between them. The other two sp hybrid 
orbitals ofeach C atom overlap with the half-filled 1s orbitals 
of H atoms along their respective internuclear axis forming 
o-bonds. The unhybridised 2p, orbital of the first-‘C atom 
undergoes sideways overlapping with the unhybridised 
2p, orbital of the second C atom, thereby forming a z-bond 
between the two C atoms. So, the formation of ethylene 
molecule may be represented as shown in Figs. 2.26 and 
2.27. 


H 
\ H Ho 120° o/H 
= A * T j 
C c )120° or 120° (C=C 
/ Ho 120° NH 
H H 
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M a 
(d) (e) 


Fig. 2.27 Formation of c- and x-bonds in ethene 


One o (C — C) bond = sp” (C,) — sp? (C3) 
One 7 (C = C) bond = pure p (C,) — pure p (C,) 
4 o (C — H) bond = sp? (C) — 1s (H) 


3. Shape of acetylene (C,H,) or ethyne molecule (sp 


hybridisation): In the formation of acetylene molecule, 
each C atom undergoes sp hybridisation leaving two 2p 
orbitals in the original unhybridised state. The two sp hybrid 
orbitals of each C atom are linear, i.e. they are 180° apart. 
One sp hybrid orbital of the first C atom overlaps with one 
sp hybrid orbital of the second C atom along the internuclear 
axis. thus forming o-bond between them. The second sp 
hybrid orbital of each C atom overlaps with the half-filled 
1s-orbital of H atom again along the internuclear axis and 
thus forming o-bonds. The unhybridised p, orbital of the first 
C atom undergoes sideways overlapping with the p, orbital 
of the second C atom, thereby forming a m-bond between 
two C atoms. Simillarly, the unhybridised p ; orbitals overlap 
sideways forming another n-bond between two C atoms. 
Thus, all the carbon and hydrogen atoms are linear and there 
is an electron cloud above and below, in the front and at the 
back of (C—C) axis. In other words, there is an electron cloud 
all around the internuclear axis, thus giving cylindrical shape 
as represented in Figs. 2.28 and 2.29(a), (b) and (c). 


Fig. 2.28 Formation of acetylene (C,H.,) mol 
(cylindrical ape) 2H,) molecule 


om 


T) \ yO 
Ou 


(c) 
Fig. 2.29 Formation of o- and z-bonds in acetylene 


One o (C — C) bond = sp (C1) — sp(C,) 
2n (C = C) bond => pure p(C,) — pure P(C,) 
20 (C — H) bond => sp(C) — 1 s(H) 


2.21.7 HYBRIDISATION AND SHAPES OF 


MOLECULES CONTAINING BOND PAIRS AND 
LONE PAIRS OF ELECTRONS 


1. Hybridisation bond angle and shape of NH, molecu 
(sp? hybridisation): Valence electronic configuration of N 
(Z = 7) is 25? 2p," 2p,’ 2p,'. One 2s and three 2p-obrit 
undergo sp® hybridisation forming four sp” hybrid orbitals 
out of which three contain one electron each and take pat 
in bond formation arid the fourth sp hybrid orbital contains 
a lone pair of electrons and hence cannot participate in the 
bond formation. The four sp” hybrid orbitals will obviously 
be directed towards the corners of a tetrahedron and hence 
the bond angle between any two sp? hybrid orbitals would 
be 109° 28’. Now, when the three sp hybrid orbitals, each 
containing one electron only, overlap withy the 1 s-orbitas 
of H atoms to form NH,, the expected H-N-H bond ange 
is 109° 28’. But experimentally, the bond angle in NH; ï 
found to be 107°. The decrease in bond angle is due tote 
repulsion between /p—bp and bp—bp. 

The presence of /p’s in addition to bp’s in the molecule 

causes distortion in the geometry of.the molecule. 

a. How to find out the distored shape (i.e. actual shape) 
of the molecule: Cover the /p’s of electrons and vi 
how the rest of the molecule looks like. In case of NF 


after covering the /p’s, the rest of the molecule 10% 


like a pyramid. 


Therefore, such a shape is known as pyramid (or trigo™ 


tn : l e 
or triangular) in which the three H atoms form j 


triangular base of the pyramid with N atom at the apes 


Similar types of shape, bond angle and hybridisal™ 
are observed inPCl,, NF, and H,0® etc. 


l d 
Thus, formation of NH, molecule is represe 


diagrammatically in Fig. 2.30. 


| 
| 
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=~ a 
rd <p 


3 
sp hybridisation 
(a 
pA 


ponding s SAI 


op hybrid orbitals 


N atom: 


Non-bonding e's 
3 
sp hybrid orbital 


_- Lone pair of e~’s 
ch 


Bond pur OR | À \ n 
7< N N 
a | ` 


H ) ET [ITN 
C á H re / a i H 


— : 
H Bond pairs 


OR 


H Net dipole moment (u + 0) 


H Pyramidal 
Fig. 2.30. Formation of ammonia (NH,) molecule 


Thus. we can have the following points. 
i. Hybridisation (Hyb) of N in NH, = sp”. 
i. Expected geometry (EG) in NH, = Tetrahedral (TH). 
iii Actual shape in NH, = Pyramidal. 
iv. Expected bond angle (N — N — H) = 109° 28’. 
v. Actual bond angle (H — N - H) = 107°. 
vi Three (C-H) bonds are formed by overlap of sp’ (C) 
with 1s (H). 
vii. One lone pair (Ip) is present in vacant sp? hybrid 
orbital. 
Vill, u #0, 
ix. Whenever, Jone pair e’s are left, there is unequal 
distribution of s- character in hybrid orbitals. 


- Hybridisation, bond angle and shape of H,O molecule 
(p hybridisation): Valence electronic configuraion of 
O atom (Z= 8) is 2s” 2p? 2p 2p;. 

One 2s- and three 2p orbitals undergo sp’ hybridisation 
forming four sp’ hybrid orbitals out of which two contain 


One electron each and the other two contain a pair of 


electrons (i.e. lone pair) each. The four sp” hybrid orbitals 
thus formed are directed towards the corners of a tetrahedron 
and hence the bond angle between any two sp” hybrid 
orbitals would be 109° 28’. Now when the two sp” hybrid 
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with the 
orbitals containing one electron each, overlap 


cted 
half-filled 1s orbitals of H atoms to form H,O, the h i 
H — O — H bond angle is 109° 28'. But experimentally 


bond angle is found to be 104.5°. 

The still lesser decrease in bond angle in ee | 
is due to repulsion of two lone pairs ( 2Ip’s) wit 
pairs (2bp’s) and repulsion between bp and bp. 


Hence more repulsion than that in NH4, SO lesser bond sA 

The presence of /p’s in addition to hp’s in the molecule 

casues distortion in the geometry of the molecule. 

a. Predicting the actual shape of H,O molecule: After 
covering the 2 /p’s, the rest of the molecule looks like 
V-shaped or bent or angular shape. 


Similar types of shape, bond angle and hybridisation are 
observed in OF,, SO,, NH,, SCI, ete. 


O than in NH, 
h two bond 


Thus, formation of H,O molecule is represented 
diagrammatically in Fig. 2.31. 


2s 2p 
sp hybridisation 
Non-bonding e~’s tl 


| 


sp hybrid orbital 


Bonding e~’s 
sp hybrid orbitals 
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- Bond pairs ù 
OR 
Lone pairs of e~’s 


CO 


1 ON R | 
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angular shape 


Net dipole 
moment (u + 0) 


Fig. 2.31 Formation of water (H,0) molecule 


Thus, we can have the following points: 


i. Hybridisation (Hyb) of O in H,O = sp’. 

ii. Expected geometry (EG) in H,O = Tertrahedral (TH). 
iii. Actual shape in H,O = V or bent or angular shape. 
iv. Expected bond angle (H — O — H) = 109° 28’. 

v. Actual bond angle (H — O -H) = 104.5°. 
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vi. Two (O-H) bonds are formed by overlap of sp? (O 
1s (H). 
vii. Two lone pairs (/p’s) are present in the two vacan 
orbitals. 


) with 


tsp hybrid 


viii. u + 0. 
ix. Unequal distribution of s-character in hybrid orbitals. 


2.21.8 Hybridisation Involving d-ORBITALS 
The elements present in the third period contain d orbitals in 
addition to s and p orbitals. The energy of the 3d orbitals 1s 
comparable to the energy of the 3s and 3p orbitals. The energy of 
3d orbitals is also comparable to those of 4s and 4p orbitals. As a 
consequence, the hybridisation involving either 3s, 3p and 3d or 
3d. 4s and 4p is possible. However. since the difference in energies 
of 3p and 4s orbitals is significant, no hybridisation invoving 3p, 
3d and 4s orbitals is possible. 
1. Formation of PCl, (sp? d hybridisation): The ground 
state and the excited state outer electronic configurations 
of phosphorous (Z = 15) are represented below. 


fe) 


3S 


3 3p 3d 

P (ground state) [LLL 
3s 3p 3d 

P (excited state) KENA 
3d 


3s 3p 


spd 
sp d hybrid orbitals filled by 

electron pairs donated by five Cl atoms. 
Now, the five orbitals (i.e. one s, three p and one d oritals) 
are available for hybridisation to yield a set of five spd 
hybrid orbitals which are directed towards the five corners 
of a trigonal bipyramidal as depicted in F ig. 2.32. 
Cl 219 pm 
< (axial P-Cl) o-bond 


S—90° 


204 pm 
equatorial (P-Cl) 
o-bond 

(u =0) 

Fig. 2.32 Trigonal bipyramidal geometry of PCI, molecule 
i. Hybridisation (Hyb) of P in PCI, = spd. 
ii. Shape = Trigonal bipyramid. 


iii.Five (P — Cl) bonds are formed b 
, y the overlap of sp? 
(P) with 3p (Cl). aol 


iv. u = 0. 


v. Equal distribution of s-character in hybrid orbitals 


id 


ao ana 


l Pa ee 
All the bond angles in trigonal bipyramidal geomet, 
not equivalent. In PCI, the five sp d orbitals of Phosph,, 
overlap with the singly occupied p orbitals of chlorine i Oy 
to form five (P — Cl) sigma bonds. Three P — C bon ds pA 
one plane and make an angle of 120° with each other N i 
bonds are termed as equatorial bonds. The remainin Ry 
(P — Cl) bonds—one lying above and the other lying 5 Mig | 


make an angle of 90° with the Sloy 


the equatorial plane, Plan, 


These bonds are called axial bonds. 


As the axial bond pairs suffer more repulsive interacy; 

from the equatorial bond pairs; therefore, axial bonds tan 
been found to be slightly longer and hence slightly Weak, 
than the equatorial bonds, which makes PCI, molecule m n 


reactive. 
That is why PC1,(g) on heating gives PCL(g) and Cl(g) 


A 
PCl ——? PCko t Cho 


Other examples such as PEs SbCI,, ASF; etc. show simila 
geometry, shape and bond angle. 


. Formation of SF, (sulphur tetra fluoride) molecule (sp; 


hybridisation): SF, molecule contains one lone pair and 
four bond pairs of electrons. Valence electronic configuration 
of S (Z = 16) in ground state and first excited state is x 


shown below: 


3s 3p 3d 

S (ground state) [LLU 
3s 3p 3d 

S (first excited Pa ek 
3d 


state) 


35 3p 

SF, UI 
FFF E 

Formation of Sp°d hybrid orbitals filled by electron pè" 
donated by 4S atoms. 
It underegoes sp°d hybridisation to form five hybnd orbits 
to give a trigonal bipyramidal geometry in which one hydr 
orbital contains one lone pair (lp) and the remaining t00 
hybrid orbital contain one electron each which are shi 
with those of F atoms. 
Depending upon the position occupied by /p, two possib! 
structures of SF, are shown in Figs. 2.33 (a) and (b). 


F 
| | 
ae | 
l 
‘ l 
F go! 
"A Iw 
Jœ 


a 
(lp electrons present in axial 
position) (Less stable) 


(b) | 
(Ip electrons present 10 


equatorial position (More stable) 


Fig. 2.33 (a and b) Two possible structures of SF, 
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ding and Molecular St 
o Ip’s three 


Chemical Bon 
sition occupied by tw 


there are three (/p—bp) repulsion at 90° | 
agl a), , . However, Depending upon the po a ta b) and 
"i 9,33 (b). there are only two (/p—bp) repulsions at 90°. Hence, possible arrangements are shown In Figs. 2.34. (a), (5) 
in IE table. 
is more $ . : (c). 
o)" he shape shown in (b) is described as a distorted | 
| trahe dron (a folded square) or a see-saw. Repulsion f F : 
in SF molecules: a l N | se. 
i “4° ° . x ‘` acs, NS >> F i ml F 
' pridisation (Hyb) of S in SF, = spd. ! — PC) = | Cl —> 
a xe P pe lash As) LAS 
ji. Expected geometry (EG) = Trigonal bipyramid (Tbp) SA Í aS ee | 
jii. Actual shape = See-saw Rei F 
iv. 4 (S - F) o-bonds are formed by overlap of spd (S) w (b) (c) 
with 2p (F). 
l Fig. 2.34 Three possible structures of CIF, 


One Ip is present in vacant sp°d hybrid orbital. - 
In Fig. 2.34 (a), the [p’s are at equatorial position so there 


are less Jp—bp repulsions as compared to others in which the 
[p’s are at axial position. So, structure (a) is most stable. 


Therefore, according to the VSEPR theory, Fig. 2.34 (a) 
gy and 


has least repulsions and hence it has minimum ener 


V. 

vi. H * 0. 

vii. Unequal distribution of s-character is hybrid orbitals. 
ii predicting the actual shape of SF, molecule: After 

covering the Ip, the rest of the molecule looks like see-saw 


gs shown: 


m maximum stability. 
-o () a. In CIF, molecule: 
č F bond S F$ ; 
$ i. Hybridisation (Hyb) of Cl in CIF, = (sp d). 


(a) 1. 


quatorial bond (¢) ii. Expected geometry (EG) = Trigonal bipyramid 
F F (Tbp). 
Bond length of axial (F — S) > equatorial (F — $) iii. Actual shape = T or arrow shape. 
eas that is why SF4/,, on heating gives SF.) iv. Three (Cl — F) o-bonds are formed by the overlap 
ane f(g) , of sp°d (CI) with 2p (F). 
SF 4g) SF acg) * Fale) v. Two lp’s are present in two vacant sp’d hybrid orbital. 
Note: vi. u #0. 

i In trigonal bipyramidal (Tbp) geometry, the molecules vii. Unequal distribution of s-character in hybrid orbitals. 
having 1,2 and 3 Ip s the acah shapes of molecules can be b. Predicting the actual shape of CIF, molecule: After 
obtained by placing the Ip’ s always on equatorial position. covering the two Ip’s, the rest of the molecule looks 

ii Repulsion between bp’s decreases with increasing bond like a (|). Hence it is T-shaped. But due to repulsion 
angle between them. Therefore, repulsion between bp between Jp on equatorial and bp (between Cl and F) at 
and bp at 120° and 180° is very very less in comparison axial position, the T shape looks lik 
A NG a p ; ape looks like an arrow (<—) 

pe. 
3. Formation of CIF, (chlorine trifluoride) molecule (spd , ‘ 
bridat = — 4. Formation of XeF, (Xenon difluoride) molecule (spd 
” ridisation): :C1F, molecule contak two Ip aD three hybridisation): :X eF, molecule contains three /p’s and 
bp’s of electrons. Valence electronic configuration of Cl two bp’s electrons. Valence electronic configuration of Xe 
(Z=17) in ground state and first excited states is as shown (Z = 54) in ground state and first excited states is as shown 
below: below: 
3s 3P 3d 5s SP 5d 
Cl (ground state)| 1] [ECL] Xe (ground state) KENAA 
3s Sp 3d Ss 5p Sd 
Cl (first excited TT LLL Xe (first excited ay ie NE 
State) state) 
-3s---- 3p AARE] 3d r 5s--- 5 
CIF, ! XeF l A n y 3a 
T E P ey {Al ‘kT TT 
FF Fj | oF Fl 
sp d hybridisation 3 ot 
E , sp d hybridisation 
ergoes sp°d hybridisation to form five hybrid orbitals It undergo 3 Ants 

fis: cea aa Rca vo ow g = spd hybridisation to form five hybrid orbitals 

give a trigonal bipyramid (Tbp) geometry. 


B 
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Depending upon the position occupied by three /p’s the 
possible arrangements are shown in Figs. 2.35 (a), (b) and (c). 


| = 
l a 
I - 
67 ý | | LA AJ 7 
F 
(a) (b) (c) 
Most stable Less stable Less stable 


(Linear shape) 
Fig. 2.35 Three possible structures of XeF, 


As shown in the formation of CIF, [Figs. 2.34 (a), (b) and 
(c)]. more stable geometry is that in which all the /p’s are at 
equatorial position due to less repulsion of /p’s at 120°. 
a. In XeF, molecule: 
i. Hybridisation (Hyb) of Xe in XeF, = sp°d. 
ii. Expected geometry (EG) = Trigonal bipyramid 
(Tbp). 
iii. Actual shape = Linear. 
Iv. Two (Xe —F) o-bonds are formed by the overlap of 
spd (Xe) with 2p (F). 
v. Three Jp’s are present in three vacant sp°d hybrid 
orbitals. 
vi. (u) =0. 
vil. Unequal distribution of s-character in hybrid orbitals. 
b. Predicting the actual shape of XeF, molecule: After 


covering the three /p’s, the rest of the molecule looks 
like a (F —— Xe — F) linear molecule having dipole 
<_—+ +> 


moment (u) = 0. (see Table 2.10). 


ble 2.10 Summary of shapes of the molecule having (Tbp) 
geometry containing 1, 2 and 3 Ip’s 


or folded 
square or 
(distorted 
/ irregular 


T or arrow 
(—>) shape 


Formation of SF, (sulphur hexa fluoride) molecu] 


e (5p) 
hybridisation): SF, molecule contains six, bond (sp 
electrons. Valence electronic configuration of S Z- 
in ground state, first and second excited states jg ag Shop ; 


below: 
S (ground state) coro 
3 
a 
S (second ie 


state) 


SF, ! ma a 
jE FRE FA 


Sp a” TA 
F 


90° 


F 
All (F—S—F) bond angles = 90° 
All (S—F) bond length are equal 


Fig. 2.36 Octahedral geometry of SF, molecule 


a. In SF; molecules: 


> 


i. Hybridisation (Hyb) of S in SF, = sp d. 

ii. Shape of SF, = Octahedron (OH). 

iii. All bond angle (F — S — F) = 90°. 

iv. Six (S — F) o-bond are formed by the overlap of gi 

(S) with 2p (F). 
v. p=0. 

vi. Equal distribution of s-character in hybrid orbits 
The available six orbitals, i.e. one s, three p and two dar 
singly occupied by electrons. These orbitals hybridise © 
form six new sp F hybrid orbitals which are projecte 
towards the six corners ofa regular octahedron in SF. Thes 
six sp’d hybrid orbitals overlap with singly occupied ¥ 
orbitals of F atoms to form six (S — F) sigma (0) bonds 
Thus, SF 6 Molecule has an octahedral (OH) geometry ” 
shown in Fig. 2,36, 

. o jÀ 
In SF four (S — F) o-bonds are in the same plane at g0 á | 
one another and are directed towards the four corners i f 
square. The other 2F atoms are also at 90° above and be 
the plane of F atoms. 


ye 4 ip 


olecular Structure 2.49 


i Ti i ding and M r truch 
lecule is a symmetrical m -Chemical Bonding and T™ 
| < of, mo olecule and, therefore, is b. Predicting the actual shape of the molecule: After 


6 
and far less reactive than SF, and 
stable 4 PCL. covering the one lp, the rest of molecule looks like 


hat is why, SF, pi not dissociate on heating since all square pyramid, having dipole moment (p # 0). 
ine sik (S- F) bonds are equal in bond strength and bond 
on Table 2.11 Summary of shapes of the molec 


For example, Te (OH),, SeF 
jengths. 6 SeF, and Te F. also | eam 
| regular octahedral geometry (OH). fe ee geometry (OH) containing one an 
| Mah ee’: 


ule having octahedral 
d two /p’s 


Shape and 


» F e vioeculie Exam INO r No : bf 
| . formation Ai i 5 oe compound) molecule vee | ple | of | 0 A sal . Pia 
| i 34? hybridisation): :IF; (interhalogen compound) | bps | Ip’s | 
| contains five bp’s and one /p of electrons. he Re | 
| , : ; Square 
valence electronic eee of I (Z = 53) in ground state, pyramid 
frst and second excited states is as shown below: , 
u#0 


Ss 


5p 5d 
| (ground state) LIITT] 
| (first excited 1 ee a E 


state) 
55 Sp 5d 
[ (second excited AT TI 
state) 


r §s---- Sp ee E 5 


d 
F, J TE 
ji F F F FF 4 : 
Note: 


sp d i hybridisation x re à 
F o i. Unlike trigonal bipyramid (Tbp) geometry, 1m octahedral 
te: (OH) and pentagonal bipyramid (Pbp) geomety, the actual 
aoe shape of the molecule can be obtained by putting the Ip’s 

~. always on axial position. 
. j ii The repulsion between bp—bp, bp-lp and Ip-Ip at 72° in 


Pbp is more in comparison to those at 90°. 


Table 2.12 Summary of shapes of the molecules having 
pentagonal bipyramid (Pbp) geometry containing 


F F a F 
zero and one lp 


(p #0) 


Fig. 2.37 Square pyramid geometry of IF, molecule 


a. In IF, molecule: 
i. Hybridisation (Hyb) of I in IF, = sp". 
ii. Expected geometry (EG) = Octahedral (OH). 
iii. Actual shape = Square pyramid. 


iv. 5 (I-F) o-bonds are formed by the overlap of spd 
(I) with 2p (F). 
v. One /p is present in the vacant spd hybrid orbital. Rear 

vi. 1 #0. tagonal 

vii. Unequal distribution of s-character in hybrid orbitals. ae 
i undergoes spa hybridisation to form six hybrid orbitals distorted 
0 give an octahedral geometry. ee 

mono- 


capped OH 


The presence of Ip in addition to bp’s in the molecule causes 
(u #0) 


distortion ; 
'stortion in the geometry of the molecule. 


2.50 Inorganic Chemistry 


2.21.9 SOME RULES FOR PREDICTING HYBRIDISATION 
AND SHAPES OF MOLECULES/IONS 

First method: 

Step 1: Select the central atom and find to which group it belongs. 

Step 2: Find the number of valence electrons (V) in the central 


ne For example, group 13 to group 18 contains 3, 4, 
5, 6. 7, 8 electrons respectively. 


Note: Group | and 2 elements are ionic compounds (except 
compounds of Be, e.g. BeCl,) thus these elements do not undergo 
hybridisation. 
Step 3: Calculate the number of monovalent (M) atoms attached 
to the central atom. 
Step 4: For neutral molecules: 
Sum of orbitals 


l 
Hybridisation (Hyb) = 5 (V+ M) =X | involvedin 


~ 


hybridisation 


The type of hybridisation is decided by the value of X as 


follows: 
E of hy-| sp sped spd or spd or 
disation or a or = dsp dsp” 


Value of X(i-e.,{ IFI | 142 
sum of orbitals | = (2) |= (3) 
involved in hy- 

bridisation) 


For cations: 


Hyb = =[(V+M)-(No.of +ve charge on cation) | =X 


For anions: 
Hyb = sv + M)+(No.of — ve charge on anion) | = X 
Limitation: This method cannot predict the shape of the molecule/ 


ion, containing Ip’s. 
Examples: 


] ] 
1. NH, > X= 5 (V+ M)= 3 (5+3)=4 
- Hybridisation = sp” 


2. HO = Hyb=X= 5 (V+M)= 5 (6 +2)=4= sp 


. ] ] 
3. NO, ion = Hyb = X= 5 (V+M+ l)= 5 (5+0+ 1) 
= 3 = sp 
Note: Oxygen is a bivalent element hence M = 0, 
® ] ] 
4. NH, => Hyb= X= 5 (V+ M-1)= 5 (5+4-1)=4 


5. SF, => Hyb = X= 5 V+M= > (6+4)=5 <5 
d 


l 
6. XeOF R ke V+ + — 
e9F4 => Hy z (V+M) 7 B+4+0)~, 


~ Spy 
7. XeF, => Hyb = X= > V+ M= 1 (8+6)- 7 = sp} 


Second method: 
Step 1: Select the central atom and find the number 0 
electron in it. 
Step 2: Draw the Lewis structure of the molecule/ion. 
Step 3: Calculate the number of bp’s and /p’s in the molecule 
The sum of bp’s and /p’s is called steric number (SN), 
Therefore, hybridisation = SN = X. 
This method can predict the shapes of the molecules/ iong 
containing lp of electron also. 


f Valen, 


Examples: 
os A 
1. NH} > N 
H 


X=Hyb=SN=3bp + 1 Ip=4=sp’ 
Geometry = Tetrahedral (TH) 
Shape: Covering the /p’s, the rest of the molecule looks like 
a pyramid. 
2.H,0=> :O—H 


H 
X= Hyb = SN =2 bp + 2lp=4=sp" 
Geometry = TH 
Shape: Covering two /p’s shape is V or bent shape. 
T T 
I". 0 


3. SO; iins O=S-—O: 
. i: © 
X= Hyb = SN = 4 bp + zero Ip = 4 = sp? 
Note: r bond is excluded in hybridisation. 


Since central atom (S) in sO,” does not have /p’s s0 ® 
geometry and shape is same, i.e. tetrahedral (TH). 


4. SO, => S F 
N 
O O at 
X= Hyb = SN = 2bp + lip =3 =sp° $ 
Geometry = Planar 
Shape: Covering one /p, shape is V or bent shape. St 


5. :1F =Ù -F 
X = Hyb = SN = lbp +3 lp=4=sp° 
Geometry = TH St 
| ( 


Shape: Covering three /p’s shape is linear. 


n F 
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g F= >F 


y= Hyb = SN = 3bp +2lp = 5 = spd 

Geometry = Triangular bipyramid (Tbp). 

Shape: Covering two /p’s shape is T-shape or arrow shape 

i Fx.» F 

1. F; > ead NR 
F 

y=Hyb=SN= Sbp + 1p = 6 ssp d 

Geometry = Octahedral 

Shape: Covering one /p, shape is square pyramid. 
Third method: Rules for determining geometry of molecule/ 
jon: 


step 1: No. of electron pairs = No. of atom bonded + : (Group no. 
of atom — No. of valence e involved in bonding) = X= Hyb. 
Step 2: For cation: No. of e pairs = No. of atom bonded + 2 


(Group no. of atom — no. of valence e involved in 
bonding — (positve charge on cation) = X = Hyb 


Step 3: For anions: No. of e pairs = No. of atom bonded + . 
(Group no. of atom — No. of valence e involved in 
bonding + (Negative charge on anion) = X = Hyb 

Examples: 


l 
1. NH, => 3 + 5 (5—-3)=4=X=Hyb=sp 
l 
2. SE, 4+ 5 (6-4) =5=X=Hyb=sp'd 
l 3 
3. PCI 5+ 5 (5—5)=5=X=Hyb=sp'd 
: l 
4. BFF => 5+ 5 (3-44 1)=4=X=Hyb=sp" 
- l 
5. NO => 2+ 5 (5—-4+1)=3=X=Hyb=sp 
S 1 3 
6. NH, => 4+ J (5-4-1)=4=X=Hyb=sp 
: l 
7. NOs’ >3+7 (5-6 + 1)=3 =X=Hyb= sp" 


Fourth method: Predicting the type of hybridisation of the central 

atom. 

Step 1: Add the number of valence electrons of all the atoms 
present in the given molecule/ion. 


Step 2: Ifthe given ion is a cation, subtract the number of electrons 
equal to the charge on the cation. If the given ion is an 


anion, add the number of electrons equal to the charge 
on the anion. 


Step 3: i. If the result obtained in step 2 is < 8, divide it by 2 and 


find the sum of the quotient and remainder. 


ii. If the result obtained in step 2 is 9 to 56, divide by 8 
and find the first quotient (Q)). Divide the remainder 
R, (ifany) by 2 and find the second quotient (Q,). Add 
all the quotients and the final remainder (R,). 


The final result obtained in (i) or (ii) is X. The type of 
hybridisation is decided by the value of X. 


Examples: 
1. H,O: 
Total valence electrons = 2 + 6 = 8 
A= 2 4+0=4 
2 
Hybridisation = sp? 
2. NOF ion: 
Total valence electrons = 5 + 3x 6=23 
Charge =- | 
Hence, after adding 1, result = 24. 
24 
g =J (Q) +0 (R), X=3 
Hybridisation = sp” 
3. SO,: 
Total valence electrons = 6 + 2 x 6 = 18 
18 2 
rs =2(0,)+2(Ry) 5 = 1(Q,) + 0 (R,), 
X=24+170=3 
Hybridisation = sp’ 
4. SF: 
Total valence electrons = 6 + 6 x 7=48 
48 
T = 6(Q)) + 0(R,), X=6 
Hybridisation = sp" d? 
5. co; ion: 
Total valence electrons = 4+ 3 x 6 = 22 
Charge = -2 
Hence, after adding 2, result = 24. 
24 
g =3 (O,) + 0(R,), X= 3 
Hybridisation = sp” 
6. PCI: 
Total valence electrons = 5 + 5 x 7=40 
40 
z =5(0,)+0(R,), X=5 
Hybridisation = sp*d 
7. CO,: 
Total valence electrons = 4+ 2 x 6= 16 
16 
g =e (Q,) +0 (R,), kez 
Hybridisation = sp 
8. 


ClO fi (Perchlorate ion): 


Total valence electrons = 7+ 4 x 6=31 
Charge = -1 


$$ RNEMIStry 
Hence, after adding 1, result = 32. 
32 


3 =4(Q,)+0 (R), Hence, ¥ = 4 


Hybridisation = sp? 


9, IF.: 


Total valence electrons = 7+7x7=56 


56 
z = 7(Q))+0(R,), X=7 


Hybridisation = sp*d° 
Predicting the shapes of molecules/ions: The shape is 
predicted by covering the hybrid orbitals containing the /p’s 
and then view the rest of the molecule how it looks like, 
which tells the shape of molecule/ions. 


2.21.10 HYBRIDISATION OF ELEMENTS INVOLVING 
™ BONDS, DETERMINATION OF NUMBER OF 
(pr-pr) AND (px — dr) MULTIPLE BONDS 


t bond is formed due to sidewise overlap of two pure p-orbitals. In 
ase of carbon-carbon (C—C) single, double (C = C) and triple(C=C) 
vonds, the hybridisations are sp’, sp’ and sp respectively. Since C (Z 
= 6) is an element of 2nd period and it does not contain d-orbitals, so, 
C=C) and (C = C) compounds form (pt-pt) multiple bonds only. 
The elements present in 3rd period contains d-orbitals in addition 
o s and p orbitals. Thus, these elements containing double bonds 
zan form (pn—dr) multiple bonds in addition to (pn-pr) multiple 
vonds. For example, 
1. Formation of (pr-pr) and (pt—dr) multiple bonds in 
SO, molecule: s 
a. Structure of SO, molecule: (% No 


SO, molecule contains one /p, two o and 2r bonds. 
Formation of z bonds can be either (pm—pt) or 
(pm—dr) or both depending upon the presence of 
d-orbitals. 

For the formation of 20 and 2r bonds, S atom must 
have 4 e ’s in its valence shell, which can be obtained 
from its first excited state. 

Therefore, valence electronic configuration of S 
(Z = 16), in ground state and first excited state is 
shown as below. 


35 3p 3d 


S (ground state) [I [ITI] 
3s 3p: 3d 
S (first excited NEERA 
) 


state 


Valence electronic 
configuration of 2s 


2p 
0(Z=8)> 


2p, 2p, 2p. 


b. The hybridisation of central atom (S) in SO, is 
determined either by the 1st or by 2nd method (refer 
to Section 2.21.9). 


N 


ae l 
By Ist method: Hybridisation = — 
2 V+. | 
= 6+3 
By 2nd method: Hybridisation = 2 bp . 


n) 


Sp 

(only o-bond) + IIp=3., | 
Thus, geometry of SO, is planar and sh 
bent shape. 


Ss] 


a 

“Pe jg Vet 
I | 

c. When one 3s orbital (containing one 


lp) and ty, | 
orbitals of S and atom on mixing i 


} | 

‘ f : forms three r 
hybrid orbitals leaving one pure p-orbital * p 
Pay 


one pure d-orbital in 3d. These two Pure orh o 
overlap with the two 2p orbitals of O atom w S 
forms one (pn-pr) and one (pr-dr) multiple 


ly 
bo 
as shown in Fig. 2.38. nt 


==. 


S (first excited "35 op’ 


3d 
state) = \ AT 


hree sp” Pure Pure 
Three. ae 
hyba ortitale (pasta) d-orbital 


3s 3p 3d 


so) =! ALT MT 
sp? a 0.9/0, a 


hybridisation ty == - 
: Forms twoj Forms j Forms 
o (S-0) [one one 

bonds by |(pr-pr) | (pn-dr) 

i overlap |multiple | multiple 

orbital of 2p bond by | bond over- 
orbital of |overlap | lap of 2p, 
two ofone | of another 
O-atoms | 2p, of ong O-atom 

O-atom 


eee 
Thus, SO, forms 


2n (S—O) bonds 


One /p in 
sp hybrid 
vacant 


Fig. 2.38. Hybridisation and number of (px—pm) and (pn-dr) 
multiple bonds in SO, molecule 


d. Summary: Thus, in SO, molecule, 
i. Number of (prn-pr) multiple bond = | 
ii. Number of (pn-dr) multiple bond = | 
iii. Hybridisation = sp’ 
iv. Geometry = Planar 
v. Shape = V or bent or angular. 
vi. 1 #0 


2. Formation of (pn-pr) and (pn—dn) multiple bond i 
molecule: 


n S0; 


a. Structure of SO, > S 

Z y 

O T T O For the 

SO; molecule contains 36 and 3x bonds. gsi 

formation 30 and 37 bonds, S atom must uae u 
its valence shell, which can be obtained from 15 


excited state. 


ular Structure 2.53 
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3. Formation of (pn-pm) and (pt—47) multiple 
XeO,F, (Xenondioxy difluoride) molecule: 


b. 


ere l 
By Ist method: Hybridisation = — 7 
7 (V+ M) = 


Therefore, valence electronic configurati 
ration of 


s (Z a 16), in ground state, first and sec d exci 
states is shown as below: ond excited 


35 3p 
s (ground state) CL 3d 
first excited ae 3d 
S (first excite 
) ALTO 


state 


3s 3p 
i 3d 
s (second excited | T 
state) CON MAMA 


Valence electronic 5 r 
configuration of = p 
O(Z = 8) atom = 
2p, 2p, 2p. 
Determination of hybridisation of S i 
t 
molecule: ee 
l 
2 
=(6+0)=3=X=sp 
By 2nd method: Hybridisation = 3 bp (only o-bonds) 
+ zero lp =3=X=sp” 


a. Structure of XeO,F, molecule: 


XeO,F, molecule contains one Ip, four © and two T 
bonds and for the formation of these bonds, Xe atom 
must have six e’s in its valence shell, which can be 


obtained from its third excited state. 
Therefore, valence electronic configuration of Xe 
(Z = 54) in ground state, first, second and third excited 


states are as follows: 

Xe (ground state) = 58”, 5p’, 5d 

Xe (first excited state) = 552, 5p’, 5d 

Xe (second excited state) = 58°, 5pf, 5a 

Xe (third excited state) = 55°, 5P, 5d 

O (Z = 8) = 2? 2p? 2p’, 2p, 

F(Z =9) = 28? 2P? 2p, 2p 

Determination of hybridisation of Xe atom in XeO,F, 


Since no ip’s are present in SO,, the geometry and shape b. 
is same, i.e. planar. molecule: 
c. When one 3s orbital and two 3p orbitals of S atom l 
ioi on l a EE 
mixing forms three sp” hybrid orbitals leaving one ae can 2 aan! 
pure p-orbital in 3p and two pure d-orbitals in 3d. T (8+2+0)=5S=X = spd 
These pure orbitals overlap with the three 2p orbitals 2 
of O atom and thus forms one (pn-pr) and two By 2nd method: Hybridisation = 4 bp (only o-bonds) 
(pn—dn) multiple bond as shown in Fig. 2.39. +1[p=5=X=spd 
§ (second excited “35 3D. - 3d Thus, geometry of XeO,F is triangular bipyramid (Tbp) 
=N T j 22 pyre p 
state) ‘ iT TIT] | | and shape is see-saw as shown in Fig. 2.40. 
We Pil R 1 F 
ee - O O 
Three sp? ne pure) / Two pure s 
hybrid orbitals ER d-orbitals tf 
— EDX i 
7 3s 3D. 3d 3 | AN 
= "A 
>N A Po 
sp Zn 
nvbridisati vO __.00/ O OO Fig. 2.40 Geometry and shape of Xe0 
ybridisation eg leer ree ry and shape of Xe0,F, molecule 
Forms three | Forms Forms 
o (S-O) one two ; k 
bonds by (pr-pr) (pn-dr) Note: 
overlap multiple | multiple i One lp in Tb si: 
of 2p bondby | bond by Rs p i p S must be on equatorial position for 
orbitals of | overlap | overlap of 2p, ss repulsion and maximum stability. 
three ofone | of another ii, Most EN el e : 
© atoms | 2p, of one| O atom em e ement must be on axial position thus out of O 
O tom nd F, F is most EN element and thus is placed at axial 


‘i position. 

Thus SO, forms 37 (S-O) bonds. 

Geometry of XeO,F, = Tbp (sp°d hybridisatin) shape 
of XeO,F, = See-saw shape (7\). 

When one 5s-orbital (containing one /p), three 
5p-orbitals and one 5d-orbitals of Xe atom on mixing 
forms five sp°d hybrid orbitals leaving two pure 
5d-orbitals. These two pure d-orbitals overlap with the 
two 2p-orbitals of O atom and thus forms two (pn—dr) 
multiple bond as shown in Fig. (2.41). 


Fig. 2.39. Hybridisation and number of (pr-p7) and (px-d7) 
multiple bonds in S0, molecule 


d. Summary: Thus, in SO, molecule: c. 
i. Number of (pn-pr) multiple bond = 1 
ii. Number of (pn-dr) multiple bond = 2 
iii. Hybridisation = sp’ 
iv. Geometry and shape = Planar 
Vv w=0 
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Xe (third excited 3s 
state) aaa 


~ - 
> i ae -a -7 


Two pure 
Five spd d-orbitals 
hybrid orbitals 
7 55 Sp NO Sd 
XeO.F, ETL T 
\ l 
One /p is present No a0 OO O 
in vacant sp3d 
hybrid orbital Forms four Forms 
o (Xe-F) two 
and (Xe-O) (pm—dr) 
bonds by multiple 
overlap bonds by 
of 2p, of overlap of 
two F-atoms} 2p of two 
and 2p, of O-atoms. 
two O-atom. 
L |] 


Thus, XeO,F, forms 27 (Xe-O) bonds. 


Fig. 2.41 Hybridisation and number of (pr-pr) and (px-dr) 
multiple bonds in Xe0,F, molecule 


d. Summary: Thus, in XeO,F, molecule: 
i. Number of (pr-pr) multiple bond = zero 
ii. Number of (px—dr) multiple bond = 2 
iii. Hybridisation = spd 
iv. Geometry = Trigonal bipyramid (Tbp) 
v. Shape = see-saw 
vi. +0 
4. Direct method to calculate the number of (pt-pt) and 
(px—dr) multiple bonds in a molecule/ion. 


a. Number of (pn-pr) and (pn—dr) multiple bonds can be 
calculated directly as follows: 


Step 1: Write the structure of the molecule/ion. For 


S 
o o 
o Mo 
Step 2: Calculate the number of unpaired e ’s required 
in bonding which is equal to the number of (o 
+ 7 ) bonds, e.g. in SO,. 


No. of e’s required for bond formation = (20 
+ 2m)=4e’s, 

Step 3: Check which excited state of valence electronic 
configuration of central atom contains the 
number of electrons required for bond 
formation, e.g. in SO,. 


example, SO, > 


S (ground state) = 35? 3p" 3p! ‘ 3p", (2 e”’s for 
bond formation) 
S ( first excited state) = 35? 3p 3p! 3p! 3d! 

i p 3p 3d 
(4e°’s for bond formation) le: 


Step 4: Find out the hybridisation of central atom of 
the molecule/ion, e.g. in SO, 


l N 
Hybridisation = (V+ M) = > (6+0)= i 
Syp 
=X 
Step 5: Mark the sp’ hybridisation and then Caley 
the number of pure p and pure don 
left, which gives the number of (pn-ppy i 
(pn-dr) multiple bond in the molecule.” 
For exmple, in SO,. 


357] 3p! 3p! | | 3p) 3d! 


For z One pure p 
hybridisation 


lio 


and one pure 

d are left 

Forms 

one (pr-pr) and 
one (pr-dr) bonds 


Hence, number of (pr-pr) multiple bond = 
and number of (px—dr) multiple bond = l. 


Examples: 
i. SO.: 
f 
e SO, > Dy 
N 
v O 


(30 +37r)=6 e for bond formation. 


e S (2nd excited state) 


— l lanlanl l l 
= 3s 3p, 3p, 3P, 3d 3d; 


(six e ’s for bond formaiton) 


1 l 
e Hybridisation = 5 (V+ M)= 5 (6+0)=3 


e 35° 3'p. 3p’, 3p} 3d, 3d., 


sp’ hybridisation One pure p and two pure 
d-orbitals are left 

No. of (pn-pr) multiple bonds = 1 

No. of (pn-dr) multiple bonds = 2: 


ii. XeOF;: 
O 
. X% WF 
e XeOF,> Xe —F 
NE 
F 


(50+ Im) = 6 e for bonds formation. ` 
e Xe (ground state) > 5s? Sp. 5p; 5p; 
Xe (3rd excited state) 


Six e`% for bond formation 


| 


dea l me l 
e Hybridisation = 5 (V+ M= 5 (8+4+0)=6 


ucture 2+ 55 
Chemical Bonding and Molecular > Structure £7- 


iii. XeO, 


= 2 \ e XeO, -5 o= Xe =0 


e 
(30 + 3n) = 6 e 
: da e Xe (3rd excited tn) as in a (ii) above. 


-p =X 
> One pure d-orbital eT ee | y+ M)= = | 6 +0)=sp 
sp 4 hybridisation is left e Hybridisation z 7 


No. of (W7r—pT) bonds = 0 [552] 2 5dixy 5d!yz 5d\zx 

a i 

No. of (pr—dr) bonds = 1 pooo o S 
3 pure d-orbitals 


sp 3hybridisation are left 


No. of (pn-pr) multiple bonds = 0 
No. of (pn—dr) multiple bods = 3 


3.21.11 SUMMARY OF THE COMPONENT ATOMIC ORBITALS INVOLVED IN HYBRID ORBITAL FORMATION 


sil Atomic orbitals | Explanation 


2. dsp” dx’ -y + s + px + py| This is because four lobes of dx’ — y? orbitals lie along x and y axes. The two 
(OR) p-orbitals can combine along there axes. | 
dey sp” | 
(Square 
planar) 
3. spd d? +s + px + py + pz) The three planar triangular hybrid orbitals are formed from one s- and two 
(OR) (OR) p-orbitals to form three equatorial (e) hybrid orbitals. The remaining pz orbital 
A p Š p +pz p” combines with dz? orbital to form two axial (a) hybrid orbitals (due to maximum | 
ad? overlap). The overlap of pz and dz? orbitals results in the formation of orbital | 


perpendicular to triangular plane (as shown below). | 
(Top) 


Formation of sp’d hybrid orbitals b 
i the c i 
d (a2) orbitals. y the combination of one s and three p and 


According to ligand field theory and advance MO theory, the d-orbitals which Poi 
towards the vertices of the octahedron (OH), namely dx? — y? and dz? (i.e, along s 
and z axes) are used. Moreover, two d-orbitals required for such types of hybridisati;, 
of equal energies are only dx’—y" and dz’. Thus, these two d-orbitals are involved i 
spa or dsp? hybridisation. s 
Three d-orbitals required for such type of hybridisation of equal energies are only 
dyz and dyz. Thus, these three d-orbitals are involved in spd ord? sp? hybridisation. 


2.56 Inorganic Chemistry o 
spd 
(OR) 
Ë sp? or 
(OH) 


s5. Oo. 
dx? —y? + d? +s + 
px + py + pz 


dxy + dyz + dxz + s 
+ px + py + pz 


2.21.12 SUMMARY OF HYBRIDISATION, GEOMETRY AND SHAPES OF VARIOUS MOLECULES/IONS 

Symbols used: SN = steric number, /p = lone pair, bp = bond pair, H = hybridisation, G = geometry, S = shape, TH = tetrahed,, 

Tbp = trigonal bipyramid, OH = octahedral, Pbp = pentagonal bipyramid, TE = transition elements, CN = coordination mn 
V= no. of valence e ’s. M = no. of monovalent attached to central atom, OS = oxidation state, (e) = equatorial bond, (a) = axia] w 


For orbital sum type: A = central atom/ion, B = atom(s) attached to central atom by covalent bond, E = lone pair of e”’s Present , 
i 


central atom. 


Geometry and shape and dipol mome 


CO,, HgCL, BeF,, ZnCL, 


HCN, N,, CN 


jer sp AB, Planar or 
| 1+2=3 trigonal or 
| | plane triangle 
E 
; | 
o] | F 
| u=0 =3 
(BF,) 
2.b. sp ABE G=Planar|;°C=N p #0, — n SN = lò?! 
1+27=3 S = Linear Na CN =2 | 
3.a. sp AB, TH H 109° 28’  |CH, SiH,, SO, PO} «= |SN=40P 
1+3=4 SnCl,, C108, SOF -l yM 
109°28' aaa : O ai 
BF, NH,, POS, 
a(d A) 
2 
H hi =4 
H 
u=0 


(CH,) 


R 
yp ABLE G=TH 


S = Pyra 


ab 


planar 


(Inner orbital complex) or low 
spin complex (mostly in transition 
elements) 

(Note: sp d is not possible) 


sp'd (Outer 


In PCI, there are two types of bonds. Two ( 
(P—Cl) equatorial bond. Due to rep 
(P—Cl) axial bonds are longer in 
(P—Cl) equatorial bonds are shorter in bon 


So, PCI, on heating gives PCI, > PCI; + Cl, 


G = Square ce 


(Due to regular geometry) (u=0) 
(OR) 


bond length (240 pm) while 
d length (202 pm). 


AAAA AANAND SS 


Chamical Bonding and Molecular Structure 2.57 
e — ls RENEE TE 
sinha Tee UN] ks +l 
Mida e Expected angle = | NH}, PCI; mo non 
109° 28' | BH, Ast, us 
Actual angle © C1OY, NF, H = £ (V+ M) 
107° 4 
From VSEPR | 
a = (5+ 
theory Z Gre 
=4 


Expected angle = 
109° 28' 
Actual angle = 
104.5° 


H, Ö, H75; 

PbCl>, ‘OF, 
© TINT- 
(NH), :C103 


From VSEPR 
theory 


All angle 90° | [Pt C1,]° 


Three angle | PCI,, SbCl, 
(CIPCI) 120° 
(equatorial) (e) 
and six (CIPCI) 
angle 
90° (axial) (a) 
one angle 
(CIPCI) = 180° 


Total angle = 10 


Clie? 


p — Cl) axial bond and three 
ulsion between Cl atom: 


ee eg a ee ee ee eee ae —- —y 
auga Kaa pone 
> 
ley 
í 


-c 


2.58 Inorganic Chemistry o oo a a 
Se oc ieee oe i ae z = = = ap D 
d sp? (Inner AB, Three angle 120° | [Fe (CO).] SN= 55 
orbital complex) (e) and two angle CN of Fe | 
(Mostly in TE) 90° (a) ws 
1+1+3=5 
$-2=3 
. Fe (26) = 3d 45° 
(explained 3d 4s 4 
as in Sa) co CO WAL nam 
y“ 
(Due to regular geometry) TULI 1) (Lh 
[Fe (CO)] sp? 
| Five Ip donated by 
five CO molecule 
5.c. | sp°d AB,E <120° and <90° SN= 4p «1, 
I 
H=- (y4 
5 (V My 
za 
7 5 6+4) 
(SF): wao F E =5 
S = See-saw or Sawhorse, or folded square 
or (distorted/irregular) TH 
[Note: In Tbp geometry /p’s are always 
placed on equatorial position for minimum 
| repulsion and maximum stability. } 
| 
S.d. spd ABE, G = Tbp < 90° 
|1+3+1=5 F 
| 
| | 
| 
(Fy 
S = T-shaped or arrow shapped (—>) 
spd ABE, 180° 


f+3+1=5 


(XeF,) 


S = Linear 


ecular Structure _ 2.59 


AB, tne oe © Chemical Bonding and Mol 


gt tal OEE 
Outer orbita i All angle 90° SF p PFQ, SnCl, 
complex) in 


4 means. square 
and two points 
above and below 


(SF,) 
H = 0 (Regular geometry) 


[Fe? (CN),]* 

(or) 

[Fe** (CN),]” 
CN® 


All angles 90° 


Fe (26) = 3d 45” 
Fe?* = 3¢° 45° 


3d S 
mmia OOO 


©) 
NC 


Six /p donated by 
six CN® ligands 


d sp? 


Therefore, in [Fe?" (CN),]*, no unpaired 
e and the compound is diamagnetic and 
colourless. 

In [Fe (CN) 

Fe(26) = 3d 45° 

Fe”? = 3d 45° 


mm OC 


Six {p donated by 
six CN® ligands 
d? sp3 
In [F e(CN),]° there is one unpaired e and 
the compound is paramagnetic and coloured. 


Leauge „n(n + 2) BM 


(n= no. of unpaired e ) 


90° (e) and SN = 5bp + Llp 
1+3+2=6 < 90° (a) =6 
1 

H= > (V+) 


S = Square pyramidal 


2.60 Inorganic Chemistry a — ELE LOE LLL AEE IOI 
So sO ‘ F ICI È 
AB,E, ee 


(XeF,) 
S = Square planar 


(Outer orbital 
complex) 
(In TE and non- | 


er 9 


pentagonal 

and two points 
above and below 
pentagon. 
Therefore, 
geometry Is 

| pentagonal 

| bipyramid. 


(IF,) 


u = 0 (Regular geometry) 
| In IF, there are two types of bonds. Two (I— F) axial bond and 5 (I -F) equatorial 
bond. Five (I—F) bonds are at 72° and have more repulsion than two (I—F) bonds 
which are at 90°. Thus, five (I — F) equatorial bonds are longer in bond length 
jand are weaker, thus on heating five (I — F) equatorial bond breaks. Hence, IF, 


| a , 5 
on heating gives IF, + z Fe 


Pentagonal bipyramid a Five angles of 
72° and two 
angles of 90°. 


G = Pbp 
Shape = It should be pentagonal pyramid 


but it is a distorted OH or monocapped 
OH, 


90° (e) and 90° 
(a) 


.61 
ia a a A Chemical Bonding and Molecular Structure 2:2- 
d sp 
Inner orbital complex. 
guch type of hybridisation occurs only 
in lanthanides and actinides elements. 
Lignand should be ot small size having 
high EN. Metal must be in higher OS. 


Shape: e , 
‘ape: Cube or square antiprism or hexagonal bipyramid or [Mo* (CN)g]" 


dodecahedron or Archimedes antiprism Mo(Z=42) 4 Af 58° 

Mo” = 4d 55° 5p° - 

In presence of strong CN 
4d 58 


Square antiprism 


For [Mo (CN),]* [Xe F] 
e > Mo” Xe = 55 5p° 5d 
o > 8 CN® ions Xe" = 55° 5p? 5d 


For [XeF,]*, e => Xe” 


55 5p 5d 
o > 8F° ions TLL 


Eight Ip donated by 
eight F° ions 


sp3d* 


Three-face centred trigonal prism (or) capped trigonal 


[Eu (H,0),]" 
prism 


and 


— m 
_— 
n funk 
cm o. 


1.68 + 0.01 Å 


— 
- 
-— 
-— s 


Hybridisation is Bicapped square CN = 10 [Ce (NO,),}> 
hot mentioned. But antiprism Bicapped square | Note: NOs acts here 
oe with antiprism (D4d) bidentate ligand. Hence 
= 10 are given. Tetrakis(nitrato-O,O’) -bis CN =2x5=10 
(triphenylphosphin) | | 
| 
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<6 Inorganic Chemistry Se 


Hybridisation is 
not mentioned. But 
compounds with 
CN=11 are given, In aqua-(12-crown- 
but generally not very i tS erenn:S )-tris (nitrato- 
common i 


CN =11 si 
All-faced capped trigonal — ( 7 
This is not a common stereot emis) 


| 
| 
i -O 
-tris(nitrato P l 
á 0.0'yion1s ll coordinate 


O`)-cer solvate and 


| f i 

pe Bb as 3 

| | (NH), [C7 (NODS 
|12. | Hybridisation is N=12 (Note: NO acts here 
not mentioned. But cuboctahedron (Oh) 


: | bidetate ligand. 
Compounds with Cenc ammonium nitrate-{NH,), [Ce(NO;),] | -. CN=2x6= 1? 
(CN = 12 ar given. e aig 7 
| 
1 
| 
2.21.13 SUMMARY OF POSSIBLE SHAPES OF MOLECULES/IONS AND F-ORBITALS 


B 
AB. 


Trigonal planar 


Bent or angular 


B- ce 
ABE 
Trigonal pyramidal 


2.63 
; S o Chemical Bonding and Molecular Structure <- 
| i R j j 
| < 99° S <n 
| < 90% 
aonn wt B Raa ie ; 7 
| =i < 120° B A Z$ ow A stl 
| L ws KI e 
ABs AB,E Rie iE, 
7 3 Sawhorse ? -shape or AB JE 
, R ` a aide (arrow shape) t trent 
pe 5 O O E 
— B B = i 
| 00° | 90 B 
pee o 
B 4 wawt B _ i yt B | = | Í 80° | 
pe- ; I | A Neo Bim, antl B : Sn mp : “a ‘Mita iit, A salle: s 
B A hiin, As" 90° mring A e" : à 
B j B A 
B is B 
AB, AB sE 
Octahedral Square pyřamidal ABLE 
4h 2 
Square planar 
ae 
à \ si > Soe 
a AX 1729 Miran, Ro 
l / ~i B ix 5 
T E oe ~ | 
B B k 
AB; eve a or 
Pentagonal mo d OH 
ti ial nocappe | 


yz? — x?) 


221.13.1 Some Other Examples 


Symbols used: SN = steric number, /p = lone pair, bp = bond pair, H = hybridisation, G = geometry, S = shape, TH = tetrahedron, 
Tp = rigonal bipyramid, OH = octahedral, Pbp = pentagonal bipyramid, TE = transition elements, CN = coordination number, 


=no. of valence €-’s, M = no. of monovalent attached to central atom, OS = oxidation state, (e) = equatorial bond, (a) = axial bond 


SSS dC Ct—= a : ee ee a a ee a 
L MnO — (Permanganate ion) | o© SN = 4bp | H=sp G=TH 
| | | 
| O = Mn =O | 
| | | | 
0 | 
| | u=0 | 
Fonn ae 4 n — L ii o 
. Mn0-- ‘(Manganate ion) ee SN = 4bp H = sp? | G=TH 
| | 
O = Mn — O° | | 
| | 
| O 
| o 
' (00; (Chromate ion) | exe SN = 4bp H = sp 
| | | 
| O = Cr — O” 
| | 
| O 
adea OO u = (9) 
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(Dichromate ion) Ì 


y an 
Cr,0,° 


2.21.14 HYBRIDISATION OF REACTIVE 
INTERMEDIATES 


There are various reactive intermediates which are produced 
in situ (i.e. inside the eon during organic ecto These 


are (1) Carbocation C H,). di) C 


radical (C H,). (iv) Carbene (-CH,-), (v) Radical cation CCH), 


(vi) Nitrene (R — N:) and (vii) Benzyne (CO) 


@® 
1. Hybridisation of carbocation (C ja 


C(Z=6) 
(excited state) => HE mE 
e 2s 
C = AT 
A is Tp 
o => M 
/a — =e SH _H_H purep 
| sp2 
p 
\ H Hybridisation 


sig Ba] 7 
5 == = 5p 


c. G = Planar. Bond angle x 120° 


Vacant pure 2p orbital 


íp 
Fig. 2.42 Formation of CH, 


[30 (C —H) bonds are formed by Overlap of 


sp’ (C) with 1s (H)| 


Note: Hybrid orbital can be represented either by (= 


by (Ss), 


Carbanion (CH, ), Ne Free . 


_/) or 


SN= 4hp H = sp’ G = TH 


2. Hybridisation of carbanion (OCH,): 


2s art 
a 
im © 


smn nr em ew ee 


C (excited state) = 


6 
H — Č —H ‘~....H_H_H 
| sp? hybridisation 


a. SN =3 bp + llp=4=sp° 


l 
b. H = 5 [(V + M +(—ve charge)] 


l 
= 7 4+3+1)=4=sp' 


c. G = TH, Shape = Pyramidal. Bond angle < 109° 
(due to /p—bp and bp—bp repulsions) 


~ 


TIN 


Fig. 2.43 Formation of CH, 


[Three o (C-H) bonds are formed by overlap afsp (C)- Ist 
one /p with—ve charge is present in vacant sp” * hybrid orbit 


3. Hybridisation of tree radical nd 


—— eK 


C (excited State) => 


CH, => 
H — C —H \H 


| 


H SP? hybridisation 


—— ee ee ee 


Ne aes oe 
ies (V+ M) rule is not applicable in this case, 


G= e Bond angle < 120° 


TES 


Vacant pure p orbital 


Fig. 2.44 Formation of CH, 
[Three 6 (C - H) bonds are formed by overlap of sp" (C)= 
is (H)] 

4 ra of carbene (:CH,-): Carbenes are neutral 
species W hich has divalent C atom having two unshared 
electrons (or two odd electrons). In carbene, C atom has six 
lectrons in the outer shell. Therefore, carbenes are electron 
jeficient in nature. Carbenes are of two types: (a) Singlet 
and (b) Triplet. 

a Singlet carbene: The singlet carbene has two unshared 
electrons with opposite spins paired in one sp” hybrid orbital, 


a 
- 


da 


(1°22) 
re eee 3 
2 2 


ie 


65 
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o _ Chemica 


sp? Ja (sp) 
HEX 4 Ne C Y | 
NS, 


pure p orbital 


sp? 


Fig. 2.45 Formation of singlet carbene 
e Two o (C — H) bonds are formed by overlap of sp 
(C) with 1 s (H). 


è Twoe ’sare present in one sp ? hybrid orbital marked 


as 


Bond angle (H — C — H) = 103° and bond length (C 
- H) = 112 pm. 
b. Triplet carbene: The triplet carbene has two electrons 


with the same spin, each in a different orbital making it a 


(1 e CH2° 1) 


diradical, e.g. | +L +|. 
2 2 


They are called triplet because their spin state is 3. 


Ke 
2 2 l 


Since there are two unpaired e ’s with same spin, 
Spin state = (2S + 1) =(2x 1+ 1)=3 


. Spin number (S) = (+ 


Note: Two e ’s with same spin are not considered as one lp. 


They are called singlet because their spin state is one. 


l 
=0 


] 
pin number (S) . 5 


Since there are no unpaired e ’s. 


<. Spin state = (2S + 1)=(2 x 0+1)=1 


Hybridisation: 
2s 2p 
C(Z=6) ATT 
(ground state) 7 m ak 
(cul) = 0 gE 


sp? hybridisation 


Since two odd e”’s are of opposite spins, oe 
they are considered as one /p. They use sp ? hybrid 
orbital in bond formation with bent shape. 


i SN =2bp + Ip =3 = sp 
i | 
i ia (V+M)= 5 (44+2)=3=sp" 


ii. G = Planar 
™ Shape = Bent 


Hybridisation: 


C (Z=6) 
(excited state) 


. f aim 


(3g 2p 
(c) = i} MRO 
\H__ Hy 2 pure 
p-orbitals 


sp oidean 


They use sp hybrid orbital in bond formation, with linear 
shape. They show bond angle (H — C — H) of 180° and bond 
length (C — H) of 103 pm. 
LSN = 2bp = 2 = sp 
l 
ii. H = A (V + M) is not applicable 


iii.G = Linear, Bond angle = 180° 


2 pure p-orbitals 
Fig. 2.46 Fermation of triplet carbene 


2.66 Inorganic Chemistry B (N—H) bondis f a 
= d by the overlap of sp(C) L One o (IN — ond 1s formed by the Over, > 
e Two o (C — H) bonds are formed by (N) with 1s (ED. tlap : 


with 1s(H). . E 

e Two e `s are present in two pure p-orbitals making it a ii Oos Peni "P "N 
diradical. 

5. Hybridisation of radical cation (H— C= H): 


2s 2p 
C(Z=6) = 
(excited state) 25 2p a | 
Pa = Meith | 7. Hybridisation of benzyne O) : | 


. One e is present in vacant sp” Orbital. 


iv. One e is present in vacant pure P-orbital 


H— ċ si a5 $ my Benzyne is a reactive intermediate in aromatic nucleon, i 
Ew substitution (ArSN) reaction, i.e. elimination 4 addi llk 
S2---2 p-orbitals 


reaction, e.g. 
Sp ree 


Wel 
NaNH), liq NH; 
") X, = [O 
H 
i Ta <p ane 


NH; 
one pure p-orbital OME | <Aadition of NH, 


Fig. 2.47 Formation of radical cation 
a. SN = 2hp =2=sp 


l , PrE Benzyne may be regarded as benzene with 2H atom, 
b. H= 5 (V + M) is not applicable in this case 


removed. 
c. G = Linear, Bond angle = 180° Benzyne has penal m-bond formed by the sideway 
i. Two o (C - H) bonds are formed by the overlap of overlap of sp” hybrid orbitals alongside the ring (i.e, 
sp (C) with 1s (H). belonging to two neighbouring C atoms). These orbitals tha 


li. One electron is present in pure 2p-orbital. 
6. Hybridisation of nitrene (H — N:) 
2s 


N(Z=) = = au bond because of poor overlap and hence benzyne is ver 


(ground state) reactive. 


form m-bond cannot overlap with the aromatic t-system, 
because they are not coplanar. The new n-bond is a wea 


| ell 


H—Ñ:) > 


-H on pure 
N 4 p-orbital Q X 
sp hybridisation 


Not a triple bond Poor sp2 overla 
a. SN=1 bp +2 p=3= sp? : A 


1 jl (a) (b) 
b. H = z V+M)= ; (5+ 1)=3=577 


c. G = Planar 
(lē in pure 
p orbital) 


T 


2 1 

S oe =. 

P Ae sp? (le in vacant 
A A p) 


sp? ( up in vacant 
sp’) 


(sp?-sp”) 


overlap 


Fig. 2.49 Structure of benzyne 


pure p orbital 
Fig. 2.48 Formation of nitrene 
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) agi summary of various reactive Intermediates 
e ‘ 
fab 


-intermediate spe- 


cies (formal chatga) Orbital representation 


Steric number 
Alp + bp) — 
3+0=3 


Hybridisation Wedge formula 
andshape | 


2 
sp“ planar 


~~ Carbocation 
D 


l 
! 4-0- 
H =+] 
~ — Carbanion faiu LN a sp? pyramidal 
| q— C — H 2 


H 


Free radical 
H— C —H 


H 


į} Singlet carbene 
H— 


| 


H 


5, | Triplet carbene sp linear ; | 
H— C —H 180° ot | 
Sp a | 
A No” 
i ee a P; 
6. Radical cation 1 2+0=2 sp linear Ç f 
H— C —H ata) | 180° ae i 
. | “SI Sp 
sp’ 
2: 2p 
221.15 EXCEPTIONAL CASE OF HYBRIDISATION IN a Cs i 
° E c e iregi 
TRISILYL AMINE N(SIH,), AND DIBORAN ; P 3p N 
(B,H,) N(CH), > M ET 
» 1° , l 
Hybridisation in N(SiH,),: The hybridisation around 2 CH,CH:CH;/ 
N-atom in trimethyl amine N(CH,), Ís sp with pyramidal z Ay oadieation 
hinge) as expected. Whereas in case of trisilyl amine the ee oo i 
idisati bs idal as i „. (2s p i 
po ation and geometry should be sp” and pyramidal nee Niih ë => M 
| A H;), but the hybridisation and geometry are observed as sp ! ! 
\ . . . 
"d planar respectively. This can be explained due to (pn-dn) E hSiHSiH, 


Multi 
[tiple or back bonding as shown: 


sp? hybridisation 
Fig. 2.50. Structures of N(CH,), and N(SiH 


3)3 
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EN 
? 4 P 
/ ee \ / \ 
í i / N \ 
ki \ Lo Ate 
Ff x H,Si¢- A SSin, 
“NW \ ÈN Va 
je : N A 
nee Seon l) 7, 
. `S je , SiH, 
‘ 2“ . 
Nd (vaccant 
\L : 
CH, ——— d-orbitals) 
(a) ‘ (b) 
G = TH Expected G = TH 


Shape = Pyramidal Expected shape = Pyramidal 
(pr—dr) bonds 
H,Sixg--- e o 
NOSI Da ` 
Ye a ` eai 
\ N / 


N / 
\ » / 
N | 


\ l d ~ 
X — (pr—dr) bonds 


(c) 
Observed G = Planar 
[Due to (px—dr) multiple or back bonding] 


Hybridisation in B,H;: 


2s 2 
B (Z= 5) (ground state) A DEE 
2s 2 
TN 


1. Structure of diborane: The four-terminal H atoms and 
two B atoms lie in one plane. There are two bridging H 
atoms. The four-terminal (B—H) bonds are regular (2c, 2¢ ) 
bonds as shown in Fig. 2.5]. 


B (excited state) 


af I 
ae 120° 
wig) 97 Olii Sih 
WA / 
ty = 


Fig. 2.51 Structure of BH, 
2. Hybridisation: 


oe m me we oe 


BH, = 


sp hybridisation around 
each B atom . 
Each B atom uses sp hybrid orbitals for bonding. Out of the 
four hybrid orbitals each B atom is without an electron as shown 
in broken lines in Fig. 2.52. The terminal B-H bonds are normal 


(2c, 2e ) bonds but the two bridge bonds are (3¢, w ie 
are also referred to as banana bonds or Tau bonds or brig S, 3 | 
vacant Re bony | 


sp3 
vacant H sp? 
sp3 
(a) 
H H 
He 
af > K K, 
B B (2c, 2e) 
/ 4— bond 
HS A °H 
(3c, 2e) bond 
(b) 


Fig. 2.52 Hybridisation in B,H, 


a. Two (B -H - B) bridge bonds are formed by the Overlap y 
both filled sp* (B) and vacant sp” (B) with 1s (H), 
b. Four o (B — H) bonds are formed by the overlap of fille, 
sp (B) with Ls (H). 
Note: This is the special case in which vacant p-orbital also 
takes part in hybridisation. 


2.22 CALCULATION OF BOND 
ORDER FOR MOLECULES 
SHOWING RESONANCE 


1. Molecules or ions having resonance: The bond order 
calculated as follows: 


Total no. of bonds between two atoms 
in all the structures 
Total no. of resonating structures 


(Any two bonded atoms may be selected and a double bondi! 
mean two bonds and a triple bond will mean three bonds): 


Ps fs ; 

~ af 

a. In benzene: © — Q Be cain 
Selected are 1 atd- 


Bond order = 


5 ing 2+! 
Bond order = Double bond + Single bond oar 
2 2 
b. In carbonate ion: =15 
(Two bonded atoms selected are | and 2.) 
i O @) 
ll | 
Pe ae l 
2 C —> C 
K | 2 aN 
O Ng 067 Ne k 7 v 
' f 
Bond order = Double bond + Single bond + Single i» 
3 
_2+1+] 


~~a T E= l.33 


3 


«In naphthalene: The number of res 


sonating structures for 
ontaining n benzene rings 
anner is (n+ 1), 


polynuclear hydrocarbons ¢ 
fused together in a linear m 


N l l 
~~ io > l 
<— es 2 
Š 4 
(ld) 


Two bonded atoms selected are | and 2.) 


D an 


Double bond in (1) + Double bond in (II) 
+ Single bond in AM 


and order = 
Be Total resonating structure 
2+2+1 5 
= - =- =1.66 
3 3 


>, Shapes and bond order of isoelectronic s 


Table 2-4 


SNo. 


Chemical Bonding and Molecular Structure 


d. In anthracene: 


g 


YF 
K 


$ 


| 


) 


10 
(1) (Ml) 


2.69 


| 


(D) 


t L 
DOG) 


(Two bonded atoms selected are | and 2.) 
Double bond in (I) + Double bond in (II) 


Bond order = 


(TV) 


+ Single bond in (II) + Double bond in (TV) 


Total resonating structures 


. 24241427 


Table 2.14. 
4 Bond order and shape of some molecules/ions 
Species | Structures (Note: Two bonded atoms selected are 
shown by 1 and 2) 
CO, 0=C!=0? 
2 
Bond order = A =2 
Ne te a JE © : . 
3 š=y= Ñ] <> |S—w=y.] [isni 
(Azide ion) I 2 . 2 we 
J II MI 
2+3+1 
Bond order = Ar oie 2 
NOS > a or PEE E be 
ae [5 =Ñ ő: <> [ö—#=ő] 
Nitrite ion) L7 * z 7 
J UJ 
1+2 
Bond order = > =1.5 


LA 


O, ] 2, ao] 3 
: =ó] [6-9 =4) 
q : Ê 
J J 
1+2 
Bond order = = =tS 
NO? a . ; 2 O 5 
eo , Ó = N — Ó: O —N=0:| €3 [0 — 
(Nitrate ion) |7 ` A aa re 

| 20: :0; 

| J JI 

| cers 

: Bond order = = 1.35 
ie: tie = 
©0, | . 1 +12 o J 6P 

| a d> ʻO — C =O: o 

| 

| :0: :0: 
I JI 

]+2+1 
Bond order = =1.332 


LF, i 


i 


=—=1.75 
4 4 


No. of valence 
electrons 


44+2x6=16 | Linear 


3x5+T=16 | Linear 


—— -~ 


5+2x6+1=18 | V-shaped 


r _ = 
5+6x3+1=24 | Plane 
triangular 


| 


| 


4+3x6+2=24 | Plane 
triangular 


pecies: Isoelectronic species have the same shape and same bond order. e.g. see 


Bond 
order 


Z 


(E) 
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3. a. Relation between hybridisation and bond angle 
and percent of s-character: The relation between 

on and bond angle is simple for s—p hybrids. 
orbitals, the per cent of 
y the 


hybridisati 
For two or more equivalent 
s-character or the per cent of p character Is given b 


relationship. 


6% po um 100 
cosO= Ca- 10 p% 


$ ait ‘oO 
where @ is the angle between the equivalent ot bitals (°). 
3 etn nat 
For example, in methane (CH,) (sp hybridisation) 


% of s-character = 25% 
% of p-character = 75% 


5 2) 
25 _ 25 _ 9 333: 0 = 109.5° 


75-100 -25 
P = oe 7 5° 
or cos 6 75 75 0.333: 8 = 109 


Calculation of per cent of s-character: The number 
of p-orbitals that takes in hybridisation is called the 
hybridisation index (m). For organic molecules, 


where 9 is the bond angle between the two hybrid 
orbitals. e.g. for sp hybridisation, m = 1 ( p= 1). 
Hence. cos 0 = — 1 or 6 = 180°. For sp’ hybridisation, 
m=2. (~ p=2). Hence, cos 8 =- 1/2 or 8 = 120°. 
Knowing the angle between the hybrid orbitals, m can 
be calculated. Then 


x 100 


%, of s-character = oe 


Explain the hybridisation of carbon atoms in allene (C,H,) and 
show the p-orbita] overlaps. 


S.No. — Compound Hybridisation /p and bp’s 
a. Pr~ | | 
H=- (V+M+tl)=-— ‘6+ 
5 M+}) 7 S+6+1) +6) 
H = spa | 
lp at P atom = 0, bp at P atom = 6 
B Tess bed | 
. | = ~— V + = = -|- > 
| 5 ( M + 1) 3 +641) 
oe: 
(1,°) | H=sp d 
lp at each I atom = 3 


| bp at central I atom = 2 


2 3 
Sol. Allene is CH = C = CH). Carbon atoms | and 
in sp? hybridised state while carbon 2 is in sp hybri diseq . ate 
Two unhybridised orbitals of carbon 2 overlap sidewise tee te 
n-bonds besides it also forms a sigma bond with each of the k Mh 
atoms using hybridised orbitals. Two hybridised orbitals ote. 


of carbon 1 and 2 form sigma bonds with hydrogen atoms 


Out of the following species, group them having Similar 


structures: 
J= 2 O © © Ə 
CH,, CO,”, CO,, NH4, NO7, N3, BF; , SO, NOJ. 


Sol.” Isoelectronic species with same no. of e”’s usually have 
the same structure. This may be extended to species with the same 
number of valence electrons on the central atom. 
Structures and 


hybridisation 


CO’, NOS, SO,. | Plane triangle, sp” 32 
Y 


3. | co, Ne, NO®, | Linear, sp 22 


ae 


Determine the hybridisation, geometry, number of lone pairs 
(/p’s) and bond pairs (bp’s) excluding m bonds in the following 
compounds. 


a, PF b. LC c. CIF, d. XeOF, 
2 
e, SO, f. SO, g. IFS h. NH, 
Geomet — 
ctahedral Octahedral 
90° F 
RY F 
po 
p~ | OE 
Per x { F i — 
| lrigonal bipyramid Linear tst—‘—~— 
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ae (7+3)=5 


H = sp°q 
lp at Cl atom = 2 
bp at Cl atom = 3 


:CIF; 


a 


g. | :XeOF, | 
~ > (8+4+0)=6 

H=sp'a - 

lp at Xe atom = 1 

bp at Xe atom = 5 


l 
H= — + = 
mee 0)=3 


H = sp* 
lp at S atom = 1 
bp at S atom = 2 


l 
H= — (6+ 0)= 
s 0)=3 
H=sp’ 
lp at S atom = 0 
bp at S atom = 3 


1 
=- (7+4-1)=5 
5 (744-1) 


H=sp°d 
Ip at I atom = | 
bp at I atom = 4 


Ip at N atom = 0 
bp at N atom = 4 


| 
Which p and d orbitals of central atoms are involved in the 


„Yoridisation of the following compounds. 
[Pec b. ASF, cI, 


pi 
Xe0F, f. XeF; g. IF, 


d. XeO,F, 


rrr 


T or arrow shapped (~>) 


Trigonal bi id 
i —— Repulsion 


Octahedral 


Bent with bond angle <120° (as 
Ip—bp repulsion is more than bp—bp 


Q 
JN 
O O 


Trigonal planar 


Trigonal planar 


repulsion) 


Trigonal planar 


Trigonal bipyramid 


Tetrahedral 
H 


Tetrahedral 


109°28' 


WSi)) For explanation, refer to Section 2.21.11. 
a. Cpordnaron number of Pt?* is 4. Hybridisation at Pt’* is 
dsp” (square planar). The orbitals involved in hybridisation 
are: 


2 2 . 
di’ —y" sp’ or dx" -y+ s+ px + py 
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] 
b. Hybridisation at As atom = 3 | V+ M) 


(5 +5) =5=sprd. 


N|— 


(Trigonal bipyramid) 


— 3 42 
The orbitals involved in hybridisation are sp d.. 


; +3)=5 = spd. 
c. Hybridisation at I atom = 3V 
Geometry is trigonal bipyramid (Tbp). Due to , p i I atom, 
it has T shape. The orbitals involved in hybridisation are, 
sp? d’. 
: 2) = 5 = spd 
d. Hybridisation at Xe atom = 78 +0+2)= spd. 


Geometry is Tbp but due to | /p, it has Pa saw shape, the 
orbitals involved in hybridisation are sp” d,”. 


l 2 
e. Hybridisation at Xe atom = 5 (8+0+4)=6=sp'd. 


Geometry is octahedral (OH), but due to 1 /p it has square 
pyramid shape. The orbitals involved in hybridisation are 
sp’.d.2_,2,d,20r(s +p, +p, +p, +d2_ y2 + d,2) 


l 
f. Hybridisation at Xe atom = 5 (8+6)=7= sp a. Geometry 


is pentagonal bipyramid (Pbp) but due to 1 /p it has distorted 
octahedral shape. 

The orbitals involved in hybridisation are sp’, dxy, dyz dxz 
or (s +p, +p, + p, + dy + dyz + dxz.) 


l 
g. Hybridisation at I atom = 5 (7+7)=7= spa? 


Geometry and shape is pentagonal bipyramid (pbp), since 
I atoms do not have any /p’s. The orbitals involved in 
hybridisation are sp” dxy dyz dxz or (s + P, +t Py tp, + dy 
+ dyz + dxz.) 


CONCEPT APPLICATION EXERCISE 2. 


1. Write a Lewis structure for CCLF,, one of the compounds 
indicated in the depletion of stratospheric ozone. 

2. Write Lewis structure for the following: | 

a. Ethene (C,H,), the most important reactant in 
polymer manufacture. | 

b. Nitrogen (N,), the most abundant atmospheric gas. 

c. Methanol (CH,O), an important industrial alcohol | 
that is being used as a gasoline alternative in car 
engines: 

3. The dipole moment of LiH is 1.964 x 10°? Cm and 

interatomic distance between Li and H in this molecule is 

1.6 A. What is the Per cent ionic character in LiH? 


4. Predict Whether each of the fi i 
ollowin l 
dipole moment: a 


a. BF, b. IBr m CH, Cl, 


ae 


5, The dipole moment of KCI is 3.36 x lo” Cin " 
` interatomic distance between K“ and CI? in this, 
of KCI is 2.3 x 107! m. Calculate the Percentage ae | 
l 
character of KCI. } r 
6. Account for the following observations: 
Ammonium salts are more soluble in water than i 
corresponding sodium salts. e 
b. BeCl, is linear but SnCl, is angular. 
c. F, gas is more reactive than Cl, gas. | 
d. The bond lengths of both O — O bonds in Ozone 
equal. o 
7. State whether the following are ionic or covalent? 


a. 


are 


a. CaH, b.MgO c NaCO, d. NHC 

e. HCI f. CaCl, g. NaS h. SnCI, 

i. Diamond j. CaC, k. NaH L C, H, 
8. Identify, which of them are polar and non-polar: 

a. HF b. BeCl, c. HgCl, d. NH, 

e. H,O f. N, g. AICI, h. CCI, 

i. Cl, j. SiCl,. 


9. Give reasons for the following: 
a. PF, is known but NF, is not. 
b. H,O is a good solvent. 
. BF, is non-polar but planar. 
. NF, is pyramidal and polar. 
e. Carbon — oxygen (C — O) bond lengths are equal in 
Na COL, 
f. MgF, is more soluble in water than MgCl. 


a0 


10. Give reasons for the following: 


a. CO, has no dipole moment but SO, and H,0 have 
considerable dipole moments. 

b. Carbon has two unpaired electrons in the outermost 
orbit, but it is tetravalent in organic compound. 

c. CaF, is more ionic than Cal,. 

d. Sigma bonds are stronger than pi bonds. 

e. C,H, is planar while C,H, is linear. 

f. H,O is more polar than HLS. 

g. Ionic compounds do not conduct electricity in solid 
state, but they conduct electricity in solution or m 
molten state. 

11. Indicate whether the following pairs of elements form 
ionic or covalent compounds. Also, write their molecula 
formula. 

a. CandS  b.NaandCl c.SandO d. CaandH 

12. Arrange the following as directed: 

a. N,,.0,, F,, CL (Decreasing order of bond energy) 

b. S— O, N - CI, Mg - O, As — F (Decreasing polar 


of bonds) 
€ s, p, sp’, sp’, sp (Decreasing order of energy a 
orbitals) 
d. HF, HCI, HBr, HI (Decreasing order of dip! 
moments) 


13. Explain the following: 
a. The central C-C bond in Buta 
than that of n-butane. 


b. Why the dipole moment of cis- 
greater than that of trans-| 2-d 


“1. 3-diene is shorter 


l, 2-dichloroethene is 
nae ichloroethene 
c. CIF, > is linear, but CIF.” is bent | 
d. Two different bond lengths are observed in PF. but 
only one bond length is observed in SF 
m . . 6° 
14. Arrange the following in decreasing order of dipol 
moment. a 
a. 1. Toluene 


2. m-Dichlorobenzene 
| 3. o-Dichlorobenzene 4. p-Dichlorobenzene 


| b. 1. BF, 2. H-S, 5. PLO, 
c. 1. cis-1-Chloropropene i 


2. Trans-1-Chloropropene 
3. 1, 1-Dichloroethene 
15. Predict the shape of the following Xenon compounds. 
a. XeO; b.XeOF,  c. XeO,F, 


16. Considering X-axis as the internuclear axis, which out of 


the following will form a sigma bond? 
a. ls and ls 
c. 2p, and 2p, 
e. ls and 2s 


b. 1s and 2p, 
d. 2p, and 2p, 


ANSWERS 


3. 76.8% 


2.23 INTERMOLECULAR FORCES 


intermolecular forces are the forces of attraction and repulsion 
existing among the molecules of a substance (gaseous, liquid or 
solid). This term does not include the electrostatic forces that exist 
between two oppositely charged ions and the forces that hold atoms 
of a molecule together, i.e. covalent bonds. 

Intermolecular forces are responsible for the structural 
characteristics and physical properties of the substance, whereas 
intramolecular forces (i.e. forces which exist within the same 
molecule) affect the chemical properties of the substance. 


5; ~91% j 


Melting and boiling | 


Interm i 
[ olecular forces] ~% | poin t of the substance f 


_ At the boiling point, the heat absorbed is used to break the 
intermolecular forces to convert Jiquid into vapour. 

When an ionic compound melts, the ionic bond breaks. However, 
when a molecular substance melts or boils, the intermolecular 
forces of attraction do not break the covalent bonds e.g. in case 
of HCI molecule. 


Intermolecular forces breaks 


Covalent bond does not 
break on boiling 
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2.23.1 TYPES OF INTERMOLECULAR FORCES AND 


THEIR CHARACTERISTICS 
The intermolecular forces occur due to any one of the following 
interactions: 
1. lon—dipole 
2. Ion-induced dipole (OR) Debye forces 
[These are non van der Waals forces. | 
3. Dispersion forces (OR) London forces (OR) Instantaneous 
dipole-induced dipole (OR) Momentary dipole. 
4. Dipole—dipole forces or Keesom forces 
5. Dipole-induced dipole. 
[These are collectively called van der Waals forces. ] 
6. Hydrogen bonding [It is a strong type of dipole-dipole 
interaction. Only a few elements can participate in hydrogen 
bond. Therefore, it is treated as a seperate category. J 


The different types of forces are briefly explained below: 
1. Non van der Waals forces: 

a. lIon—Dipole Interactions: This is the attraction between 
an ion (cation or anion) and a polar molecule. For 
example, when NaCl is dissolved in water, the polar 
water molecules are attracted towards Na” ion as well 
as towards C1? ion (a process called hydration of ions). 
The strength of this interaction depends upon the charge 
and size of the ion and the magnitude of dipole moment 
and size of the polar molecule. Due to greater charge 
density on the cation, this interaction is usually stronger 
with the cation than with the anion having the same 
charge but bigger size. Further, CCl,, being non-polar 
cannot interact with Na” and CIF ions. Hence, NaCl is 


insoluble in CCl,. 
5+ & 
H H O, 
s NZ ir s+ ot 
/ s H-H > 
07> GW 3 s H/o Fk. So> 
5+ N ~H OL s+ | CP ) +_-O 
He H SH Hd 
b+ \ d+ i 
H -H oč- 


Fig. 2.53 Ion-dipole attractions between Na® and H,0 molecules 
and Cl° ion and H,0 molecule 


b. Ion-induced dipole interactions: A non-polar 
molecule may be polarised by the presence of an 
ion near it, i.e. it becomes an induced dipole. The 
interactions between them are called ion-induced 
dipole interactions. The strength of these interactions 
depends upon the charge on the ion and the ease with 
which the non-polar molecule gets polarised. A cation 
polarises the molecule by attraction of the electron 
cloud whereas an anion does it by repulsion. For 
example, in the presence of nitrate ion Noy), iodine 
molecule (I,), which is non-polar, gets polarised as 


ð+ ð- 
| - a 


Another name of this force is dispersion force The 
i i ` ‘hes 
are always attractive. “fore. 
\ 


In these forces, the interaction energy is inversely proporti 
the sixth power of the distance between two interacting kir: to 


Fig. 2.54 Ion-induced dipole attractions between 
(i.e. 1/r°, where r is the distance between two particles) m 


NO; ion and I, molecule 


2. van der Waals forces: 5 ; 
a. Dispersion or London forces: Dispersion forces are tores: got aertara Me ae a a te «~ 300 ), e 
interparticle forces among the monatomic or non-polar their magnitude depends on the polarisability of the particle i 
molecules such as N,, He, CO,, etc. Atoms and non- The strength of these forces depends upon the follow, 

polar molecules are electrically symmetrical and have acids " 

no dipole moment because their electronic charge cloud i. Molecular size (molar mass): Molecules having is 
is symmetrically distributed. But a dipole may develop size or molar mass have higher magnitude of bet 
Mh 


g. 2. 


momentarily even in such atoms and molecules. This 
can be understood from the following illustration. 
Suppose we have two atoms A and B in the close vicinity 
of each other [Fig. 2.55 (a)]. It may so happen that 
electronic charge distribution in one of the atoms, say 
A, becomes momentarily unsymmetrical, i.e. the charge 
cloud is more on one side than the other [Fig. 2.55 (b, c)]. 
This results in the development of instantaneous dipole 
on atom A for a very short time. This instantaneous or 
transient dipole distorts the electron density of the other 
atom B., which is close to it, and a consequence dipole 
is induced in atom B. 

The temporary dipoles of atoms A and B attract 
each other. Similarly, temporary dipoles are induced 
in molecules also. This force of attraction was first 
proposed by the German physicist Fritz London, and 
for this reason the force of attraction between two 


forces. 

ii. Number of electrons: Molecules with higher numb 
of electrons have higher magnitude of London forces , 
compared to molecules with lesser number Of electro 

iii Surface area of molecule: With an increase jp iia 
area, the strength of London forces also increase, Foe 
example, boiling point increases for CH, to Gel, i 
CH, (112 K) < SiH, (161 K) < GeH, (183 K), 
Therefore, if molecular mass and the number of electron 
increase, the intermolecular forces and boiling points 
also increase. 

iv. For example, n-pentane and neopentane have the 
same molecular formula (C;H,,), yet the boiling poin 
of n-pentane is about 27°C higher than that of neo- 
pentane due to the difference in their surface area. The 
n-pentane is a zig-zag chain whereas neo-pentane is 


nearly spherical. 


temporary dipoles is known as London force. c 
i 3 
| sia | 
\ l 
l 
Ke a o TE i i 
\ l 
\ H3C CH; 
l CH; 
Atom A Atom B n-pentane neo-pentane 
(b.pt. = 36.2°C) l (b.pt. = 9.5°C) 


Symmetrical distribution of electronic charge cloud 
(a) 


Atom B with 


Atom A with instantaneous 
induced dipole 


dipole has more electron 
density on the right-hand side 
(b) 


Atom B with 
induced dipole 


Atom A has more 
electron density on the 
left-hand side 
(c) 


55 Dispersion forces or London forces between two atoms 


b. Dipole—dipole force: Dipole—dipole forces : 


of 


The surface area of n-pentane is greater than that 
neo-pentane. Hence, in the case of n-pentane, the overt 
attraction between molecules is greater because ther 
are more sites of interaction. Thus, molecules are able 
come in contact with the entire length of the molecule 
act amon 
molecules possessing permanent dipole. Ends of dipole 
possess ‘partial charges’ and these charges are shown É 
Greek letter delta (5). Partial charges are always less pa 
the unit electronic charge (1.6 x 10 19 C) Polar molecu" 
interact with neighbouring molecules. Figure 2.56(a) an 
electron cloud distribution in the dipole ofhydrogen ani 
and Fig. 2.56(b) shows dipole-dipole interaction between jot 
HCI molecules, This interaction is stronger than the aan i 
forces, but is weaker than the ion—ion interaction p i 
only partial charges are involved. The attractive ok 
decrease with an increase in distance between the sel 
As in the above case, the interaction energy '§ l 

proportional to the distance between two polar mO 


le cules: 


< ole-dipole interaction energy between two stationary 
E molecules (as in solids) is proportional to 1⁄3 and 
po i between two rotating polar molecules is proportional 
| p r6, where ris the distance between the two molecules. 
| Faass dipole-dipole interaction, polar molecules can also 
Kirac by London forces. The cumulative effect is that 


total intermolecular forces in polar molecules increases. 


5t at 


More charge density 


towards chlorine 
(a) 


5 a 


(b) 


u. 2.56. (a) Distribution of electron cloud in HCL, a polar molecule. 

; (b) Dipole-dipole interaction between two HCL molecules 

The existence of these forces was studied by Keesom in 
1912. Hence, these forces are called Keesom forces. 


The magnitude of dipole-dipole forces in different 
polar molecules can be predicted on the basis of the 
polarity of the molecules, which in turn depends 
upon the electronegativities of the atoms present 
in the molecules and the geometry of the molecule 
(in case of polyatomic molecules, containing more than 
two atoms in a molecule). The polarities of the molecules 
are usually expressed in terms of dipole moments of the 
molecules. For example, dipole moments of PH, and H,S 
are 0.55 D and 1.10 D, respectively, i.e. dipole moment of 
H,S is double than that of PH,. Thus, though both have 
nearly same molecular mass, the melting and boiling points 
of H,S are higher than those of PH, (m.pt. PH, = 134°C, 
H-S =-86°C, b.pt. PH, ==88' C, HS ==—61C). 
SiH, also has nearly the same molecular but it is non- polar, 
Le. its dipole moment is zero. Hence, its melting and boiling 
Points are lower than both PH, and H,S (m.pt. = — 185°C, 
b.pt. =~ 111°C), 
Dipole-induced dipole forces: This type of attractive forces 
Operate between polar molecules having permanent dipole 
(u > 0) and molecules lacking permanent dipole (p = 0). 
Permanent dipole of a polar molecule induces a dipole on 
the electrically neutral molecule by deforming its electronic 
Cloud (Fig. 2.57). Thus, an induced dipole is developed in 
l € other molecule. In this case also, interaction energy 
'S Proportional to 1/r°, where r is the distance between 
i © molecules. Induced dipole moment depends upon the 
'Pole moment present in the permanent dipole and the 


Polarisability of the electrically neutral molecule. 
AS the Size 


of molecule/atom increases, it can be easily 


SELL LOO LLL Eo i 
4 
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active 
reases the strength of attr 


High polarisability inc 
interactions. 


2 


Permanent dipole 
(a polar molecule) 
s st 6 


i ipole in 
Permanent dipole Induced dipo 
(a polar molecule) a non-polar molecule 


Non-polar molecule 


i i ion between 
ig. 2.57 Dipole-induced dipole interaction 
es anani dipole and induced dipole 


In this case also, the cumulative effect of dispersion forces 
and dipole—induced dipole interactions exists. The existence 


of these forces was studied by Debye (1920), and this effect 
was termed induction effect. 


2.23.2 STRENGTH OF CHEMICAL FORCES l 
1. Ionic bonding: Ionic bonding is non-directional and is 


purely electrostatic. The attraction of one ion for another 
is completely independent of direction, but the sizes and 
numbers of ions determines the crystal structures. Ionic 
bonding is relatively insensitive to distance, the force 
between the ions is inversely proportional to square of the 
distance between them and hence decreases fairly rapidly 
with distance, but much less than most other chemical forces. 


Covalent bonding: The covalent bond is strongly 


directional as a result of the overlap criterion for maximum 
bond strength. 


A typical covalent bond will have a strength of about 
250—400 kJ mol. The covalent bond energy qualitatively 


is a fairly short range force as the atoms are forced apart, 
the overlap decreases. 


Therefore, it is evident that covalent bond is stronger 


than all other chemical interaction with the exception of 
ionic bond. 


2.23.3 STRENGTH OF INTERMOLECULAR FORCES 


lon—dipole interaction has the strongest strength w 
dispersion or London forces has the weakest s 
intermolecular forces. 

Thus, the decreasing order of their Strengt 
Dipole—dipole (Keesom forces) > lon-indu 
forces) > Dipole-induced dipole > Dispersio 

Three obvious sources of van der Wa 

l. 


hereas the 
trength among the 


h is: lon—dipole > 
ced dipole (Debye 
n or London forces. 
als forces are as follows: 
c attractive forces which 
th permanent dipole, e.g. 


Weak dipole-dipole electrostati 
would exist in any molecule wi 
HCI, H,O etc. 

Weaker dipole-induced di 
polarisation of one molec 
molecule. 


pole interaction resulting from the 
ule by the dipole ofa neighbouring 
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3. For symmetrical molecules (e.g. Ne, Cl., H 
only London forces operate. Very weak 
non-polar molecules due to temporary fl 
electron density distribution. These tran 


2» CH, etc.) 
dipoles even in 
uctuations in the 


R 
Various forces acting on chemical species are SUMMatis, 
sient dipoles can Table 2.15. h 


now induce dipoles in neighbouring Molecules En 
a flux of weak temporary interactions. Ucin 


Table 2.15 Summary of chemical forces and interactions 


Type of 
interaction 


Ionic bond 


Explanation 


Neglecting repulsive forces, van der Waals forces, the energy of an D 
LZ WZ? e l 


pairis E = n E = strength of ionic bond is of the sam, 
o 


order of magnitude as covalent bonds. The common notion that ionic, | 
bonds are considerably stronger than covalent bonds results from mistaken 


interpretations of melting and boiling phenomena. | 
i lexity of the forces operating in the Covalent bong 
d | Very stron Complex, but comparatively | Because of the comp . ( l 
: it is not possible to write a simple potential energy function as for the 


electrostatic forces such as ion—ion and dipole-dipole. 


Intermolecular forces (non van der Waals interactions): 
— (short range) 
f 


i 


Dipole—dipole Moderately 


The potential energy of an ion-dipole interaction is 
Z*| pe 
p= |Zu 


given by 
z _ or &«—> (where Z* is the charge on the ion and risthe ` 
4n r° E r 4 


distance between the ion and the molecular dipole, p is the dipole moment 


). 
Ion—diple interactions are similar to ion-ion interaction, except that they 


c . l 
are more sensitive, except that they are more sensitive to distance (— 


Fa i 
l @ ¢ 
instead of — ) and tend to be somewhat weaker since the charges (q~, g`) 
r 


comprising the dipole are usually considerably less than a full electronic 
charge. 


| 
~ (short range) 
p 


-2w p A 

The energy ofinteractionoftwo dipolesis givenby E = dn A = or Ex 3 | 

aie 

The energy corresponds to ‘head to tail’ (a) and antiparallel arrangement 
of dipoles (b). 


(a) 


The latter arrangement 


t 
[i.e. (b)] is more stable if the molecules are ™ 
too ‘fat’. Dipole-dipol 


; ; wig 
e interactions tend to be even weaker than ! 


l 
dipole interactions and to fall off more rapidly with distance (5 } 


Like ion—dipole forces, the 


. | . l ar 
y are directional in the sense that pa 
certain preferred orientations and they are responsible for the ass0cl4 
and structure of polar liquids. 


ucture 
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s cular forces (van der Waals interaction): 


| Weak 


l 
yt (very short range) | The energy of such interaction is J7 


‘tg inherent 
ill depend upon its 1” 
will dep seld afforded bY the 


polarisation of the neutral species is 
polrisability (‘softness’) ©, and on the polarising 


charged ion, Z*. 

These interactions tend to be very weak since the ap 

species are not large. The energy varies inversely wi 
are effective only at a very short distance. —— i therwise 

Like ion-induced dipole, a dipole can induce another dipole a ne 

uncharged, non-polar species. The energy of such interaction 


grisabilities of most 
th powers of r, they 


Very weak 1 
| 6 (extremely short range) 


2 
-uQ I 
E=—, or Es- 
rÉ r 
; ORE" | 
where p is the moment of inducing dipole. | o 
Like ion-induced dipole, these interactions are very weak. The a ea 
varies inversely with powers of r, they are effective only at a very | 


distance. 


Very weak 1 
-z (extremely short range) 
r 


The energy of such interaction is E = - — g~» 9! Z 
r r 
where j is the mean instantaneous dipole. These interactions are extremely 
- 6 | 
short range in action (depending upon 1/ r° ) and the weakest of all 


attractive forces. These forces increase rapidly with molecular weight (or 
molecular volume) and the number of polarisable electrons. 


Molecular weight is not important in determining the magnitude of London 
forces for isotopes of hydrogen as well as similar compounds, such as 
hydrocarbons containing different isotopes of hydrogen. For example: 


i. H, (MW = 2), b.pt. = 20K 

ii. D, (MW = 4, a factor of two different), b.pt. = 23 K 

be d iii. T, (MW = 6), b.pt. = 25 K 

a Fluoro carbons have low boiling points because tightly held electrons in | 
the F atoms have a small polarisability since London forces increase with | 


increasing size and there is no limit to the size of molecules, these forces | 
can become rather large, in general, however, they are weak. | 
— ce EEE IEEE Ee | 


a. Whi ch among the following has highest boiling point and a. Which ofthe following intermolecular force is van der Waals 


why interaction: 
Explain why boiling point of n-alkanes increases regularly i. lon—dipole ii. Dipole—Dipole 
With the increase in the number of carbon atoms. iii. Jon-induced dipole iv. All 


b. Which of the following intermolecular forces is non-van der 
Waals interaction: 


i. Dipole-induced dipole 
ii. Instantaneous dipole-induced dipole 
iii, lon-induced dipole 


íe has highest van der Waals force because of having more 
j p i rons and large surface area. 

» This can be explained on the basis of inter particle forces. 
rhe Principal intermolecular force in alkane is London 
Gispersion forces. With the increase in number of carbon iv. None 

atoms, the molecular mass and molecular size increase. c. Which of the following intermolecular forces have a 
“Us results in increases in magnitude of London dispersion 


Sfces. Consequently, the boiling point also increases. 2 


potential energy—distance function as E « a 
i r 


2.78 Inorganic Chemistry 


i. Ion—dipole 

ii. Dipole—dipole 

iii. Jon-induced dipole 

iv. London dispersion forces. 


SGD a. (iii) b. (iv) c. (i) 


Gas ——————_> Liquid ————-> Solid 


Predominance of intermolecular interactions 


7 Gas <————_ Liquid <_____ Soli d 


Predominance of thermal energy 


2.23.4 THERMAL ENERGY 


Thermal energy is the energy of a body arising from the motion of 
its atoms or molecules. It is directly proportional to the temperature 


Fig. 2.58 Predominance of intermolecular interactions and therm 
al en 
er 


2.23.6 HYDROGEN BONDING 
1. Hydrogen bond: Whenever a molecule contains a hyd 
r 


of the substance. It is the measure of the average kinetic energy of 
the particles of matter and is thus responsible for the movement 
of particles. This movement of particles is called thermal motion. 


2.23.5 INTERMOLECULAR FORCES AND THERMAL 
ENERGY . 


We have already learnt that intermolecular forces tend to keep 
molecules together but thermal energy tends to keep them 
apart. Three states of matter are the result of balance between 
intermolecular forces and the thermal energy of the molecules. 


In the gaseous state, molecular interactions are very weak. Gas 
molecules do not cling together as in liquids or solids unless the 
thermal energy of the gas is reduced by lowering its temperature. 
A decrease in thermal energy causes molecules to come close, 
and they gradually develop intermolecular attraction till the gas 
condenses first into liquid and finally into solid. Gases do not 
liquefy only on compression, although molecules come very close 
to each other and intermolecular forces operate to the maximum. 
However, by reducing the thermal energy ofmolecules by lowering 
the temperature, gases can be very easily liquefied. 

In the liquid state, a fine balance exists between attractive 
forces and thermal energy. As a result, molecules can break away 
from one another and at the same time get attracted to other 
molecules. An increase in temperature results in an increase in 
thermal energy, and ultimately a stage reaches when the molecules 
fall apart and behave almost as independent entities. This stage 
is referred to as gaseous state. On the other hand, a decrease in 
temperature decreases thermal energy. On further compression, the 
intermolecular interaction increases. At this stage, the molecules 
of liquid cling closely and this stage is referred to as solid state. 


atom linked to a highly electronegative atom (such Oe 
or N), this atom attracts the shared pair of ele ots Fo 
and so this end of the molecule becomes slightly iere 
while the other end (i.e. H end) becomes slightly i 
The negative end of one molecule attracts the positive : | 
| 
t 


ofthe other and as a result, a weak bond is formed betw 
them. This bond is called hydrogen bond. It is represen, | 
f 


by the dotted lines as shown below: 
6+ & ô+ & ô & 


Thus, as a result of hydrogen bonding, an H atom links the | 
two electronegative atoms simultaneously, one by a covalen, | 
bond and the other by a hydrogen bond. Hence, it is saidi | 


form a hydrogen bridge. 


. Conditions for hydrogen bonding: In the formation of; | 


hydrogen bond, the following conditions must be fulfilled 

The molecule must contain a highly electronegative aton 

linked to H atom. The higher the electronegativity, mor 

is the polarisation of the molecule. 

b. The size of the electronegative atom should be smal | 
The smaller the size, the greater is the electrostat | 


a. 


attraction. 

Thus, only F, O and N atoms can form hydrogé 
bonds, as these atoms are small in size and have hig? 
electronegativities. 

Chlorine, having the same electronegativity as that c 
nitrogen, does not form hydrogen bond due to its large su 
But in organic compounds Cl forms H-bonding due to 
difference in EN’s between C and Cl. 


2.23.7 TYPES OF H-BONDING 
There are two types of H-bonding: 
1. Intermolecular hydrogen bonding: Whe 


In the solid state, molecular interactions are very strong, but 
the molecular motion is restricted to oscillatory or vibratory 


movement about their mean position. The molecules possess low h ydrog” 
n ¢ 


thermal energy and, therefore, cannot break molecules free from 
mutual attraction. When we heat a solid, thermal energy gradually 
increases, which weakens the intermolecular forces and causes 
them to move apart. When the average distance between the 
molecules increases beyond 10” cm, the solid melts into liquid. 
Further rise in temperature results in further increase in thermal 
energy, which further weakens the intermolecular forces and causes 
them to move apart and results in gaseous state. 

Predominance of thermal energy and the molecular interaction 
energy of a substance in three states is depicted as follows: 


. Intramolecular hydrogen bonding: 


bonding takes place between different molecules of the p 
or different compounds, it is called intermolecular by 
bonding, e.g. HF, H,O, ROH (same compound), and™ = | 
alcohol, ammonia and water (different compounds): e i 

The nyar 


bonding which takes place within a molecule j 
pelatio" 


called intramolecular hydrogen bonding (or O°" pw 
takes place in compounds containing two groups a tiv? 
one group contains a H atom linked to an electrons i 
atom and the other group contains a highly electron 


a jinked to a lesser electronegative atom. The bond is 
a d between the H atom of one group with the more 


n . 
| 3 ronegative atom of the other group, 


h SOME EXAMPLES OF INTERMOLECULAR 
A H-BONDING 
n water molecules: Due to polar nature of H,O, there 


Bis association of water molecules giving a liquid state of 
spnormally high b.pt. 


4 - oF o öt S& St & 

H-G-- BOB Go 
gòt gòt | 

twas observed that one water molecule is joined to four 

vater molecules, two with H-atoms and other two with 

h-atoms. Thus, coordination number of water molecules 

n water is four. 


gees +8 
+d H 
a 0% z 


When ice is formed from liquid water, some air gap is 
formed (in tetrahedral packing of water molecules). Due to 
his volume of ice is greater than liquid water and thus ice 
j lighter than water. Thus, the density decreases when ice 
formed. Reversely when ice melts, density increases but 
only up to 4°C. 

2. Ir hydrofluoric acid (HF): There is again association by 
H-bonding. Each HF molecule forms two H-bonding with 
two other HF molecules. This is due to the fact that size 
of F atom is so small that it cannot accommodate four HF 
molecules around it unlike H,O which forms 4 H-bonds. 


w 


5° ig gt şt 
J 3 ò ô 


However in the gaseous state, several polymeric forms ofthe 
HF molecules exist in which the monomers are held together 
through H-bonding to form a pentagonal arrangement. 


101 pm 
b= H 
p Beso F H 
LAE UEFA 
F H< 150 pm 


3: There is also similar H-bonding in alcohol (R — OH), 
ammonia (NH,) and phenol (C,H,OH) molecules. 

H Carboxylic acid dimerises in gaseous state or in solvents of 
10w dielectric constant, e.g. in benzene due to H-bonding. 


ucture 2.79 


tr 
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100 pm 


i ‘ 
---H-—O 
| ye i Nc—c—H 


H~=¢C—C 
| \o—H---07 I 
H 
ter due to crossed 


Alchol is said to be highly soluble in wa 1 R-OH 
intermolecular H-bonding (between H,O an 


molecules). 
R H i 
D n e 
e St & os & OF 
However, isomeric ether is less soluble in wat 
ether’s non-polar (or weakly polar) nature. 


n 


er due to 


> <——e 

S &t eo ò 
__cH,—_O—H CH, — O — CH; 
CH, — CH, — O ot Bt 


Polar 


6. Though the hydrogen atoms in a methyl groups are a 
polarised, if an electronegative group like chloro, carbony 
nitro or cyano is attached to it, the C-H bond gets polarised 
due to the inductive effect and the hydrogen atom becomes 
slightly acidic resulting in the formation of weak hydrogen 


bonds. 


H—C—CaN-—-H—C—C=N-—H—C—C=N 
i 4 i 
O H 
H : és H PEE iii 
a ae NCH 
H 


7. Cyanides and isocyanides: Cyanides have a pleasant odour 
but alkyl isocyanides have a very unpleasant odour. 

a. Boiling points: Both the (- CN) and (- NC) groups are 
highly polar. As a result, they have strong intermolecular 
dipole-dipole interactions, and hence have higher 
boiling masses. 

Alkyl isocyanides have usually boiling points than 
their corresponding alkyl cyanides. This is because 
alkyl isocyanides have a lower dipole moment 
(approximately 3 D) as compared to those of alkyl 
cyanides (approximately 4 D). | 

b. Solubility: The lower alkyl cyanides are soluble in H,O 

due to H-bonds. 


However, as the size of alkyl groups increases, 
the solubility decreases due to an increase in the 
hydrocarbon portion of the molecule. For example, 
acetonitrile (CH, — C =N) is miscible with H,O, 
propiononitrile (C,H,C =N) is fairly soluble, but higher 
members are practically insoluble. However all cyanides 
are highly soluble in organic solvents. 
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-bond depends upon: 


Alkyl isocyanides, on the other hand, are insoluble in 
H,O. This is because the nitrogen atom does not have a 
lone pair of electrons and hence cannot form H-bonds. 


8. Amines: Amines have higher boiling points than 
hydrocarbons of camparable molecular masses. This is due 
to the reason that amines, being polar, form intermolecular 
H-bonds (except 3° amines) and thus exist as associated 


molecule. 
R R R R 

---- H — N: ---- H — ut ---- H — i ---- H — Ni ---- 
aș A d 


Boiling points: Furthermore, EN of N is lower than 
oxygen. Therefore, amines form weaker H-bonds as 
compared to acids and alcohols. As a result, amines are 


not associated to the extent of alcohols and acids, and 


hence the boiling points of amines are lower than those 


of alcohols and acids of comparable molecular masses. 
Solubility: 1°, 2° and 3° amines form H-bonds with H,O, 
so lower aliphatic amines are soluble in H,O. 

H H 


| 
— -e N sH 0 an: ome N: ENEAS : SN p 


Methyl amines and ethyl amines are gases, but they are 
highly soluble in H,O. That is why they are sold in the 
market as their 34% aqueous solution. However, as the 
size of the alkyl group increases, the solubility decreases 
due to the corresponding increase in the hydrocarbond 
part of the molecule. Aromatic amines are insoluble in 
H,O due to the larger hydrocarbon part which tends to 
retard the formation of H-bonds. 


2.23.9 STRENGTH OF HYDROGEN BOND 
H-bond is a very weak bond and its strength is intermediate 
between the weak van der Waals forces and strong covalent bonds. 


Note: Electrostatic force > covalent bond > H-b 
-DO d 
Waals forces ee 
i Electrostatic force of attraction is that which holds the ions 
~ together in an ionic crystal. 
ii. Covalent bond (force) is that which h 
olds th 
in a covalent crystal. Bi pi aia 
iii. van der Waals forces is th i 
i m at which holds th 
together in a molecular crystal. ee 


The dissociation energy of the H 
1. The attraction of the shared pair of electrons, 


2. The EN of the atom. 


3. The bond dissociation of H..... 


F, H.....0 and H..... Nateg, 
29.3 and 12.6 kJ mol! respectively. 4] 


i 


1 


4. Thus, the bond dissociation energy of a covalent 4 
`< 209-418 kJ mol”, whereas that for H-bonds ig .™ 
My 


12.6-41.8 kJ mol. 


2.23.10 DIFFERENCE BETWEEN H-BOND ANp 
COVALENT BOND 


The main points of differences are given below: 


It involves sharing y 
electrons. 


= | — Hydrogenbond =~ 


It involves dipole-dipole 
attractive interactions. 


It is formed between ty, 
EN atoms which may e 
of the same element or; 
different elements. 


It is formed between a 
H-atom and a highly EN 
atom such as F, O and N, 
which have small size also. 


The strength of covalex 
bond is sufficiently high 
and lies between 209 a 
418 kJ mol’. 


The strength of H-bond is 
very small and lies between 
12.6-41.8 kJ mol. 


2.23.11 CONSEQUENCES OF INTERMOLECULAR 
H-BONDING 
Some of the properties affected by H-bonds are as follows: 

1. High melting and boiling points: The compounds havt: 
H-bonding show abnormally high melting and boil! 
points, as shown in Figs. 2.59(a) and (b) for the eleme" 
of groups 14, 15, 16 and 17. 


Melting point (K) ———> 


4 
Period ——> 
(a) 
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n 
Boiling joi nt xi T 
The boiling point of NH, y 
slightly lower than ee 
i ir hi 
BiH, and SbH,, due to the A 
molecular mass as compare A 
í e 
that of NH4. The incress ? 
molecular masses of BiH, an 
SbH, increases the van der 
Waals forces of attraction in 
liquid state. 
(OR) 
The H-bonding in NH, 13 
weaker in the liquid or gaseous 
state than in solid state. 


400 


me 


350 


300 


The m.pt. of NH, is the highest 
in the hydrides of group 
15, due to intermolecular 
H-bonding. 

In this case increased 
molecular masses of BiH, and 
SbH, do not affect so much 
the m.pt. of NH,. Because the 
increased van der Waals forces 
are not so strong in the solid 
state as they are in liquid state. 

(OR) 

The H-bonding in NH, is 
stronger in the solid state than 
in the liquid or gaseous state. 


250 


200 


150 


Boiling point (K) ————> 


100 


‘9 (a and b) Melting and boiling points of elements f 
5 al ( 15, 16 and 17 ae 


xplanation of melting and boiling points of hydrides of 


3. Explanation of melting and boiling points of hydrides of 
group 16 [Figs. 2.61(a) and (b)] 


Melting point (K) ———> 


2 3 4 5 6 
Period ——> 
(a) 2, 
í Period ——> 
Melting point: NH, (195.2) > BiH, (= 190) > SbH, (185)>AsH, (a) 
156.7) > PH, (139.5) K] [Melting point: H,O (273) > H,Te (222) > H,Se (208) > 
E H,S (188) K] 
400F H,O 
| 350 
300 ~ 
T H,Te 
¥ 250 i 
= H,Se 
F 200 H,S 
B 150 


100 

2 a. 4 5 

Period —> ` 
a (b) | 
$ Point: BiH, (290) > SbH, (254.6) > NH, (238.5) > AsH, (210.6) 
Ag. Boiling point: H,O (373) > H 2 
185, [ g p 20 ( »Te (269) > HLS 
°K] HS (213) K] i ASe) > 


Y 2.60 a) and i 
4 ) and (b) Melting and boiling points of hydrides of group 15 Fig. 2.61 (a) and (b) Melting and boiling points of hydrides of Saup aG 


i 
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the highest in the hydrides of | melting point. 
group 16 due to intermolecular 
H-bonding. The H-bonding in 
H,O is greater than that of HF 
and NH}. 

Since the EN of F>O>N. 
But greater H-bonding in H,O 
than HF is due to the reason that 
H,O forms four H-bonds while 
H-F forms two H-bonds. 
Hence, the increased molecular 
masses of H,Te does not effect 
the m.pt, of H,O. 


4. Explanation of melting and boiling points of hydrides of 
group 17 [Figs. 2.62(a) and (b)]. 


200 


Melting point (K) ———> 
a 
=) 


— 
© 
© 


4 
Period —> 
(a) 
[Melting point: HI (222) > HF (190) > HBr (185) > HCI (159) K] 


| 300 

~ 250 

=) 

= 200 

er 

oh 

150 

© 

aa 

100 
P 4 5 

Period —_» 
(b) 


[HF (293) > HI (283) > HBr (206) > HC] (189) K] 


Fig. 2.62 (a) and (b) Melting and boiling points of hydrides of group 17 


Explanation of m.pt. and b.pt. of hydrides of grog 

Melting point Boiling poii nt 
The melting point of HF is The boiling point of HF > 
slightly lower than that of HI, highest as usual due ti th 
due to increased molecular | strong H-bonding of He A 
mass of HI which increases | liquid or gaseous statę tha h 
the van der Waals forces of | the solid state. Nin 
attraction. 


(OR) 
H-bonding in HF is weaker in 
the solid state than in liquid or 
gaseous state. 


1 
g 
l 
A 


5. Comparison of the melting point and boiling Point « í 
nt 


NH,, H,O and HF: 


Melting point 


HF (190) K | 
EN of F>O>N. So, HF should 
have stronger H-bonding. But 
both H,O and NH, form four 
H-bonding while HF forms 
only two H-bonding. 
Moreover, the H-bonding in 
NH, is stronger in the solid 
state than in the liquid or 
gaseous state. Whereas the 
H-bond in HF is weaker in the 
solid state than in the liquid or 
gaseous state. 

Hence the m.pt. of 
H,O > NH, > HF as given 
above. 


s sede 
HO (373) > HF (293) > yp 
238.5) K 4 
Both H,O and NH, form fon 
H-bonding while HF forms only 
two H-bonding. 

But H-bonding of HF in the 
liquid or gaseous state is 
stronger than in solid state 
Therefore, the boiling point of 
HF > b.pt. of NH,. 

Hence, the boiling point of 3.0 
> HF > NH, as given above. 


6. Existence of KHF, and non-existence of KHC1,, KHB. 
or KHI, (dissociation): In aqueous solution HF dissocia 


and gives the hydrogen difluoride in (HF,°) instead o | 


fluoride ion (F°). This is due to H-bonding in HF. Tes 
explains the existence of KHF,, 


H — F + H,O 3S H,0® + F® (does not occur) 


tô +6 +§ 
H H P H \ P H O O° 
/ yf Se ” NX vt H,O —> HF; + H; 
i$ a (it occus) 


1 
\ 


Whereas due to not so high EN and large size of Cl, B! a 
I, the molecules of HCl, HBr and HI do not form H-bond"? 
This explains the non-existence of compounds such ® 


KHCL,, KHBr, and KHL. 


i ; Lome 
7. Formation of dimer (association): Carboxylic acids 4 | 


as dimer in gaseous state or in solvents of low diele 


| 


E 


nt, €-g- in benzene, 
9 


~~ onsta 


because of intermolecular. 
; ding. 
p-bor | 
Bon, COOH) = (e; COOR), 


Dimer 
jn this case, the number of particles is 
gimerisation. 
itoan be undoubtedly stated here that if 


reduced due to 


! all the molecules of 
vrboxylic acid (e.g. ethanoic acid), associate in benzene 
5 


shen the colligative propertives (e.g. AT pOr AT PD) for ethanoic 
acid will be half of the normal value. The 


l e molar mass 
calculated on the basic of this AT p or AT will, therefore, be 
wice the expected value. Such a molar mass that is either 


jawer: higher than the expected or normal value is called 
as abnormal mass. 


for example, the calculated molar mass (MW) of ethanoic 
acid is 60, whereas measured experimentally by colligative 
properties (e.g. AT, or AT,) was found to be 120. 

g, Solubility in water: The compounds which can form 
H-bonds with H,O are soluble. 
For example, 
a. Lower alcohols are soluble in H,O because of 
intermolecular H-bonding 


+ð -8 + -ð +ò -$ 
--- A oO H—0O--- 
| 
R H R 
b. NH, is soluble in H,O because of intermolecular 
H-bonding. 


+8 +ô 
H H 
-+8 | 38 +ô -28 +ô | +ð -28 
E N------ E er | ees f a 
P m +ôH +3 


9. High viscosity and high surface tension: 


a. The compounds which form intermolecular H-bonding 
exist as associated molecules. 
So, their flow becomes comparatively difficult resulting 
in high viscosity and high surface tension. 


- Due to H-bonding, viscosity (n) of the liquid increases 
as given below in centipoises (CP). 


CH;CH,OH CH,OH ical 
ACP CH,OH CHOH 
NATE (u,08 
n=1070CP 
C. 


Due to H-bonding, H,SO, is colourless, viscous oily 
liquid and has high density and high boiling point. 


~H o 0o- H—O o-~ H— O je 
x A A NZ ia à 


S NN 
aN œo- 
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Ne as 


ne . al 
d. Due to H-bonding, H,PO, is a syrupy liqui 


Ges 
A fo, > H—O ~S 
p P / Not 
| No — H-0- macennnnenee=* H—O 
tg. * : 
ne ing i H-bonding 
10. Volatility: Compounds having intermolecular 


ile. The 
have higher boiling points, so they are Jess geria 
enthalpies of vapourisation follow almost the sam 
as shown by boiling points (Fig. 2.63). 


„H0 
HF \ 


Q 


. . =l 
Enthalpy of vapourisation (kJ mol’) 


Period ——> 


Fig. 2.63 Variation of enthalpies of vapourisation AH,,,H~ of the 


hydrides of elements of periods 2 to 5 


11. H,O is a liquid whereas H,S, H,Se and H, Te are all gases 


12. 


13. 


14. 


at ordinary temperature: Due to H-bonding in H,O, it 
causes association of H,O molecules with the result that 
the b.pt. of H,O is more than that of the other compound. 
But in H,S, H,Se and H,Te there is no such H-bonding. 
NH, has higher boiling point than PH,: Due to H-bonding 
in NH, but not in PH.. 

C,H.OH (ethanol) has higher boiling point than diethyl 
ether (H; C, - O - C, H,): Due to H-bonding in C,H, OH 
but not in (C,H, - O — C,H 3). 

Why ice floats on water: Ice has lower density than H,O, 
as explained below. Due to H-bonding ìn solid ice, it forms a 
cage-like structure of H,O molecules (Fig. 2.64) in which each 
H,O molecule is linked tetrahedrally to four H,O molecules 
(Fig. 2.65). The molecules of H,O are not so closely packed in 
the solid ice. When ice melts in cage-like structure, H-bonds 
break and molecules come closer to each other. Therefore, 


for the same mass of water, the volume decreases and hence 
density increases. Thus ice floats on water. 


(99 pm) | 177 pm 
— Vacant 
S, spaces 
H H H , 
No è 
H “H H H 
So o 
H. H `H P 
\ a ¢ N 7 
O, O, 
H“ Hy 


“HOO” 
‘of 
ra 


Fig. 2.64 Cage-like structure of H,0 in the ice 
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Fig. 2.65 Each H,0 molecule linked to four H,0 molecules tetrahedrally 


a. In Fig 2.64, each O-atom is linked to four H atoms, two 
by covalent bonds and two by H-bonds. 

b. In Fig 2.65, each H,O is linked to four H,O molecules 
tetrahedrally by H-bonds. 


15. Maximum density of H,O at 4°C (or 277 K): On heating, 
H-bonds start breaking and molecules come closer to each 
other, resulting in the decrease of volume and increase of 
density. This continues up to 277 K. At 277 K, all the H-bonds 
break and after 277 K, the increase in temperature increases 
the kinetic energy of H,O molecules and thus H,O molecules 
start moving apart from each other. This process increases 
the volume which means decreases in density. Hence, density 
of water is maximum at 277 K (Fig. 2.66). 


Density (g/mL ') 


Temperature (k) 


Fig. 2.66 Variation of density of H,0 with increase in temperature 


2.23.12 SOME EXAMPLES OF INTRAMOLECULAR 
H-BONDING 


This type of H-bonding occurs when polar H and electronegative 


atom are present in the same molecule. 


Examples: 
O 
CHx O > H 
1 2. : 
H Z O 
oO < N= 
o-Hydroxy benzaldehyde v 


O 
o-Nitro phenol 


O—H---O 
| T 
3. CH; —C=N ee 
Ni 
CH; —-C=N~ “N= C— CH 
O---H—O 


Nickel dimethyl glyoximate (a chelate) 
(Red colour ppt., used as test for Ni?* ion) 


O—H----O | 
4. | t | 
Ph—C=N . |, N=C—Ph | 
| PACS | | 
Ph—C—=N N= C— Ph | 
4 | 
O----H—O 


Benzoin oximate (a chelate) (Red colour ppt., 
used as a test for Cu?” ion) 
In case of anti-form of pyridine-2-carboxaldoxime (5) the 
is intramolecular hydrogen bonding, but it is not show, . 


syn-form (6). 
5. (— | 6. (~ | 
: ll 
H N N 
Ne? No 
anti syn 


In this type of H-bonding, the bonding occurs within w 
atoms of same molecule. Such type of bonding generi 
occurs in aromatic organic compounds. It is also known x 
chelation. 


2.23.13 CONDITIONS FOR INTRAMOLECULAR 
H-BONDING 

The following conditions must be satisfied by intramolecuwz 

H-bonding: 

1. The molecule should contain two groups such that one gow 
contains H-atom linked to a highly EN-atom and other go% © 
should also contain a highly EN-atom linked to a lesser EN 

_ atom. 

2. The ring formed as a result of H-bonding should be pla | 

3. A five- or six-membered ring should be formed. 

4. Interacting atoms should be placed in such a way 
is minimum strain during the ring closure. . 

5. In case of o-, m- and p-isomers, H-bonding is formed * 
ortho (0-), position. 


NG 

2.23.14 EFFECTS OF INTRAMOLECULAR H-BOND 
1. Intramolecular H-bonding decreases melting and bol" 
points as well as their solubility in H,O. 


that thet 


othe! 


For example, o-Chlorophenol, o-Nitrophenol and ho" 
o-derivatives (isomers of hydroxy, carbonyl and ac! 


low boiling point as well as melting point as © 
term 


ompa 
oleet” 


to their m- or p-derivatives (which shows in 
H-bonding). 
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a aI 
C <olubility of all such compounds also decreases for 
M game reason, i.e. bonding between atoms of same 
; lecules OF chelation does not allow these molecules to 


_, intermolecular H-bonds. 


& example, in o-nitrophenol, (O-H) group makes 
En olecular H-bonds with O-atom of NO, group and 
mes unavailable for intermolecular H-bonding and 
F oe it is very less soluble in H,O. 

fy o-nitrophenol, intramolecular H-bonding occurs, 
: hich lowers the boiling point, whereas in p-nitro phenol 
ntermolecular H-bonding occurs, which increases the 
oiling point. 


Similarly, salicylaldehyde and salicyclic acid are soluble 
in hot water but their m- and p-isomers are soluble even in 


“cold H,O. 
i O—H o—H 
C==0 C== 0 
| | 
H OH 
(Salicylaldehyde) (Salicyclic acid) 


SIGNIFICANCE OF H-BONDING IN 
BIOLOGICAL SYSTEMS 
ater present in plants and animals (which is more than 50% by 


bit) is attached to proteins by hydrogen bonding. Similarly, the 
Jaa res of proteins and nucleic acids are stabilised by hydrogen 


Ethyl « cohol (C,H,OH) has higher boiling point than dimethy! 


- O-CH,) although the molecular weight of both 


Though ethyle alcohol and dimethyl ether have the 
Molecular weight but in ethyl alcohol the hydrogen of the 
‘oups forms intermolecular hydrogen bonding with the OH 
n another molecule. But in case of ether the hydrogen 1s 
to C is not so electronegative to encourage the hydrogen 


fom h 


alcohol remains 1n 


Due to intermolecular H-bonding, ethyl higher temperature 


the associated form and therefore boils at a 
compared to dimethyl ether. 


Explain unusual stability of chlorohydrate 
with two or more -OH groups present on 
_ usually unstable. 


Soll. The unusual stability of chloral h 
to — I effect of chlorine and to the formation of intr 


hydrogen bonds (Cl,C—CH (OH),). 


though a compound 
one carbon atom 1S 


ydrate has been attributed 
amolecular 


_--H 
att SG 
Cl PA 
C1 — C —— CH 
Cl No 


~ 
-~ 
Sa 
-H 


a. o-Hydroxy benzaldehyde is less soluble in water than 
-~ p-hydroxy benzaldehyde. 

| b. o-Hydroxy benzaldehyde is liquid at room temperature while 
~ p-hydroxy benzaldehyde is high melting solid. 


a. A substance is said to be soluble in water if it 1s capable 
of forming H-bonding with water molecule. In o-hydroxy 
benzaldehyde due to intramolecular chelation the -OH 
group is not available to form hydrogen bond with water 
hence it is sparingly soluble in water. On the other hand, 
the -OH group is available in p-hydroxy benzaldehyde to 
form H-bond with water and hence it is more soluble as 
compared to the o-isomer. 


or 
c0 


H H — C == 0O 


H—O---H—O—H 


o-isomer p-isomer 


b. These are intramolecular H-bonding in o-hydroxy 
benzaldehyde while intermolecular H-bonding in 
p-hydroxybenzaldehyde. 
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(o-hydroxy benzaldehyde) 
(H-bonding is within the 
same molecule, thus less 
interaction in comparison 
to p-hydroxy benzaldehyde, 
thus is liquid.) 

(p-hydroxy benzaldehyde) 
(In this case interaction 
increases close packing, thus 
becomes solid, so obviously 
high melting point.) 


HC= O~.. H 


Explain the following: 
a. Nitrogen and chlorine have almost same EN’s but N forms 
H-bonding. 
b. H,O is liquid whereas H,S is gas. 
c. Compare the acidic strength of o-,m- and p- hydroxy benzoic 
acid. 
d. NH, exists as liquid whereas HC! as gas. 
e. Among the compounds CH,COOH, NH., HF and CH, in 
which the strongest H-bonding is present. 
f. Among HF, CH,OH, N,O, and CH, which would have 
intermolecular H-bonding. 
g. Salt-like KHF, is stable but KHCL, is not known. 
h. H,PO, is a syrupy liquid. 
i H,SO, is colourless, viscous oily liquid and has high boiling 
point. 
j. Water forms four H-bonds as compared to two in HF. 
Explain? 
k. Density of ice is less than that of water or ice floats over 
water. 


a. Due to the large size of Cl, interacting with neighbouring 
molecules is not so strong. 

b. In H,O, there are strong intermolecular forces due to 
extensive H-bonds. No such bonding exists in H,S since 
EN of O> EN of S. 


conjugate base is stabilised by H-bonding. 
Decreasing acidic strength order is: 


OH OH OH 
COOH 
> > 
COOH 
COOH 
[pK , = 2.98 4.08 4.58] 


OH 


3 


d. The size of N atom is less than the size of C] atom the 

electron density in N is more than that of C], So Thy 

H-bonding leading to association of molecule, i Oh, 

is liquid. H-bonding is not possible with C1], M 

HF due to maximum EN of F. Decreasing order Of stre 

of H-bonding. Ne 
HF > NH, > CH, COOH (exist as dimer) > CH, 

f. HF and CH,OH. 

g. Refer to Section 2.23.11 (Point 6) 

h. Refer to Section 2.23.11 [Point 9(d)] 

i. Refer to Section 2.23.11 [Point 9(c)] 

j. Refer to Section 2.23.8 (Point 1) 

k. Refer to Section 2.23.11 (Point 14) 


I. Arrange the compounds (a) in the order of decreasing boiling 
points and (b) in the order of decreasing solubility in Wate | 


| 


(A) (1) Ethanol, (2) Propane, (3) Pentanol | 
(B) (1) Butane, (2) 1,2,3-Pentanetriol 
(3) Butyl alcohol 


(C) (1) Pentane, (2) Pentanol, (3) Hexanol 
II. Arrange the following in the decreasing order of their boiling 


points. 
(A) (1) CH, (2) C,H,OH, (3) (CH,),0, 
(4) HOH,C—CH,OH 


(B) (1) 3-Pentanol, (2) n-Pentane, 
(3) 2,2-Dimethyl propanol, (4) n-Pentanol 

IMI. Arrange the following alcohols (a) in the decreasing order oi 
their boiling points and (b) in the decreasing order of thei 
solubility in water. 
(1) n-Butyl alcohol 
(2) sec-Butyl alcohol and 
(3) tert-Buty] alcohol 

IV. Arrange the following compounds in the order of their 
increasing boiling points, 
(1)CH,COCI, =a) (CH;CO),0, (3) CH,CONH,, 
(4) CH,COOH 


I. (A) a. The decreasing order of boiling points is: Pentanol 
> Ethanol > Propane (3 > 1 > 2). 
Pentanol and ethanol have H-bonding, but molec" 
mass of pentanol is more than ethanol, so it has pi 
boiling point. Propane has the least boiling point a 
non-polar character and weak van der Waals forc?’ 
attraction, 

b. The decreasing order of solubility in H,O is: 

Ethanol > Pentanol > Propane (1 > 3 > 2). 
Both ethanol and Pentat.vl have H-bonding, bu! ” 


enema, 
- ` 
. 

Ss, 


i ; part in pent is lar | 
polar Pa on Pentanol is larger than non- 


—s 
- `, 
” N, 
. 
‘ 


polar part i 


\ : 
a $ i In ethanol. So ethanol is more 
soluble in H,O than pentanol., Prop 
pecause of the non-polar character. 

The decreasing order of boiling point is: 
"| 2,3-Pentanetriol > Butyl alcohol > But 
~ 1). Due to three (OH) groups in com 
it has more H-bonding than in alcohol (3). 
_ Decreasing solubility in H,O: (2) > (3) > (1). 
There is more H-bonding in compound 
hence it has more solubility in H,O. 
_ The decreasing order of boiling point is: 
Hexanol > Pentanol > Pentane (3 > 2 > 1) 
Both alcohols have same H-bonding, but molecular mass 
of (3) > (2). Hence, the boiling point order is as given 
above. > 
_ The decreasing order of solubility in H,O: 
Pentanol > Hexanol > Pentane ` 
[Same explanation as in I (A) (b) above.] 
The decreasing order of boiling point is: 
HOCH,—CH,OH > C,H,OH > (CH;),0 > C,H, 
(4>2>3>1) 
(Same explanation as I (B) (a) above.) 
The decreasing order of boiling points is: 
n-Pentanol > 2,2-Dimethy] propanol 

Me 


ane is least soluble 


ane (2 > 3 
pound (2), 


(2) than in (3), 


2 4 
2 
M RY on > 3-Pentanol me NV” Nie 
Me 1 


Me OH 
> n-Pentane (4 > 3 > 1 > 2) 


Alcohols (4), (3) and (1) have H-bonding, but -pentanol 

is a straight-chain compound and has a larger surface 

area, so the highest boiling point. Alcohol (3) is more 

sterically hindered than alcohol (1), hence it requires 

more energy to boil off. Therefore, boiling point of 

alcohol (3) > alcohol (1). 

The decreasing order of boiling points is: 

n-Buty] alcohol > sec-Buty] alcohol > 1-Buty! alcohol 
(1>2>3 ). 


eA) > (ee 2) > Me 


All alcohols have H-bonding, but alcohol (1) has more 
Surface area. Alcohol (2) has less surface area due to 
branching, and alcohol (3) has more branching and less 
Surface area than in alcohol (2). Hence, the boiling point 
order is as given above. 

Decreasing solubility order in H,O: 

Butyl alcochol > sec-Butyl alcohol > n-Butyl alcohol 
» B>2>1). 


Lesser the surface ar 
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Hence, the solubility order is as given jaia -g while 
CH,COOH undergoes intermolecular on 3 
CH,COCI does not. The boiling point of CH; 

higher than that of CH,COCI. 

The molecular mass of (CH,CO),O is mu 


l n igher 
that of CH,COOH. As a result, ga ae 
boiling point than that of CH,COOH due 
ay ction. Like CH,COOH, 
-bonds, 
formed. 


ch higher than 


van der Waals forces of attrac 
CH,CONH, also forms intermolecular H 
whereas in CH,COOH only cyclic dimers are ne 
In CH,CONH,, intermolecular H-bonds lead to 
association of a number of molecules. As 4 result, the 
boiling point of CH,CONH, is much higher than that of 
CH,COOH. Further, this higher degree of association 
of CH,CONH, molecules compensates for the effect of 
increased molecular size of (CH,CO),O. Consequently, 
boiling point of CH,CONH, is even higher than that of 
(CH,CO),0. In other words, the boiling points follow 
the sequence: 


CH,COCI < CH,COOH < (CH,CO),0 < CH,;CONH, 


a. Arrange in decreasing order of melting and boiling points 
of hydrides of groups 15, 16 and 17. 

b. Give the decreasing order of melting and boiling points of 
H,O, NH, and HF. 


o 


Give the decreasing order of boiling points: (I) C,H;OH, 


(II) (CH,), NH, (III) C,H.NH,. 


a. 


Give the decreasing order of solubility in H,O. 


(DPhNE,, (11)(C,H,),NH, (I)C,H.NH,. 


a. (Refer to Section 2.23.11, Points 2, 3 and 4. 


Melting point of group 15 hydries: NH, > BiH, > SbH, 
> AsH, > PH. l i 
Boiling point of group 15 hydries: BiH, > SbH, > NH, 
> AsH, > PH}. l l i 


. Melting point of group 16 hydries: H,O>H,Te>H,Se 


> HS. 


Boiling point of group 16 hydries: H,O > H,Te>H.Se 
> H,S. i j - 


Melting point of group 17 hydries: HI > HF > HBr > 
HCI. 


Boiling point of group 17 hydries: HF > HI > HBr > HCL 
b. Refer to Section 2.23.11, Point 5. 

Melting point: H,O > NH, > HF. 

Boiling point: H,O > HF > NH, 


c. i, 


Boiling point of alcohols > boiling points of amines (due 
to EN of O> EN of N) 

Boiling points of 1° amine > 2° amine > 3° 
to three H-bonds, two H-bonds in 1° and 2° 
amine do not form H-bonds, since no H- 


amine due 
amines, 3° 
atoms is present. 
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d. 


Therefore, decreasing boiling order : 

C,H,OH > C,H<NH, > (C,H.).NH (I> 1I > I) 
Solubility in H,O of 1° amine > 2° amine > 3° amine due 
to three H-bonds and two H-bonds in 1° and 2° amines 


respectively. Aromatic amines are less soluble in H,O due 
to larger non-polar part than aliphatic amines. 


Therefore, decreasing solubility order is: 
C,H.NH, > (C,H), NH: PhNH, (Il > I> 1) 


2.24 VALENCE BOND THEORY AND 


MOLECULAR ORBITAL THEORY 


Limitations of valence bond theory (VBT): VBT does not 
explain satisfactorily the following. 


l. 
Zs 
3. 


The formation of chemical bond of molecules. 
Their relative bond strength. 


Their characteristic magnetic properties, i.e. paramagnetic 
and diamagnetic characters. 


- Their optical properties, i.e. colour of molecules in visible 


light. 


To overcome the above limitations of VBT, another approach 
was developed by F. Hund and R.S. Mulliken in 1932, 
known as molecular orbital theory (MOT). 


Salient features of MOT: 


L. 


Yellow portion 


White portion White p 


This theory suggests that when two atomic orbitals (AO) 
combine or overlap, they lose their identity and form new 
orbitals, which are known as molecular orbital (MO). 
Whereas in VBT, when two AO combine or overlap, they 
retain their identity. 

For example, the concept can be understood by taking 
two eggs opened in the same frying pan side by side 
[Fig. 2.67 (a)] in which yellow portion of both the eggs are 
seen separately while the white portion of both the eggs are 
mixed. This analogy represents the VB approach. 

When the two eggs are mixed thoroughly then white and 
yellow portions of both the eggs cannot be distinguished. 
This analogy represents the MO approach [Fig. 2.67 (b)]. 


Yellow portion 
of egg 2 


o) 


White portion of 
egg | and2 


Yellow portion 


of egg 1 \ of egg] 


Yellow portion 


Of egg 2 
ortion 
of egg 1 of egg 2 
(a) (b) 
Fig. 2.67 (a) Analogy to distinguish between vB approach and 
MO approach 


VB approach and MO approach in te 


rms of orbitals js 
represented as shown in F ig. 2.67 (c), 


. The electrons in a molecule are present in the Vario 


. The atomic orbitals of comparable energies and 


-Two half-filled 
atomic orbitals 


Fig. 2.67 (c) Difference in VB and MO approach 


Us Moy. 
as the electrons of atoms are present in the various AQ, 
3, 


Prope, 
symmetry combine to form molecular orbitals. 


For example, 1s can combine with 1s and not with > 

similarly, s-orbital can overlap ( combine) with p by the 
with p, or Py 

Likewise p, can combine with p, but not with P, tp, 3 
convention Z-axis is taken as the internuclear or molecyja 
axis. 


- While an electron in an AO is influenced by one nucley; 


in a MO it is influenced by two of more nucle; depending 
upon the number of atoms in the molecule. Thus, an AO 5 
monocentric while a MO is polycentric. 


- The number of MO formed is equal to the number of 


combining AO’s. When two AQ’s combine, two MO’s xe 
formed. One is known as bonding molecular orbital whi: 
the other is called antibonding molecular orbital. 


- The bonding molecular orbital has lower energy ai 


hence greater stability than the corresponding antibondin: 
molecular orbital (ABMO). 


. Just as the electron probability distribution around a nucle 


in an atom is given by an AO, the electron probabilit 
distribution around a group of nuclei in a molecule is gv | 
by a MO. 


» The MO’s like AO’s are filled in accordance with the Au/™ | 


principle obeying the Pauli exculsion principle and th 
Hund’ rule. 


- The bonding MO’s are represented by o, 1, 6 etc. where? 


the corresponding antibonding MO’s are represented by ° 
r", 5° etc. 


2.24.1 COMPARISON BETWEEN AO’s AND MO g 
The comparison between AO’s and MO’s is given in Table 2) 


= ff Comparison between AO’s and MO’s 

waple ©’ 

1. Their electron cloud 
extends around all the 
nuclei of bonded atoms in 
the molecule, i.e. a MO 
IS polycentric. They are 
obtained by combining AO’s 
of comparable energy. 


| Si electron cloud 
| ground the nucleus 
le atom, i.e. AO is 


xtends 
nf a sing 
ocentric. 


on 


- They have complex shapes. 


3. They are represented by o, 
© , T, T", etc. They may be 
bonding or antibonding. 


They are less stable. 4. They are more stable. 


FORMATION OF MOLECULAR ORBITALS BY 
LINEAR COMBINATION OF ATOMIC ORBITALS 


rding to wave mechanics, the AO’s can be expressed by 
ve functions (y’s) which represent the amplitude of the electron 
es. These are obtained from the solution of Schrödinger wave 
equation. However, since it cannot be solved for any system 
containing more than one electron, MO’s which are one electron 
wave functions for molecules are difficult to obtain directly from 
solution of Schrödinger wave equation. To overcome this 
roblem, an approximate method known as linear combination 
omic orbitals (LCAO) has been adopted. 
ccording to the principle of LCAO, an atomic orbital is an 
ron wave. The waves of the two AO’s may be in phase or out 


224.2 


(b) 
Fig. 2.68 (a) Additive effect of the electron waves in phase and 
(b) Subtractive effect of the electron waves out of phase 
*Uppose Y, and w, represent the amplitude (or also called 
pave functions) of the electron waves of the atomic orbitals 
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ices e 
of the two atoms A and B respectively, then the situation may b 
represented as follows: 
1. When the two waves are in phase (const 
so that they add up and the amplitude of the new 
o= Wat Wp 
2. When the two waves are out O 
interference), the waves are subtracte 
that the amplitude of the new wave is 
o* =W- YB 
Knowing that the probability is given by t 
amplitude, we have ; > 
57 = (YW, tW = atw pt eVa Ve 
and g =Ma -Yp =W at 32a Ye 


ructive interference) 
wave 1S 


f phase (destructive 
d from each other so 


he square of the 


whereas o°? <w*, +Y’ 

a. Thus, by combination of two AO’s, two new MO’s 
(o and o* ) are formed, one by additive effect and the 
other by the subtractive effect of the AO’s. 

b. The MO (o) formed by the additive effect of the A.O’s 
is called bonding molecular orbital. 

c. The MO (o*) formed by the subtractive effect of the 
AO’s is called antibonding molecular orbital as shown 


in Fig. 2.69. 
Antibonding orbital higher energy 
than that of atomic orbitals 


Molecular 
orbitals 


Atomic 
orbital 


Increasing energy 


Bonding orbital lower energy 
than that of atomic orbitals 


Fig. 2.69 Formation of bonding (c) and antibonding (o*) molecular 
orbitals by the linear combination of atomic orbitals y, and y, 
centred on two atoms A and B respectively 


Qualitatively, the formation of molecular orbitals can be 
understood in terms of the constructive or destructive 
interference of the electron waves of the combining 
atoms. In the formation of bonding molecular orbital, 
the two electron waves of the bonding atoms reinforce 
each other due to constructive interference while in the 
formation of antibonding MO, the electron waves cancel 
each other due to destructive interference. 


Just as atomic orbitals are represented by s, p, d etc., the bonding 
molecular orbitals are represented by ©, m, 8 etc., and the 
corresponding antibonding molecular orbitals are represented 
by putting an asterisk, i.e. by o*, n*, 3* etc. 
It may be pointed out here that the crests of the electron wave 
are usually given a ‘+’ sign and the troughs a ‘~’ sign (Fig. 2.70). 
Thus, bonding molecular orbital is formed by the combination of 
‘+? with ‘+? and ‘~’ with ‘~’ part of the electron waves, whereas 
antibonding MO’s are formed by the overlap of ‘+’ with <> 
part. However, these “+” and ‘—’ signs have nothing to do with 
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the electrical charges on the orbitals. They simply represent the 


sion of the wave function. 
a Crest 


7 


Trough 
Fig. 2.70 Sign convention in an electron wave 

d. The electron density in a bonding MO is located between 
the nuclei of the bonded atoms and hence repulsion 
between both the nuclei is very less or attraction between 
both the nuclei is very strong. 
In other words, the probability of finding the electrons 
in the bonding MO increases. . 

e. Incase ofan antibonding MO, most of the electron density 

is located away from the space between the nuclei and 

hence repulsion between both the nuclei is very high or 

attraction between both the nuceli is very less. 

In other words, the probability of finding the electrons 

in the antibonding MO decreases. | 

Nodal plane is that on which the electron density is zero. 

In fact, there is a nodal plane between the nuclei and 

hence the repulsion between the nuclei is high. 

Electrons in a bonding MO tend to hold the nuclei 

together and stabilise a molecule. 

Therefore, a bonding MO always have lower energy 

than either of the AO’s, that have combined to form it. 

g. Electrons in a antibonding MO destabilise the molecule. 
Because of mutual repulsion of the electrons in this 
orbital is more than the attraction between the electrons 
and the nuclei. Hence, the net energy is increased. 


h. Energy of bonding MO is lowered than the energy of 
the parent AO’s that have combined. 


Whereas the energy of antibonding MO is raised above 
the parent AO’s that have combined. 


The total energy of two MO’s however remains the same 
as that of two original AO’s as shown in Fig. 2.71. 


Antibonding MO 

Oo* = Ya — Yp 

z mH 

=| 2 i 

& È \ 

9| 5 

“\° ®© - 

orbital o j 

O= Pat Py ji 
Bonding MO 


Fig. 2.71 negation of bonding and antibonding molecular orbitals 
The lowering of energy (A) of the bondi 
combining AO is called the stabilisati 


increase in energy (A’) of the antibond 
the destabilisation energy, 


ng MO than the 
on energy while 
ing MO is called 


2.24.3 CONDITIONS FOR THE COMBINATIO 
ATOMIC ORBITALS 
LCAO’s to form molecular orbitals take place only if the fol 
conditions are satisfied: Wir 
1. The combining atomic orbitals must haye the sa 
nearly the same energy. This means that 15 orbit 
combine with another 1s orbital but not with Cay 
because the energy of 2s orbital is appreciably higher U 
that of 1s orbital. This is not true if the atoms me A 
different. eh 


2. The combining atomic orbitals must have the ‘3 


symmetry about the molecular axis. By conventión Di 4 


is taken as the molecular axis. The atomic orbitalg A 
same or nearly the same energy will not combine if the, 
do not have the same symmetry. For example, 2p, orbi 4 
of one atom can combine with 2p, orbital of the other by 
not with the 2p, or 2p, orbitals because of their differen 
symmetries [Figs. 2.72(a) and (b)]. 

3. The combining atomic orbitals must Overlap to th, 
maximum extent. Greater the extent of overlap, the greater 
will be the electron density between the nuclei ofa molecula 
orbital. 


l 
l 
l 
l 
IA 
l 
l 
i] 


x 
Improper orientation 
(no overlap) 


Improper orientation 
(no overlap) 


®and®overlap ! 


eee bell ke See 


® and©overlap 2p, or 2p 
Yy 


Improper orientation (no net overlap) 
(b) 


(a) Proper orientation of overlap 
mproper orientation of overlap 


Fig. 2.72 
b) I 


2.24.4 TYPES OF MOLECULAR ORBITALS 
Molecular orbitals of 


Go (sigma). TC (ni) N [daltai a O 


diatomic molecules are designat? 


i 
1 
f 
$ 
i 
t 


a ap along the inte Pap eas 
wo AO'S overlap along rnuclear axis, the MO formed 
3o MO and they are symmetrical around the bond axis 
wO AO’S overlap sideways, the MO formed is called 
Hand they are not symmetrical around the internuclear axis 


The different orbitals in terms of signs of wave function 
„resented as: 


ince s-orbital is spherical symmetrical, their wave function 
the same sign in all direction. 


ince p-orbital has two lobes, so one lobe is given a 
sign and other a © sign. 


sormation of the bonding MO is represented by the 
verlapping of ® part of the electron cloud of one atom 
vith @ part of the electron cloud of the second atom or 
> part with © part. 

in Fig. 2.72 (b), the combination of 2s — 2p, , there is a small 
pverlapping. The area of (+) (+) overlap is equal to the area 
af (+) O overlap. Therefore, the two areas are equal but 
spposite in signs. Hence, they cancel out. 


Formation of the antibonding MO is represented by the 
yverlapping of © part of the electron cloud of one atom . 
: h © part of the electron cloud of the second atom or © 
bart with ® part. 


j. Overlap of 1s with 1s: The wave function of two 1s orbitals 
‘can combine in two different ways: 
a. When both have same wave phases (or function), ice. 
ae both have same sign. 

| a b. When both have different wave phases (or function), 

= ie. both have different signs. 

If one of the wave functions is arbitrarily assigned a +ve 
sign, the other may be either +ve or —ve. The bonding 
molecular orbital formed is designated as o (1s), © 
indicating that the overlap is along the internuclear axis 
and 1s indicating that 1s atomic orbitals have combined 
to form the MO. The corresponding antibonding 
molecular orbital is designated as o* (1s) (Fig. 2.73). 


Nodal 
plane 
Pi HUNT e e = 
Doep- ZA 
Is ls i *] 
By subtraction o* (1s) a 
a 4 Antibonding o* MO 


(one nodal plane) 


a 
3 cj {i-> 


CD 


o ( 1s) ] e re) 
Bonding o MO plane 


19. 2.73 Contours and energies of bonding and antibonding orbitals 
formed through combination of 1s AO's 


x Over lap of 2s with 2s: This type of overlap takes place 
Exactly in the same manneras between 1s with 1s but in this case 
`; onding and antibonding M.O are represented as o (2s) and 
S* (2s) respectively. 


By addition 


$$ ____ 
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3. Overla ) ; ibondin 
3. Overlap of 2p, with 2p,: The bonding and antibon 8 
MO’s formed are as shown in Fig. 2.74. 


py PANS ; iS. 
Note: Z-axis is chosen arbitrarily as the internuclear ax 


aps fy ers ery eG AQ SY) 


2P, 2P, |e Subtraction 
' One nodal 
ı plane P q 
C owl DE, 
3 os 
5 Antibonding o* 2p, 
na o* 2p, M.O. 
[py addition 


a (OR) 


Bonding o 2p, M.O. 


Fig. 2.74 Combination of two 2p, AO’s to form c (2p_) 
and o* (2p,) MO's 


Note: o 2p, MO. have two and o* 2p_ M.O has one nodal plane 
respectively. 
4. Overlap of 2p, with 2p, or 2p, with 2p,: The bonding 
and antibonding MO’s formed are as shown in 
Fig. 2.75. 


Antibonding 
n* (2p,) or n* (2p,) M.O. 
(Two nodal planes) 


subtraction 


Energy 


Bonding 


2p, ae 
or or addition n (2p,) wo, Ees 


2py 2p, 


Fig. 2.75 Combination of two (2p,) or two 2p, AO’s to form 
n (2p,) and x*(2p,) or n (2p,) and n* (2p,) MO's 


Note: i, In this case, bonding MO formed, i.e. x (2p.) or 
T (2p, ) in which r indicates sideway overlap. : 


ii. n (2p.) orn (2p, ) has one nodal plane. 
iii. n* (2p, ) or n* 2p, ) has two nodal planes. 
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2.24.5 COMPARISON BETWEEN BONDING AND 
ANTIBONDING MO’s 


ae W. 
The main points of difference are summed up as belo 


Bonding molecular 
orbitals 


additive effect of the AO’s 
o=Wat Vp 


2. The electron density 
increases in the region 
between the nuclei of 
bonded atoms. 


3. The electrons present in the 
bonding orbitals result in 
the attraction between the | 
two atoms. 

4. Because of attractive forces 
involved, these MO’s have 
lower energy than the 
AO’s from which they are 
formed. This is the cause of 
their stability. 


5. They are formed when the 
| lobes of the combining 
orbitals have the same sign. 


f These MO’s are represented |6. 


by o and z. 


1. They are formed by the 1. 


Antibonding molecular 
orbitals 


They are formed by the 
subtractive effect of the AO’s 


GT =n -Wa 


. The electron density 
decreases in the region 
between the nuclei of the 
atoms and it increases in 
the region away from the 
internuclear region. This is 
responsible for the instability 
of the bond. 
. The electrons present in 

the antibonding MO’s (if 
any) result in the repulsion 
between the two atoms. 


4. Because of the repulsive 


forces involved, these MO’s 
have higher energy than the 
AO’s from which they are 
formed. This is the cause 
of their lower stability, i.e. 
it does not favour bond 
formation and that is why 
the name antibonding. 


5. They are formed when the 


lobes of the combining 
orbitals are of opposite sign. 
These MO’s are represented 
by o* and n*. 


2.24.6 COMPARISON BETWEEN © AND 1 MO’s 
The main points of difference are summed up as below. 


c - Molecular Orbital 


1. It is formed by the 

overlap of AO’s along 
the internuclear axis. 
- Itconsists of one electron |2. 


- Due to head on overlap, |3. 
the overlapping is 
maximum. 


- Its electron cloud is 


symmetrical about the 
internuclear axis. 


2.24.7 ENERGY LEVEL DIAGRAM FoR MO’s 
It may be noted that 1s AO’s on 
designated as o 1s and o* 1s. In t 


- It is formed by the sideway 


4. 


™-Molecular Orbital 
overlaping of the AO’s. 


It consists of two electron 
clouds, one lying above and 
the other lying below a plane 
passing through the nuclei. 
Due to sideway Overlap, the 
overlapping is less: 


Its electron cloud is not 
symmetrical about the 
internuclear axis. 


two atoms form two MO’s 
he same Manner, the 2s and 


Anitibonding MO’s | o* 2s, o* 2p, n* 20a 
Bonding MO’s 


2p AO’s (8 AO’s on 2 atoms) give rise to the following 8M 
\, 


o 28; O2py 
experimentally from spectroscopic data for homonuclear dig” 
molecules of 2nd period of the periodic table. The incre. 
order of various molecular orbitals for O, and F, is given nk 
[Fig. 2.76 (a)]. “ly, 
o ls < o* ls < 6 2s < o*2s < O2p, < (2p, 
(n *2p, = 1 *2p,) <6 "2P | 
However, this sequence of energy levels of molecular orbi, | 
is not correct for the remaining orbitals is not correct for | 
remaining molecules Li,, Be,, B,, C,, N}. For instance, ith 
observed experimentally that for molecules such as B., C, 
the increasing order of energies of various molecular orbitals. 
follows (Fig. 2.76 b). as | 
o ls < o* ls < o 2s < o*2s (n2p, =T 2p,) < 2p. <(n y. 
n *2p,) < © *2p,. : 
The important characteristic feature of this order jg that i. 
energy of o2p, molecular orbital is higher than that of G2p_ ai 
6*2p, molecular orbitals. i 


Sn 2p). 


e 
aS hegy | 


2.24.8 EXPLANATION FOR DIFFERENT MO ENERG 
LEVEL DIAGRAMS 

It would be expected that o (2p) orbital would be of lower energ; 

than a comparable x (2p) orbital because o-bonds are generi 

stronger. However, for most of the elements, © (2p) orbital lies 

at a higher energy than n (2p) orbitals becuase the differenc: 


j o*(2p_) K 
I o 
i Oo K 
' MEF A 3 
2p i TATÀ 2p 
17 NY 
\s 7? 


\ iy 
b , 
Z 4 
A N z / 
i 


\ i 
\ 
TP) ROP,) / 
\ ? 


Increasing energy 
t 7 t 
A 
d 
4 


6(2s) 
o l) S 
ls N Fi ls 
o (1s) 
AO’s MO’s AO’s 
(a) 


j * * EA 
2p OT 2p, T 2p, SI 2p 
Ñ 
D 2 
vig oe 
\ ro / 
\ eee a 
\ . ’ 
\ / 
` o2p, ri 
\ Pd 
n2p,. 2p, 


o(2s) 
o a A 
ls i P ls 
o (1s) 
AO’s MO’s AO’s 
(b) 


Fig. 2.16 (a) MO's energy level diagram for 0,, F, and Ne, (i.e. with Z > 7). 
b) MO's energy level diagram for H,, C,, and N, (i.e. with Z < 7) 


between 2s and 2p atomic energy levels is small (except in case 
of 0, 2 nd F, where the difference in energy levels of 2s and 2p is 
large). As a result, o (2s) and o (2p) are so close together that the 
repulsive forces between the electrons present in them raise the 
_ energy of o (2p) above that of t (2p) MO’s. 


4. oe 


Difference in energy splitting of Or, and Ty, orbitals: The energy 


orbitals than it is for T, orbitals, because the overlap of p orbitals 
S grea er when they are oriented along the axis to form o-orbitals 
kan when they are oriented to overlap sideways to form 7 orbitals. 


9 ELECTRONIC CONFIGURATION AND 

_ MOLECULAR BEHAVIOUR 
: the distribution of electrons among various molecular orbitals 
: cal ed the electronic configuration of the molecule. From 
“ectronic configuration of the molecule, it is possible to get 
i lant information about the molecule as discussed below. 
“lability of molecules: If N, is the number of electrons occupying 
ie hg orbitals and N. the number occupying the antibonding 
gu als, then a 
S *he molecule is stable if N, is greater than 
2. The molecule is unstable if M, is less than N, | 
cupied and so the bonding 


lecule results. In (2), the 


N,> and 


1 | 


influ (D), more bonding orbitals are oc 
iiiie . 
ee is Stronger and a stable mo 


splitting between bonding and antibonding orbitals is larger ford, 
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nae e iS 
antibonding influence is stronger and therefore the molecul 
unstable. 


2.24.9.1 Bond Order 
Bond order (BO) is defined as one half the difference between the 
number of electrons present in the bonding and the antibonding 
orbitals, i.e. 

BO = 4 (N, —-N,) 

The rules discussed above regarding the stability of the molecule 
can be restated in terms of bond order as follows. A positive bond 
order (i.e. N, > N,) means a stable molecule while a negative 
(i.e. N, < N,) or zero (i.e. N, = N,) bond order means an unstable 
molecule. Bond order of + % indicates that the species exits but 
is unstable, e.g. H,° and He,” 


2.24.9.2 Nature of the Bond 

Integral bond order values of 1, 2 or 3 correspond to single, double 
or triple bonds, respectively, as studies in the classical concept. 
Bond order may be fractional and even zero. 


2.24.9.3 Bond Length 

The bond order between two atoms in a molecule may be taken as 
an approximate measure of the bond length (BL). The bond length 
decreases as bond order increases. 


BO « Apg H® and BO œ 


Magnetic nature: If all the MO’s in a molecule are paired, the 
substance is diamagnetic (repelled by magnetic field). However, 
if one or more MO’s are unpaired, it is paramagnetic (attracted by 
magnetic field), e.g. O, molecule. 

Magnetic moment (uum = ¥2(2+2) BM 

where n is the number of unpaired e ’s. 


2.24.10 BONDING IN SOME HOMONUCLEAR 
DIATOMIC MOLECULES/IONS OF 
PERIODS 1 AND 2 
The filling of MO’s takes place according to the following 
principles: 

1. The filling of MO’s occurs according to the same principle 
as applicable to filling of AO’s, i.e. Aufbau principle (MO’s 
are filled in order of their increasing energies). 

2. According to Pauli exclusion principle, a MO can have a 


maximum of two electrons and these must have opposite 
spins. 


3. According to Hund’s rule of maximum multiplicity, pairing 
of electrons in degenerate MO’s does not take place until 
each one of them has one electron with the same spin. 


Note: The shapes of MO’s formed depend upon the type of 
combining AO’s. 
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2.24.10.1 Examples of Bonding in Some Homonuclear 
Diatomic Molecules/lons E 
lecule (H,): It is formed by the combination of 
two hydrogen atoms. Each hydrogen atom has one electron 
in 1s orbital. Therefore, in all there are two electrons 1n 
hydrogen molecule which are present in o Is molecular 
orbital. So, electronic configuration of hydrogen molecule 1s 


1. Hydrogen mo 


f£. Paramagnetic character: Since one unpaireg ‘ae 


is present in H,” ion, therefore it is Paramagney toy [7 
Ic, 


Hum = Jn(n+2) BM 
= fi (1+ 2) = V3 BM 


g. H Me ion is the simplest molecular species Conta 
one electron only. Its existence has been det Ning 


oa è 
spectroscopically when an electric discharge jg h i 
through a discharge tube containing H, gag a M 


H,: (0 1s)°. The bond order ofH, molecule can be calculated 
as given below: 
N, -M _2-0_, 


— 


pressure. 
3. Hydrogen molecule negative ion (H, 


a. H(Z=1)> 1s' 


°); 


Bond order = -5 5 

a. Stability: This means that the two hydrogen atoms are Total number of electrons in 3 Aa ion=1+]4 I=, | 
bonded together by a single covalent bond. The bond b. The electronic configuration of H? insg 7 
dissociation energy of hydrogen molecule has been (o* 1 s)! sy 


found to be 438 kJ mol! and bond length equal to 
‘¢. Bond order (BO) = 5 (2-1)= J 


According to Aufbau and Pauli exclusion principle, thre 
electrons are filled in M.O’s as shown in energy level 


diagram (Fig. 2.79). 
Energy level diagram is represented as showy i 


Fig. 2.79. 


74 pm. 
b. Diamagnetic character: Since no unpaired electron is 
present in H, molecule, therefore it is diamagnetic. 


Energy level diagram is represented as shown in 
Fig. 2.77. 
d. 


Energy 


> 

= 

2 ? ~N Pil 

= AO’s 3 ( 1l ) ; AO’s 


(ols)? 


(o 1s)? 
MO’s 


Molecular orbital 
of H, molecule 


Fig. 2.77 Energy level di 
g rgy level diagram of H, molecule Fig. 2.79 MO energy level diagram for H.° ion 
2. Hydrogen molecule positive ion (Hô: - Or: one 
o e. H,~ ion is somewhat stable due to smaller positive valu 

a. H(Z=1)> 1s of BO. | 
i sja pumper of electrons in H, a =1+1-1=1 f. Paramagnetic character: Since one unpaired elect | 
. Thee i ion = l i i e | 
ectronic configuration of H,” ion = ( 1s) Is present in o* (1s) orbital, therefore it is paramagnetc. | 


Lam = Vn (n+ 2) =A 


] l 
c. Bond order (BO) = 3 (NM, —N,) = 7 (1-0)=1 


d. e i diagram is represented as shown in = V3 BM 
18. 2.10. . a f 
g. Comparison between the stabilities of H,® and, | 
ions: i 
( ) —" i | 
S Gu \ i. More the number of electrons in bonding MO’s, moù 
> i stable is the species. 
2 is ii. More the number of electrons in antibonding M0 
AO’s ON less stable is the species. 
H,” is slightly more stable than H,°, because ©? 


MO’s i 
contains one electron in the antibonding MO wie 
results in repulsion and decreases the stability: 
® in th? 
Whereas H,” does not have any electron in! 
antibonding MO, so it is more stable. 9 


Decreasing order of stabilities of H,, H° ad H 
Is as below: a 


Fig. 2.78. MO energy level diagram for H,” ion 


ene rD. 
e. Stability: H,” ion should be stable, since the BO is 


positive. But the stability ; 
value of BO. ty is not very high due to low 


H, > H, > 
un , molecule (He, ): 

Oe (2 =2) Is” 

rotal number of electrons in He, molecule = 2 +2 =4 

he e electronic iiia of He, = (o 1s? ) (o* Is) 


30- 50- N)= >Q- 2)=0 


No bond is formed between two He atoms so He, 
4 n molecule does not exist. 


Energy level diagram is represented as shown in 


ig. 2.80. 
/ (o* 1s)? 


_ He-atom He-atom 


(o 1s)? 
MO’s 
Fig. 2.80 MO energy level diagram for He, molecule 
jeli um molecule positive ion (He,? ): 
Total number of electrons in He,® =2+2-1=3 


er 


The electronic configuration of He,® =(o 1s)’, 
(o* 1s)! 


l l l 
O 5 MD 2 a ) 2 


1. Energy level diagram is represented as shown in 
Fig. 2.81. 


He® - jon 
1s! 
AO 
(o 1s)? 
MO’s 


Fig. 2.81 MO energy level diagram for He, ion 


Pe@haracteristics of H, O and He,” ions: 

: Both have same BO. 

ii Both have same number of electrons in antibonding 
= MO. 

iii Thus, both of them have similar stability, similar 
bond dissociation energy, similar bond length (BL) 
and paramagnetic character. These data are verified 
by e: xperiments. 

Beryllium molecule Ai 

a. Be (Z=:4)=> ls 2 2s? 

Total number of electrons in Be, molecule = 4+ 4=8 


k 

Y. Ro 

ve Ber 
A) 


RN 


D. T he electronic configuration of Be,: 
(© 15)? (6* 1992, (6 25)? (6* 28) 


Note: i. The steak configuration 1s 
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Chemical g a a ist, 


E | o 
c. Like He, molecule, Be, molecule also d 


since both have zero bond order. 


7. Lithium molecule (Li,): j 
Zyl 
a Li(Z=3)> Is 2s - 
= 3 + 3 
Total number of electrons in Li, molecule 
molecule is: 


b. The electronic on of Li, m 
(o 1s)’ (0 * 15}? (o 29} or KK* (0 2s) 
also writte 


(o 2s)’, where KK* represents the close 


structure. pei mii 
K indicates first bonding MO and K* indicates 


antibonding MO. 
Thus, KK* is same as (6 Isf (o* DE 
ii. These KK* (closed K shell) are omitted in the 


diagram. 


n as KK* 
d K shell 


energy 


1 
c. BO= A N, -N)=3 (4-2)=1 


d. This shows that Li, is a stable molecule. 


e. Energy level diagram is represented as shown in 


Fig. 2.82. 
Li-atom (o* 2s) Li-atom 
BB 
E 2s X 2s! 
AO \ AO 
(o 2s)? 
MO’s 


Fig. 2.82 MO energy level diagram for Li, molecule 
f. Diamagnetic character: Since it has no unpaired 
electron, so it is diamagnetic, indeed diamagnetic Li, 
molecules are known to exist in the vapour phase. _ 
8. Comparison between the stabilities of H,, Li, and B, 
molecules: 
a. Although bond order of H,, Li, and B, is same (i.e. one), 
yet they are not equally stable. 
Size of Li atom > size of H-atom. 
Therefore, bond length of Li-Li (265 pm) > bond length 
of H — H (74 pm). 
Moreover, there are 2 ¢”’s in the antibonding MO (o* 1s”) 
of Li, whereas there is no electron in the antibonding 
MO of H}. 
Therefore, stability of H, > stability of Li,. Bond energy of 
H, (438 kJ mol”) is greater than bond energy of Li 
(1 10 kJ mol), i 
b. Size of Li atom > size of B-atom 
Therefore, bond length of Li-Li (265 
pm) > bond | 
of B-B (159 pm). ii 
Electronic configuration of B (Z = 29,2 
Electronic confi s 
1c configuration of B, molecule is: 


2 o O o ca me 
KK* (o 25)? (o * 25)? i 2p! =T x 2p, h) Table 2.17 Characteristics of Be,, B, and C, molecya~ 
Moreover, there are two e~’s more in the bonding MO’s Electronic Bond ite 
of B, than Li,. configuration of order R 
Hence, B, is more stable than Li, but less stable than ~ molecules | 
Ho KK* (o 25) (0 #28 | } tN 
Therefore, bond energy (BE) of H, (438 kJ mol” ')> BE 7 (2-2) 
of B, (290 kJ mol ')> BE of Li, (110 kJ mol”). a 


Thus, the order of stability is: H, > B, > Li). 


9. Carbon molecule (C;): | KK* (5 25) ( o #25) | Parsee 
N07 = 6) 3 102902 On (n2p'.=n2p') — (4-7 ramaan | 
a. C (Z 6) — ls as 4p p x P y 2 ( 2) k 
Total number of electrons in C, molecule = 6 + 6 = 12 zf 
b. The electronic configuration of C, molecule is: 
(o 18)? (0 * 18) (6 25} (0 *-28} (1 2p, °= 1 2,’) ee N Diamagra 
. pa iç 
(OR) KK* (6 25)? (o *28)}? (n 2p,” =T 2p,”) (Z=6) | ("2p =n 2p',) | 5 (6-2) 
=2 


1 l 
e BO= 5 (N,-N,)= 5 (8-4)=2 


d. This shows that C, molecule is a stable molecule. Note: 
e. Energy level agran is represented as shown in 1. Stability of C, > stability of B,. Since the BO of C,>BO ofp 
Fig. 2.83. 2. Number of bonding e”’s in C, (i.e. 4 e ’s) > Number of bon i. 
e’s in B, (i.e. 2 e's). 
11. Alternative method of calculation of bond order: If 
total number of es in the molecule/ ion > 8. Then subre 
8e’s Bom the total Emoe ofe”s. omer 8 es are conme 
for (o 1s)’ (o* Is)’ (o 2s) (o *2s p 
Since the number of bonding and antibonding és are sar: 
up to 8 e”’s in the molecule. 
= Case I (when Z < 7): Remaining es will first enter i: 
5 bonding (1 2p, = 7 2p,) MO’s and then into bonding c + 
A MO’s. 
$ Case II (when Z > 8): Remaining ¢”’s will first enter m: 
£ bonding (o 2p,) MO and then into bonding (7 2p,=1} 
Examples : 
a. In case of N, molecule: 
(03s) Case I (when Z = 7) 
10 WO AO Total es inN,=7+7= 14. 
(C-atom) (C2) (C-atom) Remaining p e’s = 14-8 =6. a 
Fig. 2.83 M.O. energy level diagram for C, molecule ae i ean HN oe i 
f. Diamagnetic character: Since it has no unpaired Antibonding MO does not have any electron. 
electrons, so it is diamagnetic. Diamagnetic C, 
molecules have indeed been detected in vapour phase. Hence, BO = ; (6-0)=3 
Note: Double bond in C, consists of both pi (x) bonds because 
of the presence of four electrons in27 On Reiter a a i | 
While in most of the other molecules a double bond is made up a ss lia emn | 
ofa. aai boid. Total e's in O, = 8 + 8 = 16 
gamer Remaining p e’s = 16-8 = 8 sail 
g. It has been observed that like Li,, C, molecules also Therefore. six e's will be in bonding and t° Pa 
exist in the vapour phase. ae thon ding MO’s. | 


10. Comparison between the characteristics of Be,, B, and C, | 
| 


molecules is given in Table 2.17. So, BO = ; (6-2)=2 


put in this case two bonding e”’s will enter into 
an.) MO and then four bonding e~’s will enter into 


(6 4P: 5 
(n ap, =n 2p,) MO’s. 


Remaining two antibonding e~’s will enter into (n* 2p," 
_ n* 2p',) according to Hund’s rule. 


Thus, two unpaired e”’s are present in the antibonding 
MO and hence O, molecule is paramagnetic. Its 
magnetic moment (Hym) 1S: 


fend Jn (n+ 2) BM 
- 2(2+2) = 8 BM 


_ Incase of NO molecule: 

N (when Z = 7), O (when Z = 8) 
Total e’s in NO = 7+ 8= 15 
Remaining p es = 15-8=7 
Number of bonding e”’s = 6 
Number of antibonding e”’s = 1 


Thus, 


l 
BO = a al 


Since one unpaired e is present in the antibonding 
(n* 2p’ ) MO, therefore NO molecule is paramagnetic. 
Its magnetic moment (Hump 1S: 


m= V7 (2 + 2) = 1 (1+ 2) = V3 BM 
L Nitrogen molecule (N, ): 
a. N(Z=7)= 1s? 2s’, 2p’, 2p, 2p’, 


Total number of e”’s in N, molecule = 7+ 7 = 14 


. The electronic configuration of N, molecule is: 


KK* (0 25)? (0 * 25}? (n 2p’, = 1 2p) (6 2p,) 


1 1 
BO= 70, -N)= 5(10-4)=3 | 


Alternatively: Number of p es remaining after 
substracting eight ¢~’s from total number of e ’s = 14- j 
=b, 


Number of bonding e”’s = 6 / 


Number of antibonding e”’s = 0 
Thus | 


l 
BO= ~(6-0)=8 


- Nature of bond: Since BO of N, is there, so it contains 
triple bond (N = N). | 

- Bond Strength: Due to high BO value, N, has highest 
bond energy (945 kJ mol?) in comparison to other 
diatomic molecule. | 


| | 
| 


| 


Energy 


97 
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ry > n . 
Chemical Bonding a wi in 


; as sh 
f. Energy level diagram 1S represented 


Fig. 2.84. 


(o* 2p,) 


(o* 2s)” 


252 D 252 


(5 2s} 
AO MO AO 
(N-atom) (N2) (N-atom) 


Fig. 2.84 MO energy level diagram for N, molecule 


g. Diamagnetic character: Since it has no unpaired 
electrons, so it is diamagnetic. 

h. No. of o and 7 bonds in N,: 
mn=2ando=1 
4e’sin(n 2p,)° and (7 2p, forms 27 bonds 


2e’sin(o 2p,y forms lo bond. 


ONO I-s nai 
. N, N, and N, ions: 


a. N,® ion: 
i. N,® ion is formed by the loss of one e from 

(o 2p,) MO of N, molecule. 

ii. The electronic configuration of N? ion is: 
KK* (o * 2s)’ (x 2p,” = x 2p,”) (6 2p,)' 

iii. Bond order: Total e~’s in N” ion = 14- 1=13 
Remaining p e’s =13-8=5 
Number of bonding e”’s = 5 
Number of antibonding e~’s = 0 


1 
BO= 5(5-0)=25 


iv. Paramagnetic charater: N,° ion is paramagnetic 
in nature due to the presence of one unpaired e in 
(© 2p'.) MO. 

v. No. of o and x bonds in N,°: m=2 ando=0.5 
4e°sin(x 2p,)° and (n 2p) forms 27 bonds 
le (o 2p,)' forms 0.56 bond. 


2e’sin(n 2p,) and le’ in (n* 3p,) a 
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b. N, © io } N, bond. ; Sh 
i. N, © ion is formed by the gain of one e i, Total 1=0.5+0.5=1 
* 2p or 1* Py 
molecule. This e” will enter into x* 2p, 2e ’s in (6 2p, )* forms In bond. 


MO’s (Refer to Fig. 2.84). 
antibonding ( 14. a aan of characteristics of N,, N,® , N,° ti ? 


š ~ ©.: 
The electronic configuration of N,~ ion is: 


KK* ad eu TESSE E Py Pz a. Bond order: 

(z*2p, ). b o "R 
iii. Bond order: N, = 3, N; = 2.3, N3 Lids N, 2 

Total es in N,“ ion=7+7+1=15 b. Bond energy: 


L58 =7 Bond energy « Bond order 


Remaining p e's = 15 
Number of bonding e's = 6 Therefore, decreasing order of bond energies of 
Number of antibonding e’s=]1 moleculear species 1s: N, > N, = N; Is N y A e 
. . Bond length: 

BO= 5 (6-1)=2.5 8 


iv. Paramagnetic character: N,° ion is paramagnetic Bond length œ Boda a 
* 

in seo ` i Si of an unpaired e` in t Therefore, decreasing order of bond ie Of thes 

2p „an lar species is: N,” > N,° =N,° i 
v. No. of o and z bonds in N,°: m= 1.5 ando=] neler ba ene IN,° = 

ta es o an : Sj 
2 dl *2n orn*2p ) forms d. Comparison of s 2 * Since bey, 
0. sean ane ne - o have same bond order, their stabilites should be same 
But stability of N,? > stability of N,° 


2e "sin (n2p,)° forms 17 bond. 
i This is due to the presence of one & in antibondins 


Total x =0.5+1=1.5 
nae (x* 2p.)' MO in N,® 


2e `s in (o 2p.)° forms 17 bond. 
Therefore, decreasing order of stabilities Of these 


c N,” ion: molecule species is: N, > N SNS >N A 


The characteristics ofthe molecular species are summei 


i N, %- ion is formed by gain of two e”’s by N, molecule. 
up in Table 2.18. 


These two es will enter into 1* 2p, and n* 2p, 


antibonding MO’s one in each. 15. Oxygen molecule (O,): 
ii. The electronic configuration of N,” ion is: | a O(Z=8)> 1s?25? 2p? 2p.: 2p, 

KK* (0 2s)’ (o * 2s)" (x 2p", = 2p’ J Total number of e”’s in the 0, molecule = 8 + 8= 

S (© 2p) (n* 2p,)' = (n* 2P, )' | b. The electronic configuration of O, molecule is: 

li. Bond ii 7 KK* G 2s)? (0 * 2s)? (o 2p, y (n 2px? = np, 
Total e sin N,“ ion:7+7+2=16 (n* 2p = 2p, ty 
Remaining p e’s=16-8=8 c. Bond order: 
Number of bonding e”’s = 6 l — 
Number of antibonding e”’s = 2 N= 10e°s, N, =6 es 80- z2- u 

BO = ; (6-2)=2 Alternatively: Total number of es = 16 


iv. ON character: N,’ -don is the para- Remaining p e’s=16—R8=8 


ated due to eean of 2 unpaired es jn N,=6, N,=2 
* 2p, and n* 2p, . Its magnetic moment (py M) Is: 


= Jn(n+ 2) BM 


| 
BO= - (6-2 =? 


_ d. Nature of bond: Since BO of O, is two, so it contat" 
= /2(24+2) = 8 8 BM double bond (O = O). 
v. No. of c and 7 bonds in N,>; ™=1ando=] | 
2 
e ’s in (n 2p y? and le” in (n+ 2p or n* 2p,) forms 


0.57 bond 


2.99 
ure 
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Drac: 


or @ 
718 characteristics of N,,N,", N,° and N= iii 


-i aumber - Remain 
ù valur 
; sana =0 
Diamagnetic and mM * 


_ J3 BM 


Paramagnetic, HMM 


3 BM 


Paramagnetic, Lym ~ 


J8 BM 


Paramagnetic, Hiym — 


Oe ey tes 
ii. The electronic configuration of O,” ion Is: 


m 


paramagnetic nature: O, molecule is paramagnetic hitan | 
due to the presence of two unpaired e”’s in the n* 2p, KK *(o2s)?(0*28)*(02p,) 2P = n2py XT" 2s ) 
and n* 2p, antibonding MO’s. Its magnetic moment is: 

iii, Bond order: 


uym = V” ("+ 2) BM N, = 10, N,=5 
= /2(2+2) = V8 BM 1 
ppo- 5 (10-5)=2.5 


f£ Energy level diagram is represented as shown in 
Fig. 2.85. 


Alternatively: Total number of eaH 161-5 


Remaining p e’s = 15-8 = 7 
N = 6,4, = 1 


, BO = 5 (6-1)=2.5 
Paramagnetic nature: O,° ion is paramagnetic 
due to the presence of one unpaired e in the 
(x* 2p.) antibonding MO. Its magnetic moment 
(uym) is V3 BM. 
v. No. of o and x bonds in O,®: 1 = 1.5 ando = 1 
2e’sino (2p,)° forms 1o bond 
2e’s in (7 2p and le in (o* 2p)" forms 0.57 
bond. 
2e”sin(n 2p) forms 1r bond. 
Total r=0.5+1=1.5 | 
b. O,° (superoxide ion): 


(o* 2p,) 


M I so i. O,° ion is formed by the gain of one e by O, 
S is € i 
oun on Satan molga This € enters into the n* 2p_ or n*2p, 
; H antibonding MO. 
g. 2.85 MO energy level diagram for 0, molecule ii. The electronic configuration of O,° ion is: 
£. No. ofo and x bond in O,: 7 = 1 and o = ] KK* Z 2s)’ (o *2s)” (6 2p)” (x 2p? = 2p?) 
= 2e’sino (2p,)° forms lo bond (n* 2p,)° (n* 2p,) : T 
2es in (m 2p,)? and 1 e” in (7* 2p,)' forms 0.57 bond. iii. Bond order: 
N,=10,N,=7 


2e”’s in (x 2p)? and 1 €` in (7* 2p,)' forms 0.57 bond. 
Total z = = 1 
Eoo 2 BO= 400-7 #13 

t~ -O7 and O,” ions: r 
. ternati : =a 
+ Dioxygenyl ion (0,°): natively: Total number of es = 16 + 1 = 17 
o. ! Remaining p e’s = 17—8=9 
i. Itis formed by the loss of one electron from 7* 2p, N.=6.N =3 

or 1* 2p, MO (refer to Fig. 2.85). i eag 
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iv. Diamagnetic nature: Since it hag n i 


Ẹ 
-~ BO= 3 (6-3)=1.5 electrons, so it is prio un "Di, i | 
iv. Paramagnetic nature: It has one unpaired e in v. No of o and x bonds in 0,7 >T=(0 and os] | 
the n*2p,, antibonding MO, therefore it is also 2e ’s in (0 2p.) forms 10 bond | 
paranragnetic. Its magnetic moment (Hym) is 2e’s in (n 2p,)° and 2 e ’s in (n* 2p.) lead | 
V3 BM. bond formation and hence zero r bond Sto On) | 
v. No. of o and x bond in O,°: 1 = 0.5 and o = | Similarly 2e °s in (7 2p, Y and 2e”’s in (n* 2, 7 i 
2e™s in (o 2p}? forms 16 bond to no bond formation and hence ZETO T bon a k | 
2e™s in (n 2p)? and 2 e™’s in (n* 2p,)’ leads to no Total z = zero. 
bond formation and hence zero m bond 17. Comparison of characteristics of O,, 0” 505° and 0, b. 
2e`s in (x 2p)? and 1 e in (n* 2p, )! forms 0.57 a. Bond order: 
bond. 0,=2, 0P =2.5 
- - 2- _ 
Total r=0+ 0.5 =0.5 0,2 = 15, 0, =] 
A 0,7 (Peroxide ion): b. Bond energy: 
i. O,* ion is formed by the gain of two e”’s by Bond energy % pone ome 
O, molecule, these two e”’s enter into n* 2p, and pa nee ae 
E l as o 
m* 2p antibonding MO’s, one in each. Therefore, decreasing nd energies ay 


stabilities molecular species is: 
© 2- 
0,° > 0, > 0, > 0; 
c. Bond length: 


ii. The electronic configuration of O, ?- ion is: 
KK* (o 2s)’ (o * 2s)" (o 2p.) (T 2p, =n 2p, 2) (n* 
2p; =n * 2p,”) 


iii. Bond order: Bond length oc Bond order 
N,=10N,=8 


Therefore, decreasing order of bond length of thes: 


1 
.. BO = 3 (10-8)=1 molecular species is: 


2- © ® 
Alternatively: Total number ofe ’s = 16+2= 18 O% > 0." > 0, > 0, 
Remaining p e ’s =18 -8 = 10 The characteristics of the molecular species are summe: 
N, =6, N,=4 up in Table 2.19. 
i 
“. BO= -(6-4)=1 
5 (6-4) 


e Table 2.19 Characteristics of O., on or, 0. and a ions 


Paramagneti and HMM 


8 BM 

8+8- - a 

Do Paramagnetic and HMM . 
ion 3 BM On 
Diamagnetic o 

o” 8+8+1=17 Bx 
Superoxide Paramagnetic HMM ~ A 
ion yS BM da 


O 


2— 
O; 8+8+2=18 
Peroxide ion 


Diamagnetic 


— = ; , Structure 2.101 
rine molecule (Fy): eran 

| ls* 2522p 29725, 1 e. Diamagnetic nature: Since it has no unpaired ele 
R(Z=9) = bs Py 2py 2p. so itis diamagnetic. 

“Total number of e”’s in the F, molecule = 9 + 9=18 19. Non-existence of neon molecule (Ne, ): 

‘The electronic configuration of F, molecule is: a. Ne(Z=10) = Is, 287, 2p° 

KK* (6 25)? (o * 2s)" (o 2p.) (n pram 2) Total number of e”s in the Ne, molecule = 10+ 10 = 20 

(nt 2p? =1* 2p,) : Py 


b. Bond order: 
Bond order: 


| N, = 10, N, = 10. 
) N,= 10N,=8 


l . 
ʻ BO = 5(10- 10) =0 
 . BO= ye | 


Zero bond order shows that no bond is formed between 


Alternatively: Total number of es = 18 2 — Ne — atoms. Hence, Ne, molecule does not exist. 


m -> Neon exists as monoatomic gas. 
_ Remaining pe s= 18-8 =10 
N.=6,N,=4 2.24.11 APPLICATIONS OF MOT 
5 a 
i 1 MOT can be applied to both homonuclear and heteronuclear 
. BO= 5 (6-4)= diatomic molecules as well as to polyatomic molecules. | 
Summary of the characteristics of some diatomic species having 
. . upto 14e°s and than 14 ¢’s is given in Tables 2.20 and 2.21 
j. Nature of bond: Since BO is one, so it contains single ie Š es neta ance e 
bond (F -F). pectively. 


Table 2.20 Summary of the characteristics of some diatomic species having < 14 e’s 
| Total number of | : | ye | N. | Bond Magnetic 
electrons 2 : : TE ee org order | character 


F-|5+5=10 and 


| 4 | 
1.0 
[66-12 
d 


=14 


D = Diamagnetic, P = Paramagnetic. 


pecies having 7 


———— 
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Table 2.21 Summary of the characteristics of some diatomic s$ 


Species Total 


number 
of 
electrons 
O, 16 
0.” i 15 i 
NO 15 
Gf | 17 
oF | a18 | 
i Gas een rl - 
Fā | 18 
Ne, | 20 


Note: D = Diamagnetic, P = Paramagnetic. 


> COMPARISON BETWEEN VB AND MO 2. Dina between the 


2.24.1 
THEORIES A NBT 
VBT cannot be ruled out completely in the light of MOT. Both AO’s retain their identities. 
Only valence e ’s take part 


ts and demerits and none of them is 
the study of chemical bonding and 
that even both the theories are 


the theories have some meri 
superior to the other. Thus, 
molecular behaviour is so complex 


still insufficient and imperfect. 
1. Similarities between the two theories: According to both 


the theories, we have the following points: 

a. The formation of bond occurs by the overlap of AO’s 
having same energy and same symmetry. 

b. The electron charge lies in the region between the atomic 

nuclei. 

Accounts for directional nature of the bond. 

d. Predicts the non-existence of He, and Ne,. 


is bond formation. 


It explains the pa 
magnetism of 0.. 


It fails to explain the It explains the exis 
of HS ion. 


existence of H? ion. 


e. | Resonance has 10 role 


2.24.13 EXAMPLES OF BONDING IN SOME HETERONUCLEAR DIATOMIC MOLECULES/IONS 


In heteronuclear diatomic molecul 
diagrams are not symmetrical. 
Characteristics of some heteronuclear diatomic molecules/ions are given in Table 2.22 


(0 eneg | 


es/ions, the similar AO’s of two atoms do not have equal energies. Hence, their N 


PE a 
| ectronic 

No. | ion — numberof a, cpnfisuipanntimaleculnss lon Bond order 
| ‘ 


(G= U= 


uj— 


MO is same as for homonuclear diatomic 
molecules with electrons > 14, (i.e. heavier 
than N,). Hence, 
EC of NO = KK* (ø 2s)? < (o *2s) 
< (0 2p.) < (7 2p}? f i 
: p) =(m 2p,)’ <(n*2p,)! 
. i š 


| | | O (Z = 8) 
17+ 8=15 


ructure 2.103 
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Diamagnetic 


EC of NO? = KK* (6 2s)? < (o* 2s) 
< (6 2p,)’ = (1 2p, = (n 2p, 


The order of filling is same for molecules 
with e’s 3 14. Hence, 
EC of NO = KK* (0 25} < (o* 25) < 
(© 2p.) < (mp, = (n2p,¥ < (n* 2p,)! 
(n* 2p,)' | 


Diamagnetic 


The order of energy levels will be same for =0 


molecules with electrons < 14 (i.e. lighter 
than N,). Hence, 

EC of BN = KK* (o 2s)? < (o* 2s)? < 
(T 2p,)” = (T 2p}? 


HMM 


The order of filling of MO’s should be same Diamagnetic 


as for N,. Hence, 
EC of CN® = KK* (o 2s)* < (o *2s} < 
(T 2p,)” = (T 2p,)? < (6 2p, 


The order of filling of MO’s will be same 
for molecules with electrons < 14. Hence, 
EC of CN = KK* (6 2s)" < (o * 2s) < 
(T 2p} = (n 2p} < (0 2p,)' 


The order of filling of MO’s will be same 
for molecule with electrons < 14. Hence, 
EC of CN® = KK* (6 2s) < (o * 25} < (7 
2p,) =(n 2p, 


Number of electrons = 14. Thus order of 
filling of MO should be same as for N,. 
Expected EC of CO : KK* (o 2s)? < 
(5 * 2s) < (n 2p, = (T 2p,’ < (0 2p, 


Expected bond 
order 


sane | 
= 5 (6—0)=3 


Expected bond 
order 


Expected EC of CO: KK* (o 2s)? < 
(o * 2s)! <(n 2p, 2=(n 2p) <(o 2p,)' 


l 
==(5-0)=2. 
7-0) = 2.5 


Note: Exception in the EC of CO and CO® molecule/ ion: It was observed that BO of CO® > BO of CO contrary to expected 
BO. This is possible only if electron were removed from antibonding MO. It was also found that 2s orbital of O-atom has lower 
energy than 2s orbital of C-atom. When they mix to form (o 2s) and (o *2s) orbitals, the latter has so high energy that it goes 


above (© 2p_) as well as (nx 2 d (x 2 bitals. Thus correct ECof CO, is : KK* 2 Pl 2 > 
Z P ) on (1 Py) amie a 2 18 (o 2s) S (m 2p.) = (x 2p.) = (© 2 =< 
(5* 2s) and that of CO® is: KK* (o 2s)” < (n 2p, = (1 2p,’ < (6 2p,’ < (0 * 2s)! : P.) 


ECO = iN, -N)= z (10-4)=3 
BO of COE — 1 = 
ofco” = 5 WN,-N,)= z (10-3) =3.5 
In fact, bond length of CO = 1.128 A and of CO = 1,115 A. Thus bond length decreases when we expected it to increase 


iiss the order of MO energy levels for simple homonuclear diatomic molecule is not necessary. The same is applicable f 
“onuclear diatomic molecule. Be 


= ea Oe 
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l 3. All d-orbitals are gerade. 


2.25 GERADE (g) AND Same sign 
UNGERADE (u) MO’s >of wave 


If the symmetry of a MO with respect to its centre is symmetrical, A j\— Axis 
it is called gerade (gerade in German means symmetrical) and it is ‘ | = al 
si aal itinn srade ame sign» 
> od by sy o, symmetrical, it is called ungerade | 
represented by symbol ‘g’. Ifitunsyt of wave 


and is represented by symbol ‘u`. 

The symmetry in the orbitals is a point from which lines when 
drawn on one side and produced to an equal distance on the other 
side will meet the new point. If at this new point, the sign for the 


orbital is same, it is gerade, otherwise ungerade. Same wave Same wave 
All ‘a’ (bonding MO’s) are gerade whereas all ‘o *’ (antibonding sign sign 
MO’s) are ungerade. Similarly, all “1*° (antibonding MO’s) are 
gerade whereas all ‘x’ (bonding MO’s) are ungerade, for example, 
i d,, or d,, or d,, 
Gerade orbitals: 6 ls), © (25). 0,(2p,), T* (2p,) m* (2p,) @) 


Ungerade orbitals: o*, (1s), o* (2s), o* (2p,), Tu ÊP) t,(2p,) 


Consider the following orbitals: 
aT (I) 4p, WM3d2 (MI) 4d2_2 IV) 4d. 
e O Then, calculate the value of “a + b + c”. 
s a = Total number of gerade orbitals in the above given orbitais 
eee b= Total number of ungerade orbitals in the above given orbitals 
(o ls or o 2s) | (o* 1s or o* 2s) Ne . itals in the above given orbitals 
[o (1s) or o „(2s)] [o „(ls) or o „(2s)] c = Total number of axial orbitals in g 


(a) (b) — (7) 


(i) All p orbitals are ungerade (u). 


© 
ye (ii) All d orbitals are gerade (g). 
aa () g=0,u=1, Mg=1,u=0(M)g=1,u=0 


These are shown in Fig. 2.86. 


Centre 


e- 
e-+ 


pa S (IV) g=1,u=0. 
~<a An sera ils ahaa cdi 
~ ae | Total ‘w’=1+0+0+0=1=6. 
P a l 
= 2p, OT Try (2p,) n*(2p,) or Tg (2px) (iii) All p orbitals are axial orbitals. 


A a (iv) d2 and d,2_ ,2 are axial orbitals. 
| No. of axial orbitals 

Fig. 2.86 Representation of gerade and ungerade MO's (1) 4p, = 1, (ID 3d2 = 1, (Ill) 4d ye 1, (IV) 4d, at 
Total ‘c’ =1+1+1+0=3. 


2.25.1 GERADE AND UNGERADE S, p AND d 
~atb+c=34+14+3=7. 


ORBITALS 


J. All s orbitals are gerade (g). ILLUSTRATION Saa 


2. All p orbitals are ungerade (u). 
Compare the bond length of O-O in the following molecules 
a. KO, b. O, [As Fy] 


S| % 
ica g i all c, O, d. Na, O, 
i wave sign BD 
~ a. KO, has O, ' (superoxide ion), Bond order = 1.5 
b, O, [Ash] has 0, Bond order = 2.5 


¢. O,, Bond order = 2 


eee 


RBS ARE ttt wb ag 
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0, has 0, (peroxide ion), Bond order = | a “Chemical Bonding and Molecular Structur® = 
gy? ler j = 
Band length 15- | | i : 
pf bon 20,°<0;" a. How the bond energy varies from N,” and N, and “ee 
Dy n b. On the basis of molecular orbital theory what is the simi ari 

between i 

i. F, and 0,” ii. CO, N, and NO"? 


jatomi molecule of second period besides O, should Sol.) 
4 agnetic? 


a. Bond energy of Ne” = Bond energy of Ny” because the bond 


| ® is slightly 
J i : ri der i in both the species. [However, N} 1S slig 
a -(o Is) (6 *Is) (6 2s) (6 *25)? (n 2p \l = | order is same in both the sp ! f ; 
By (° 7 (8 2p,) = (7 2p y) more stable than NS as number of antibonding electrons 1s 
| ‘ amagnetism arises due to unpaired electron. Therefore higher in N,° than N,”.] 
Big paramagnetic molecule. b. i. Both F, and O,” have same bond order, same bond 


length and are diamagnetic. 
) ii. These are isoelectronic species, possess same bond order 
ste the molecular orbital electron distribution of oxygen : and same bond length. 


), Specify its bond order and magnetic property. MLUSTRATION 2.39) 
in the blanks: ‘ 


pen N, goes to N,”, the N-N bond distance and Select from the following molecular orbitals which are gerade 
sn O, goes to O,”, the 0-0 bond distance soe -and ungerade. 


a. (25). b. x *(2p,) c.  *(2p, ) 
ue ae a 
RO.: KK* (6 25)? (5 *2s)? (o 2p.) (x 2p.) (x 2p," : d. o *(ls), Vee en (2p,) f. x (2p,) 
n*2p,)' (T *2p,)' ESUD All o bonding MO’s and all x antibonding MO’s (i.e. = *) 
f l are gerade. 
Bond order = 3 (S=4) . | Whereas all o antibonding MO’s (i.e. o *) and all x bonding MO’s 
| =) are ungerade. 
p , : Gerade molecular orbitals (represented by ‘g`) are: 
The molecule is paramagnetic due to two unpaired electrons se b. x *_ 2p en * 2p 
n(n *2p,)' (T *2p,)'. i g Px sP, 


Ungerade MO’s (represented by “u’) are: 
d. o * (Is) ena (2p,) f. n, (2p,) 


b. Increases, decreases. 


1 of the two, peroxide ion or superoxide ion, has larger CONCEPT APPLICATION EXERCISE 2.2 


E length? 1. Arrange the following types of interaction in order of | 
The bond length in a molecule is dependent on bond order. decreasing stability: | 


Miehigher is the bond order, smaller will be the bond length. AAVERE -M van der Waals fotce 
í c. H-bonding d. Dipole interaction 
oxide ion, oF e. Ionic bond 
 KK* (6 2s)? (0 #28)? (6 2p.) (7 2p) (x 2p, (x *2p 2. Arrange the following types of intermolecular forces in 
A order of decreasing their strength. 
2 a. Ion dipole b. Keesom forces 
Sond order = 12-8 _ i c. Dispersion or London forces 
: 2 d. Dipole-induced dipole 


e. Ion-induced dipole (Debye forces) 


pe Oxi . © . ` . 
Oxide ion, O, 3. Name the types of interaction or intermolecular forces 


AO, , 2 2 
l: KK* (6 25} (6 *25} (o 2p) (x 2p) (x 2p,)° (7 *2p,) of which potential energy—distance function are given 
(i 2p, l below: 
: ‘es bee Ex- 
a 7 l = i -> ce. Eo — 
Bond order = “0-7 _ 1 : j r 
; i | dite = TE 
Bone gnai . xc -I e. Cc E 
p a Order of superoxide ion is higher than peorxide ion, hence rí r 


vuq ig : . : 
“gth of peroxide ion is larger. 
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4. a. List properties of water that stem from H-bonding. | il ; : isa 
b. The two molecules indicated below are capable of i Solved Examples i 
forming interamolecular H-bonding. Which is likely 
to form more stable H-bonds. Give reasons. Ionic and Covalent Bonding 
pS 
i. CH, COCH = C — OH Construct a table comparing metals with non-m 7 
a. The sign of the charges possible on monoato igi 
na b. The possibility of reaction with other elements Í 
ii. CH, COCH, CH — OH class. 7 
l c. The range of the possible number of valence eleg 
5. a. Predict the order of decreasing boiling points of ` d. The ability of the elements to conduct electr 


noble gases. 
Predict the order of decreasing boiling points of the 
followings: H,, He, Ne, Xe, CH,. 
6. Which one of the following pairs is expected to exhibit 
H-bonding. 
a. CH,CH,OH and CH,OCH, 


. CH,NH, and CH,SH 


b. 


elementary state. 


Metals + unusual 1-5 Fe 
AHE 


. In which of the following compounds is the bor 


c. CH,OH and (CH,)3N 
7. a. Give the decreasing order of melting points of the aia ae a sE. 
following: NH, PH}, (CH,);N. Explain. essentially ionic, in which is the bonding essers 
b. In which molecule is the van der Waals force likely ang in which are both types of bonding represen 4 
to be the most important in determining the m.pt. and r C,H;OH ii. NaBr - ER 
b.pt. for ICI, Br,, HCI, H,S, CO. iii. Ba (CN), iv. (NH,,),S 
8. a. How many nodal planes are present in the following y PCI, 
MO’s. (Taking Z-axis as the internuclear axis) b. Write the formula for a compound of Cl which coniaus 
i ols ii, o*ls iii. o2p, iv.  *2p, - — (i) Ionic bonds only, (ii) Ionic and covalent bonds and (ii 
v. T 2p, rT 2p, vi. n*2p, or 1*2p, Covalent bonds only. | 
b. Give the number of electrons which occupy the c. Covalent bonds are called directional while ionic bonds 
bonding orbitals in H,”, H, and Oe called non-directional. Explain. 
c. Why N, has greater bond dissociation energy than ae 
s & E TEN 
N, w O,” has greater bond dissociation a. i Covalent ii. Ionic iii. Both 
energy than O. oe iv. Both v. Covalent 
9. Compare the relative stabilities and magnetic behaviour Š ee 3 sprite 
of the following species. Note: NHÊ (ammonium ion) and CN® (cyanide ps 
a. O,” and Nê b. 0,2 and N,° covalently bonded atoms within the ions. 
c. or and N,” b. One possible for each. 
; i. NaCl ii. NaClO iii. NCl, : 
10. Explain: ae “ei formed byt 
a. H? and H,” ions have same bond order but H,* ions c Covalent pone T directional pecans i pe ction! 
are more stable than nF. overlap of hybridised orbitals which is also 
b. It is possible to have a diatomic molecule with its 
ground state MO’s full with electrons. 
c. Why 2p, or2p, orbitals do not combine with 2s orbitals 
to form MO. (Taking Z-axis as the internuclear axis) i ae 
ats "ae 
11. Which of the following species have same bond order and : i ee 4 conducts electricity. | 
same shape? Solid Na,SO,, which melts at 884°C, doe: TE 
a. N,~ b. O, ce. CO, d. NO,° electricity, but molten Na,SO, as well as a eous SON 


` between pure Na,SO, and H,SO,. — 


It is ionic ic with Nat ahd 
SU," ions. 


“Foes not conduct 
i pert because there 
. no ions to carry the 


It does not conduct because 
ions are not free to move. 


prs H,SO, dissolves, it 
pacts with H, O to form 
ans and the solution 
sonducts well. 


I 


When Na, SO, is melted or 
dissolved, the ions are freed 
and conducted well. 


5 Dot Structure and the Octet Rule 


| Bon dot and line structure for: : Y 
a() E b. Li PO, Cc. clo,° d. COCl, A 

: O f. C,H, g. HCO,H ; 
Refer to Illustration 2.4 (Second method). 


Electrons in circle O represent unshared e”’s. 
sin rectangle O represent shared e”’s 

Se DF: 

. V (Total number of valence ¢’s) =6+3x6+2= 
26 e”’s 


O (Total number of e”’s for octet) = 8 + 3 x 8 = 32 e”’s 
mi. S (Shared es) = (O — V) = (32 —- 26) = 6 e”’s 
y. Skeletal structure with 6 shared e”’s 


Seq] È 

2 Eset (6 shared e”’s) 
02 

U (unshared e”’s) = (V — S) = (26 — 6) = 20 e”’s 


KO EJ OA S ee 
©9000] Sea-© 00 :0 = Se-— O: 
! © or | 
C O 
O res 
23 
i PO > 
L V=5+4x6+3=32 6s 
i O=8+4x8=40e"s 
3 S=(0-V) =(40 -32)=8 es 
V. Skeletal structure with 8 shared e’s. 
0? 
CJ = -9 
o gra ó (8 shares e’s) 
E 
© U=(V-S)=(32-8)=24 e 
~ Add 24 es to complete the Lewis dot structure. 


vi. Add 20 unshared e~’s to complete the Lewis dot structure. 
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Q00 i i 
©°2 — 0: 
ogo gta Zol o |ö=P—Ü 
a. ° de 
O06 0: 
© 


. COL: 


i V=7+2x6+1=20e's 

ii. O=8+2x8=24e's 

iii. S=(O-V) =(24-20)=4e's 

iv. Skeletal structure with 4 shared e”’s. 


O a 6| (4 shared e’’s) 
m 


. U=(V —S)=(20-4) = 16e’s 
i. Add 16 es to complete the Lewis dot structure. 


eg ©Þ9 7 ” xO 
oe OCIO 00 | or [odo 
EJ © 


. COCL, : 


i V=44+6+2x7=24e's 
O=8+8+2x8=32e's 

S =(O-V) = (2-24) =8 e"s 
Skeletal structure with 8 shared e”’s 


7p 


m) pa 
Cl oa Cl | (8 shared es) 
O 
U =(V -S)=(24-8)= l6e’s 
vi. Add 16 e”’s to complete the Lewis dot structure. 


< 


5 mi i 
@clO—H CH—OCIO| or |: cü: 
© 


pO : f 


°8 


. H,CO: 


i V=1x2+4+6=12 es 
fi, O=2 x2 +8 +8=20 es 
iii. S = (O - V) = (20 — 12) = 8 e”’s 
iv. Skeletal structure with 8 shared e’s 
HE&—A C @—-41H 
tf (8 shared e~’s) 


v U=(V-S)=(12-8)=4 e's 
vi. Add 4 es to complete the Lewis dot structure. 
HG—4)C@—1H 


or 


©o® :0: 


f. C,H, : 


i V=2x4+1x2=10e's 
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it Oe se (or) FC=(V)-(nb)- 5 (b) 
iii, S=(O-V)=(20-10)= 10 8 , p 
iv. Skeletal structure with 10 e S a N=C—CEN (All zero) 
ueac[$E]crAH i i 
| FC on N =(V)- (nb) - = (b)=5-2- -~ x6. 
‘ 2 2 Zeh 


v» U=(V-S)=(10- 10) = Zero 
vi. Hence skeletal structure is the Lewis dot structure. 


4-0 Å x 8 = Zero 


b. [:ci— c==N] (All zero) 


g. HCO,H : j| l | 
i V=1+44+2x6+1=18e's FC on Cl=(V) (nb) - 5 (b)=7-6- 5 X2=%q | 
ii O=2+8+2x8+2=28e's i a 
iii. S=(O— V) =(28- 18) = 10 e's FC on C =4-0- 3 x 8 = Zero 
iv. Skeletal structure with 10 shared e’s 
HG 2) CRA 0H 41H FC onN= 5-2-5 x6=Zero 
O g 2 a a +1 on doubly bonded C1, -1 
v U=(V-S)=(18-10)= 82s Sea po on O, zero on another C] 
vi. Add 8 es to complete the Lewis dot structure. Cl: 
© "2 
Hi4——] C e 0 eH i 1 
H © FC on Cl =7-4- 7 *4=+1 
@O 
© 3 1 
FC on Cl’ =7- 6- = x2= Zero 
or 2 
H—C— 0 —H 
l 
FConC=4-0-— 5 x 8 = Zero 
Formal Charges l 
FConO=6-6-— 5 x2=-1 
By completing the following structures, adding unshared e” pairs 
when necessary, calculate the formal charges. O: © ! ni 
a. N=C-C=N b. Cl-C=N | 1 || Hon Cl, —1 on each singly bor” 
O 9 d. |:0— Cl—O: O-atom and zero on each 
Oe | ll doubly bonded O-atom. 
c C—O d. |O0— C1—O 20: 
c1 | 
jg | FC on Cl=7-0~ > x 12=41 | 
N | 
H—p7 PH 
l 
H—N N—H | FC onO! =6-6-— — x9 =_ 
Sp B: 5 2 l 
1 FCon0?=6-4- $ x4= Zero 
Total no. of Total no. of H 
‘Sol. FC on an atom = | valence e~’s |- non-bonding e~’s le 
O g © 
(V) (nb) k H—B —H 
PR | 
Total no. of À x NH 
—=| bonding e~’s | z 
| o H nae 
(b) [+1 on each N, —1 on €a? f: 


| each of the following paris, select the species having the 
seater resonance stabilisation. 


yè 
ji, HNO, and NO,” 


Draw all possible octet structural formulas for Ne. wi 
snes are possible resonance forms? 


7 


3, HC=O has two equal resonance forms, as shown: 


0° 

HC=O © HC—O° 
| 

0” O 
H,C = O does not have other resonance forms as low 
in energy. 
AG) l N 

HC? — O: contributes some but H,C. — O° 
tributes little. LS 
i. NOY has three equal energy resonance forms; HNO, 


has only two, since the O-atom bonded to the H-atom 
is not equivalent to the others. 


). The possible linear structures are shown as: 


F- E i| < Es —N =n] <> [Ñ =N— x 
i ->] 
Ya 
:N: 
IV 


In two resonance structures (II) and (III) one of the terminal 
N-atom in an isolated NS ion should be different from the 
E other. 

| The structure (IV) although satisfies octet rule is ruled out 
= & a resonance form because the atoms are in different 
= Positions. Moreover, the structure (IV) has considerable 


3 ; A êr the following: 
_ | Distinguish between a polar bond and a polar molecule. To 


D Which does the term dipole refer ? 


——________ _Ž Chia Bondin 
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b. Which is having the higher b.pt.: Br, or ICI. a i 
Le i. Can a molecule have a dipole moment if it ee | 
covalent bonds? polar bonds - 


ii. How is it possible for a molecule to have 
but no dipole moment? 
d. Arrange in decreasing polarity of bonds: SbH,, 
NH,. 


a. A polar bond is formed between two ato 
A polar molecule results when there is on 
or when more than one polar bond within it is not su 
oriented to cancel the effects of the others. . . 
The polar molecule is often referred to as having a dipole 
moment. 

b. Both of these molecules have same number of electrons but 
ICI has a dipole moment, So, ICI have higher b.pt. 

c. i. No. 

ii. If the various polar bonds are arranged symmetrically, 
as in CO, and CC1,, the effects of one bond are cancelled 
by the effects of the other(s). l 

d. Greater the difference in EN of the atoms, more polarity of 


AsH, PH» 


ms of different EN. 
ly one polar bond 
fficiently 


a. The decreasing order of dipole moment of SO, > NH, > 
AsH, > BF, > CO, (u = 0). What can be concluded about 
the shapes of the molecules? 


b. What is the value of 1D in S1 units. 
c. The dipole moment of HBr is 2.60 x 10°° Cm, and the 


interatomic spacing is 1.41 A. What is the percentage of 
ionic character of HBr ? 


Sal") 
a. 
i SO, = Bent ii. NH, => Pyramidal 
iii, AsH,=> Pyramidal iv. BF, = Planar 
v. CO, => Linear (u = 0) 
EN of O>SorC., Each S — O and C — O bond should 
be polar, with a —ve charge on the O-atom. 


Since CO, has no net dipole moment, the two C — O 
bond moment must exactly cancel. This can occur only 
if the two bonds are in a straight line, i.e. linear (e.g.: 
O=C= 0 u a= 0). 
<+ +> 


net 
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i that 
The existence of dipole moment 1n SO, suggests 


molecule is bent. 


NH, and AsH, are both pyramidal but BF, is planar. From 
the dipole moments alone, nothing can be concluded about 
the relative flatness of the NH, and AsH, pyramids, because 
the EN’s of N and As are different. 

b. ID = (1078 esu cm) and 1C = 2.998x10° esu. 


IC | Aa ) =3336 
nels aa = 
M saem ( 102 cm 
x 107° Cm 


Hobs 


c. % ionic character = 


2.60 x10” Cm 
~ (1.601079 C) (1.41107! m) 
_ 2.60x10°°Cm 


=- oe Le 
2.2610" Cm 


Bond Lengths and Bond Energies 


The single and multiple bond radii of some elements are given 


Calculate the bond lengths in: 


a. SCL d. HOCI 


e. HCN 


b. NH, 
f. H,PO, 


c. CHCl, 
g. CH,NH, 


Eso Covalent bond radii from the given table are merely added. 


a. (1.04 + 0.99) = 2.03 Å 
b. (0.70 + 0.28) = 0.98 Å 
c. C-H = (0.77 + 0.28) = 1.05 Å 
C-Cl = (0.77 + 0.99) = 1.76 Å 
d. H-O = 0.94 Å 
O-Cl= 1.65 Å 
e H-C=1.05 Å 
(C=N)= (0.61 +0.55)= 1.16 Å 
f. H-O=0.94A 
O-P=1.76Å 


~ p C-H=1.05Å 


C_N=L74A N-H=0.98 À 


a. Arrange C-C,C=C and C = C in order of: a 


i. Decreasing bond energy 
ii. Decreasing bond lengths | 

b. The As—Cl bond distance in ASC, is 2.20 A. Estima 
single-bond covalent radius of As. ; 


a1. C=#C>C=C>C-C ) 
ṣi C-C>C=C>CeC | 
b. Internuclear distance — Radius of chlorine atom = Ra dy | 
of As atom 
<. (2.20-0.99) = 1.21 Å 


The Pt-Cl distance is 2.32 Å in several crystaline compound, 
What is the CI-Cl distance in structures (1) and in (ii)? 


NH; NH; 
Cl cl Cl NH; 

NH, Cl 

(i) (ii) 


Sol.) In structure (i): 


Cl — Cl =2 (2.32) = 4.64 À 

In structure (ii): 

Using the pythagorean theorem, we have 
Cl-Cl= V2 (2.32) =3.28 A. 


a. The average (C — C) bond energy is 343 kJ mol |. What d 
| you predict for the Si-Si single bond energy? 
b. Carborundum (SiC) and corundum (A1,O,) are important 
abrasives. Comment on the structures for these compo 
| to explain why they have such hardness. 
Sol.) 

a. Covalent bonds between the 3rd Period non-metals 3 

generally weaker than the bonds between atoms oftheir 2" 
period neighbours. Si-Si bonds are expected to be weake! 
than C-C bonds. Their bond strength should be less thas 
300 kJ mol”, 

b. The hardness results from the fact that the atoms are bonde 
together in three-dimensional arrays by strong bonds: 
SiC has the diamond structure. The bonds in Al,9; a 
ionic character as well as covalent. 
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, ybridisation 


he following: 

are the shapes of p-orbital and an sp-hybrid orbital 

„one has a greater directional orientation? | 
are the hybridisation state of each C-atom in the 

ying molecules ? 

nzene ii. CH, CH, CH, CH, 

C=CH AMA CH, = CH - CH = CH, 

H,- CH = CH - CH, 

thybridisation is expected on the central atom of each 

e following molecules? 

F, PFS? iii. CHC, iv. BeH, 

Which molecule, AX,, AX,, AX., AX, is likely to have 

trigonal bipyramid structure. 

f the central atom A, has no lone pairs, what type of 
ybridisation will it have. 


. The p-orbital has equal sized lobes; most of the 
sp probability density is on one side, making the latter more 

frectional in character. 

b. i All sp ii. All sp? iii. Both sp 

V. sp’, Sp’, sp’, sp” 

4 d sp ii. spa iii. sp” 


d. 7 AX, is the only molecule with five atoms bonded to 
central atom, it is only possible molecule listed which 
could be trigonal bipyramidal. 


In the absence of lone pairs, it must be dsp? or sp’. (An 
inner or valence d-orbital may be involved.) 


omplete the following table: 


“| Horie 


Octahedral 
sp’ 


hich of the sets of hybridised orbitals: sp, sp’, sp’, dsp’, 
p, spe do(does) not maximise the angles between 
ectron pairs? 

Uorine molecule is formed by the overlap of __ 

Edict the shapes of the following species and describe the 
Æ of hybrid orbitals on the central atom. 

BCI, iiN,Cl, iii PCL, iv. BH,” v. SbF,” 
=.’ Many o and 7 bonds are present in a benzene molecule? 


b. The sp'd hybrids have 90° and 120° angles. Rearr 


bik ation? 
ii. Square planar MI dsp 


v. Trigonal planar 


a. i. sp 


iv. dsp or sp° d 
an gement 


e but at 
of bond angles could produce angles greater that 90° bu 


the expense of the highly symmetrical structure. 
c. Overlap of p-p orbitals. 
d. i. Tetrahedral sp’. 
ii. Two pyramidal N-atoms, with sp’ hybridisation 
yield a non-planar molecule. 
iii. Pyramidal, sp? (a lone pair occupies the fourth 


tetrahedral position). 


on each, 


iv. Tetrahedral, sp. 
v. Octahedral, spa. 


e. 12.0 and 3x bonds. 


MO Theory 


a. Whatis the number of molecular orbitals obtained by mixing 


of two atomic orbitals? 


b. i. Out of F, and OF, which of these molecules is (are) 


paramagnetic? — 
ii. Which should be more stable towards dissociation into 
~ atoms, OF or Eo 
c. Explain why NO® is more stable towards dissociation into 
atoms than NO whereas CO® is less stable than CO. 
d. Predict whether He,° ion in its electronic ground state 1s 
stable toward dissociation into He and He~. 


a. Two 
b. i. OF is paramagnetic, since it has one unpaired electron. 
ii. OF should be more stable, since it has one fewer 
antibonding electron. 


c. NO® has lost an antibonding electron. Whereas CO? has 
lost a bonding electron. 


d. Itshould be stable because it has one more bonding electron 
than antibonding. 


a. Compare and contrast the concepts of hybrid orbitals and 
molecular orbitals with respect to: 


i, The number of atoms involved. 


ii. The number of orbitals produced from a given number 
of ground state orbitals. 


iii. The energies of the resulting orbitals with res 


pect to 
one another. 


b. Distinguish between non-bonding and antibonding orbitals 
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a. 


Hybrid orbital 


i. One central atom 


i. More than one atom 
Aar nai E E 


ii. Same number 
iii. Bonding orbitals lower in 
energy than antibonding 


orbitals 


iii. All the same 


b. Non-bonding orbitals have the same energy as the atomic 
orbitals from which they are formed; antibonding orbitals 
have higher energies than the highest energy atomic orbitals 


from which they are formed. 


a. State the bond order and indicate whether the species is 


paramagnetic. 
iB; ii. C, iii. N, 
iv. O, v. Br, vi. GLS 
} b. Which ofthe following molecules has the highest bond order. 
i. Ne, in. F, | 


Explain why N, has a greater dissociation energy than Nee 
whereas O, has a lower dissociation energy than OF 

d. The bonding o 2s orbital has a higher energy than the 
antibonding o*1s orbitals. Why is the former a bonding 


orbital while the latter is an antibonding. 


: Bon d order _ | Magnetic behaviour 
| @ = paramagnetic, — 
_ D= diamagnetic) — 


b. i. Zero bond order 


ii. One bond order 
c. N,” has lost a bonding electron and so has been destabilised; 


Oo,” has lost an antibonding electron and has been stabilised. 


d. The o 2s orbital originates from atomic orbitals of higher 
energy than itself and so is bonding. The o* 1s originates 


from atomic orbitals of lower energy than itself and so is 
antibonding. The relative energies of two o orbitals are 
immaterial. 


. — 


; ‘Consequence of Electronic Structure 


Which properties of element depend on the ee 
configuration of atoms and which do not? pe | | 
Why the chemical properties of a group are similan, | 
do they not have identical properties? F Wy 
Account for the great chemical similarity of the dt T 
elements (Z = 57 to 71). tanoj 
Select the largest species in each group: 

fer Th 2, lat aml ii, F°, Ne, Na® 
Select the species with the largest IE in each group; 
i. Na, K, Rb ii. F, Ne, Na H 
Which ion has the smallest radius: Li®, Na K? > | 
Mg’? ae 
Select among the element that has the lowest andi 
IE: K, Ca, Se, B, Kr. ; ley 
The ionic radii of S27 and Te” are 184 and 200. 
respectively. Predict the ionic radius of Se” and for te ) 
In the ionic compound KF, the KÊ and F® have practic 
identical radii, about 134 pm each. Predict the relative 


radii of K and F. 


Chemical and many physical properties depend on electronic 

configuration, but nuclear properties do not. 

b. Their properties are similar because of similar outermog 
electronic configurations. The differences are due to the; 
differences in size and the magnitude of shielding effect. 

c. Their outermost two shells of electrons are alik: 

(6s? 5d'—) or that configuration is very close to the ground 

state in stability. Moreover, all the lanthanides act as if they 

had this configuration to a great extent. 


d. i. Ti ii. FO 
e. i. Na ii. Ne 


2 : , 
f. Be“, Be is a second period element, thus smaller than the 
higher period elements. The Be?* ion is isoelectronic wit 
® 
Li’, but has a greater nuclear charge. 


g- K has the lowest IE; Kr has the highest. IE increases along 
a period (—>), being very small for alkali metals and ve 
large for the noble gases. 


. . l 
h. Ionic radius of Se” is the average of those of s% and Te 
that is 202 pm. The actual value is 198 pm. 


J- 
The expected radius of P% to be greater than that of 
since two ions are isoelectronic but P has one less proto” 
Its actual radius is 212 pm. | 


i. The atomic radius of K should be much greater than ] 
and that of F much smaller, since atomic cations are 5 
than their parent atoms, while atomic anions are bige™ 
their parents. The observed atomic radius of K a” 
231 and 64 pm respectively. 


34p0 
ma Jef | 
tha? 


p! 


| the following: 


| A nswer 
-a Select from each of the following groups, the one which has 


the largest radius: 
EE co Cos Co? ii. S^, An KOS iii, Li, Na RB 
| iy. C, N, O v. Ne, Na, Mg vi. La, Lu 
vii. Cu, Ag, Au viii. Ba, Hy 
ix. Mg, Na, Na®, Mg”, Al 
lp. IE, of C is 11.2 eV. What would be the value of IE, of Si to 
| pe greater or less than this amount? 
E IE,’ of Al, Si and S and 6.0, 8.0 and 13.3 eV. What would 
be the value of IE, of P? 
d. IE,’s of Li and K are 5.4 and 4.3 eV respectively. What 
would be the value of IE, of Na? 
e. The IE’s of Li, Be and C are 5.4, 9.3 and 11.3 eV. What 
would be the value of IE’s of B and N? 
f. Which of these elements have the lowest IE; : Sr, As, Xe, S, 
F? 
g. Select from each of the following group the element which 
has the largest IE. 
i. Na, P, Cl ii. He, Ne, Ar iii. O, F, Ne 
h. Arrange the species in each group in order of decreasing 
IE’s and in each case explain the reason for the sequence. 
i. K, Rb, Cs 1. Be, Be € lii. Cu, Ag, Au 
iv. C, N,O v. N, O, F vi: K, Ca, Sc 
vii. Na, Mg, Al viii. Fe, Fe”, Fe’? ix. K®, Ar C1® 
, Explain why IE, of Cu is higher than that of K, whereas IE, 
are In reverse order. 
_ Account for the difference in IE 
‘i. between KÊ and Ca® 
ii. between Cu® and Zn® 
, Ionisation potential is an old term for ionisation energy. 
Explain why the two are synonymous? 


4. I. Co (The others have the same nuclear charge, but less 
electrons.) 


ii, S% (All have the same electronic configuration, but the 
S nucleus has the smallest positive charge.) 
iii. Rb (It is in the largest period.) 
iv. C (It is the farthest left in the periodic table.) 
v. Na (It is the first element of a new period.) 
vi. La (Lu is smaller because of lanthanoid contraction.) 
vii. Au (Ag is almost the same size, because of the effect of 
the lanthanoid contraction on Au.) 
viii.Ba (HF is much smaller because of the effect of the 
lanthanoid contraction.) 
ix. Na (The size decreases along the period (—>) and also 
as electrons are removed.) 
Less (IE decreases down the group (1) due to increasing 


atomic size, but other factors also play an important role.) 
The observed value is 8.1 eV. 
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. It is difficult to remove an e from P than from S because of 


the added stability of the half-filled p-subshell. The observed 
value is 10.9 eV. 


. The IE of Na should be intermediate between that of Li and 


K. The IE of Na should be close to the arithmatic average 
of the two, or 4.9 eV. The observed is 5.1 eV. 


. Generally, IE increases along the period (—>). However, 


there is a larger increase in IE from Li (Z = 3) to Be (Z =4) 
than from Be to C (Z = 6). IE of B actually is less than that 
of Be, due to penetration effect in B. The observed IE of B 
is 8.3 eV. | 
N has a half-filled 2p subshell and should have extra stability 
for this reason. The increase in going from N (Z = 5 ) to 
C (Z = 6) is 3.0 eV, and the additional increase should be 
greater than this; thus, the IE of N should exceed 14.3 eV. 
The experimental value is 14.5 eV. 


. Sr (It is a metal.) 
. i. Cl (Ail of them belong to 3rd period and Cl is farthest 


to the right of the three elements.) 
ii. He ili. Ne 


. i. K > Rb > Cs (Generally IE decreases down the group 


(4). 

ii. C > Be > B (The 2s e is more difficult to remove than 
2p (penetration effect).) 

iii. Au > Cu > Ag (The lanthanoid contraction makes Ag 
and Au about equal in size, but Au has a much greater 
nuclear charge.) 

iv. N > O> C (Due to stability of half-filled orbitals.) 

v. F>N>O (The half-filed p-subshell of N imparts enough 
extra stability to make its IE > IE of O.) 

vi. Sc > Ca > K (In each of these cases, a 4s €` is being 
removed and the order is as shown.) 

vii. Mg > Al > Na (It is more difficult to remove an e` from 
Mg because the e being removed is a 3s e froma filled 
subshell. The 3p e of Al is easily removed. It is easiest 
to remove ane from Na because of its large size.) 

viii.Fe** > Fe’ > Fe (All of them have same nuclear charge 
and the number of e~’s increases in the order listed.) 


ix. K? > Ar > C]e (All have the same electronic 


configuration and the nuclear charge decreases in the 
order listed.) 


i. i. Cu (Z = 29) = 3d! 45! Cu® = 3q! 45°. 


Cu’? = 3d? 45° 

ii. K (Z = 19) = 4s! KÊ = 49° K”? = 3p° 
Cu has 10 more protons and 10 more e ’s than does K, 
but due to imperfect screening effect of de”’s, IE, of 
Cu > IE, of K and IE, for K involves the removal of an 


e from an octet (357 3p°), whereas that of Cu involves 
the more easily ionised q!° configuration. 


Hence, IE, of K > IE, of Cu. 
® M i 
K” loses an e from its 3p subshell; Ca® forms its 4s 
subshhell, which requires less energy. 
Hence, IE, of K? IE, of Ca®, 


y  N 


ii Zn E ® > 3d"? 4s' 
Cu (Z = 
- loses ane fron 


30) = = s 3d” 48°, Zn 
= 79) => 3 1! 4s! cu? => 3d'’ 4s° 


G > 
14s! more easily than Cu loses an 


= from 3g 
Hence. IE, of Cu? > lE, of Zn”. 
k. The IE ofane in eV is numerically equal to IP in volts. 
Note: lfa particle being accelerated by a potential has a Dect 
equal in magnitude to the charge on ane _the number of eV o 
energy is numerically equal to the potential in volts (V). 


Bonding 


Give the decreasing order of the property mentioned against 
each of the following: 
a. C,H., BF,, H,O. NH,, CH, (bond angle) 
: ® 
b. NH., NH,. NH, (bond angle) 
Cl, Na—I, Br—H, F-H, C-H 


OR RD- 
(ionic character) 

d. NH., PH, (bond angle) 
e NF., NH, (dipole moment) 
f. CH,Cl, CH,Cl,, CHCI, CCL, (dipole moment) 
g. MgO. CaO (hardness) 
h. HCl. HBr (ionic character) 
i. NO, NOS. NO; (bond angle) 
j. CL. O, F, N, (bond strength) 
K. 0,N, EGS (strength of H-bonding) 
L N, N,”, AA N (order of stability) 
m 0,000 Og (order of stability) 
n. N,, F,,0,, H, (bond length) 


a. Refer to Chapter 1, Illustration 1.81, Question 11, part (h) 
CH=CH (180°) > BF, (120°) > CH, (109.5°) 


[sp, linear] [sp’, planar] [sp , TH] 
NH, (107°) > H,O: (104.5%) > 
sp’, pyramidal sp, V-shape 
Repusion between | | Repusion between 
Ip and bp Ip and Ip 
© sd O: 
b. NH,(109°) = NH,(107°) > : NH, (104°) 


[ sp° , TH | sp’, pyramidal sp? , V-shape 
Repulsion between | | Repulsion between 


Ip and bp Ip and Ip 


This is because all of them involve sp’ hybridisation 
The number of /p’s of electrons on N-atom are 0, 1 ‘id 
2 respectively. Greater the number of /p’s, greater is the 
repulsions on the bp’s and hence smaller is the angle, 

c K-F>Na-I>Li-Cl>F-H>Br-H>C_y 


(Apply Fajans’ rule) 
. Refer to Section 1.16 (3), Point (v). 


Eo 
a ao 


NH, > PH}. 


e. Refer to Illustration 2.15 (a). | 
NH, > NF}. | í 
f. Refer to Illustration 2.16. 
CH,Cl > CH,Cl, > CHCI, > CCl}. , 
g. MgO > CaO (Hardness decreases down the 2nd Brony, i 
] 


due to decreases in lattice energy.) 
_ HCI > HBr (Apply Fajans’ rule.) 


h 
i. Refer to Section 7 16 (3), Point 0). 
NO, > NO, 7 NO.. 
NO, has no unshared electron and hence it is inary . 
has one unshared electron while NO,” has one Ish f 


electron pair (i.e. lone pairs of elections ). 


0 = N == O: 
30° Go 132? `o o Tis \ 
® a 0 
(NO,) (NO,) (NO,) 
_NseN>O=O>CI-CI>F-F 
Triple bond strength > double bond strength > single bi 


strength. 
Bond strength of F-F is less than that of CICI, due, 


repulsion between the non-bonding e’s present on each 


very small F-atoms. 


k. F>O>N>S>Cl 
Greater the EN and small size of the element, it fon, 


stronger H-bonding. 

Refer to Table 2.18. 

N, > N,Î > N,° > N,” 

m. Refer to Table 2.19. 
0 0, 0,2090 

n: F,(F-F) > 0,(0=0) > N; (N =N) >H (H-H 

Bond 

length (pm) 
Bond length of single bond > double bond > triple boni 


Since the H-atom is very small size so bond length of singt 
bond between H and H is the smallest. 


kisasi 
. 


|s > 121 > 109 > 74 


Answer the following: 
a. How many o, n and non-bonding electrons are present” 


i P,O; li. P,O,, 

b. Which of the following are Kosaci and isoelectoni" 
NO;®, CO,*, ClO,° 30, 

c. Why CO, and SO, are n isostructural ? 

d. Why PCI dissociate to give PCI, and Cl,, whereas SFs 
not dissociate to give SF, and F, on heating? 

e. Discuss the shapes of Soleu orbitals formed by 
combination of the following atomic orbitals. 
i. 2p, and 2p, ii. 2p and 2p, 


does 


: , 5 
- dissociate to give IF, + — R! 
' why IF, dissocia g D F, not IF, + F,? Explain. 


; of PCI | 
why axial bonds of US's are longer than equatorial bonds? 


BHE and NH, are isolobal. Explain. 
he Name the anion which is isostructural with BF,. 


me the cation which is isostructural with CH 
whi ch of the following alkali metal chlorides is expected 
ave the highest melting point. 


“toh a £ 
į, LiCl ii. KCI iii, RbC] iv. NaCl 


o bonds = 12 

z bond = Zero 

Each P has 1 Ip of e”s. 

Four P has 4 /p’s = 8 non-bonding e`”s. 


Each O-atom has 2 /p’s of e”’s, 6 O-atom has 12 Ip’s = 
24 non-bonding e”’s 


-. o= 12, n = 0, non-bonding e”’s = 32 


i 
P 
o | ss, 
eo 
a 
P 
/ | o: 
‘0 (P4010) 


o bonds = 12+ 4= 16 
T bond = 4 


P-atom does not have /p’s of e”’s. 


FA m © 


a © 


EEA ANDA 
DEY «Het VERE 

Sol 
A 5 tPA 


a. 


5 
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Ten O-atom has 2 x 10 = 20 Ip’s = 40 non-bonding ¢ 'S- 
NO, ' and co? are isoelectronic and isostructural. 
Number of ¢ ’s in NO,’ =7 +24 + | =32 
Number of e ’s in co? =6+24+2=232 
Hence, they are isoelectronic. 


ee: 
Therefore, hybridisation of central atom In both cases 1S Sp’ - 
Hence, they are isostructural also. ; 
C in CO, is sp hybridised and is linear. S in SO, 1S SP 
hybridised and is bent molecule. 


Refer to Section 2.21.8 (Point 1) for PCI, and refer to Section 
2.21.8 (5) for SF: 


Refer to Figs. 2.74 and 2.75. 

Refer to Section 2.21.12 [Point 7 (a)]. 

Refer to Section 2.21.8 (Point 1). 

Both are sp? hybridised and have tetrahedral shape. 
NO? (Triangular planar). 


® 
NH, (Tetrahedral). 


Lattice energy (A i) decreases down the group (1 ). 
Although A H? of LiCl is higher than that of NaCl but LiCl 
is covalent and NaCl is ionic in nature. After NaCl, ApH- 
decreases as the size of alkali metal ion increases. As melting 
point depends upon lattice energy and ionic/covalent nature 
of the compounds, thus NaCl has the highest melting point. 


Which d-orbital is involved in: 


ii. sp’d° hybridisation 
iv. sp @ hybridisation 


i. sp°d hybridisation 
iii. dsp” hybridisation 


b. Why H,O is liquid while H,S is gas ? 


Why KHF, exists but KHCI, does not ? 


. Benzene ring contains alternate single and double bonds, 


yet all the C-C bonds are of equal length why? 


Out of P-F, CI-F, S-F and F—F bonds, which bond is the 
least ionic ? 


Refer to Section 2.21.11. 
i. dz 

iii, dx? -y 

Due to intermolecular H-bonding in H,O, association 


of H,O molecules occurs but in H,S there is no 
H-bonding. 


ae 9 , a) 
ii. dy —y and a= 


iv. dxy, dyz, dxz 


c. Refer to Section 2.23.11 (Point 6). 


e. 


Due to resonance in benzene. 


F-F is the least ionic or more covalent due to the zero EN 
difference in F—F atoms. Greater the difference in EN value 
of two atoms more ionic is the compound and vice versa. 
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, melting points 
en these 


} eA 
two differences: À r 
) H IISA 
t | “te 3 O 
S Z Ny ON cH, 
o-Hvdroxy- o-Methoxy- 
atten ldchyde (c) (d) 
benzaldehyde |benzalaen, 
t =309C |p-Hydroxy- |p-Methoxy- 


pt. = 266°C m.p 
ai benzaldehyde | penzaldehyde. 


m.pt. = 388°C m.pt. 273°C 


a. The crystal forces in (a) and (d) are largely van der Walls. 


Compounds (a) and (c) containing the polar-OH groups 
form H-bonding. 7 

b. In(a). there is intramolecular H-bonding whereas in (C), it 1S 
intermolecular H-bonding which leads to increase in melting 
point of (c) as compared to (a) and (d). 

c. In the absence of strong intermolecular H-bonding, the 
difference in m.pt. as compared with the reference substance 
(b) should be small. This is due to differences in the crystal 
structure or due to the van der Waals forces, which would be 
slightly larger for (b) than for (a) on account of the slightly 
increased molecular mass. 


A plant virus was found to consist of uniform cylindrical 
particles 100 A in diameter and 4000 A long. The virus has a 
specific volume 0.314 cm’ g ’. If the virus particle is considered 
to be one molecule, what is its molecular weight? 


100A 


2 
BaD -r h=3.14) [2004 (4000 A) = 3.14 x 107 (Ay? 


3 
, {10 %cm 
-3.14107(A)°| 7 | =3,14 x 10! cm? 


Therefore, the specific volume is 0.314 cm? g '. of molecule. If 
> specific volume is 3.14 x 10°!’ cm?. The weight per molecule 


g 
(iné) O14 107 on 


= 107g. molecule”! 
Molecular weight of virus = (10° g molecule | ) 


6.02 x 1973 molecules 
——____Brbiecuies 
mol. 


ate the I-I distance in each of the isomeric = 
De 


Calcul rap 4 

CHI, as shown below. N 

divert: Bond length of C ~ I asd 210 pm 
Bond length of C = C= iso pm 


I 


120° 
120° Bio 
I C C 
(a) (b) 
I 
120° 
c 
C 
120° 
I 
(c) 


Note: (C =C) bond is sp’ hybridised and planar vi 


120° angle. 
a. A 
210 pm 
DO O B 
CE 
Fig. (a) 


The IH distance (Fig. a) (AC) = AD + DC =2AD 
C-I bond length (AB) = 210 pm 

In the 60° right angle triangle (ABD), 

2AD = 2 (210 sin 60°) = 364 pm 


b. on k 5 HO 


Fig. (b) 
The I-I distance (Fig. b) = AH = AF+GH+ FG 
Now, AF = GH = BD = 210 cos 60° = 105 pm. 
FG ; 2 
G is the C=C double bond distance = 133 pm. 


— 


Thus, AH = 105 + 133 + 105 = 343 pm. 


Fig. (c) 


me 4 distance (Fig. c)=AK, the hypotenuse 


m stegs of the wien ACK are AC and CK. 
c=364pm (as calculated in part (a) above) 


or right angle 


Æ = AH (as calculated in part (b) above) = 34 


3 pm 
men, AK = VCR)" + (AC)? 
2 
(343) + (364)? = 500 pm 


“Jate the J-I distance in each of the three isomeric 


es. Assume that the ring is a regular hexagon 
Sat each C-I bond lies on a line through the centre of the 


4 an C—-1 bond length = 210 pm. : 
# between two adjacent C-atom (i.e. C-C)= 140 pm. 


Oe 


B The distance aioe with centre of the hexagon to any corner 


Since the hexagon is regular, the lines from the centre to two 
dacent apices form an equilateral triangle. 


a The distance from the centre of the hexagon to an 
|-atom = OC + CI = (140 + 210) = 350 pm. 


3 | 
b. Half the II distance is - (350 pm). 


Therefore I-I distance = V3 (350 pm) = 606 pm 
B (350 pm) 
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350pm i 350pm 


\ 
J 

1 

1 i} 

i ‘ 

1 


I 


I I distance = 2 (350 pm) 700 pm 


Enthalpies of hydrogenation of ethene (C,H,) and benzene 
(CoH,) are —136.68 and 205.65 kJ mol ' respectively. 
Calculate the resonance energy of benzene. 

A. CoH yg) + Hyg —> C He AH, =- 136.68 kJ mol ' 


b. CoH egy + 3H) —> CoH, AH, = -205.65k5 mol” 


‘Solr If benzene (CHo) had three isolated (C = C) double 
bonds, AH? hydrogenation would be close to three times AH 


hydrogenation of ethene (HC = CH,), with one double bond, i.e. 
-136.68 x 3 = 410.04 kJ mol". 


© < 
AH hydrogenation of benzene = — 205.65 kJ mol 


Hydrogenation of benzene is less exothermic by: 
Resonance energy = AH” hydrogenation of C, H, 
— AH® hydrogenation of. 3 times of C,H, 
= — 205.65 — (410.04) kJ mol" 


= 204.39 kJ mol” 
It means that benzene has been stabilised by 204 kJ mol’. 


Select the species which is best described to the right. 


a. CL, Br, L (has the lowest boiling pomt) 


b. Cl, Ar, K (has the smallest IE) 

c. CH,,NH,, HF (has the highest boiling point) 
d. CO,, NH,,CO (has zero dipole moment) 

e. HOI, HOBr, HOC! (is the weakest acid) 


a. Cl, has the fewest electrons, therefore least van der Waals 
forces. 


b. K is metal, thus smallest LE. 
c. HF has H-bonding, the largest intermolecular force. 


d. CO, has polar bonds, but CO, is linear, and the bond 
moments cancel. 


e. In HOI, Lis least EN; it pulls electrons least, leaving a greater 
fraction of the O electrons to bond with the H atom. 


a. The Cl-O bond distance in ClO,’ is 144 pm. What do you 
conclude about the structure of this ion? 

b. The POCI, molecule has the shape of an irregular 
sakoi with the P atom located centrally. The 
Cl-P-Cl angle is found to be 103.5°. Give a qualitative 
explanation for the deviation of this structure from a regula 
tetrahedron. 
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a. There must be considerable dou 


vonds. 
h pocl, would show some 
n P and O, (P ts allowed 
he availability of 


b. The Lewis structure for 
> ` ’ ` 
double bond characte! betwee 


to exceed the octet because of t 
3d orbitals). 
D: 
More A / More 
repulsion repulsion 
between between 
Ip and bp iy and bp 
P 


Y 


Cl Cl 
INN iy 
Ne 
v 
Less repulsion 


between bp and bp 


The increased e` density in the P = O bond w 


the intrinsic repulsion between the P=O bond and a 


P—C] bond greater than between two (P-Cl) bonds. 


Thus. the CI-P-Cl angle is lowered and the CI-P = O angle 


is raised. as compared to regular tetrahedron. 


Hybridisation 


Draw all geometrical isomers of PBr,Cl, molecule. State which 
isomer(s) have no dipole moment. 


Cl iG C] Br Cl CI 
(No dipole) (Has dipole) (Has dipole) 
(u=0) (u #0) (u #0) 


Write electron dot structures and describe the geometry of the 
following molecules: 

a. NH,OH (Hydroxylamine) 

b. NH, NH, (Hydrazine) 

c. CH,COCI (Acetyl chloride) 

d. CH, = NH (Methylenamine) 


a. H*— N — Ö—H 


él 1, 


H P 


i. Due to one /p of e and three bp’s, N-atom is sp? 


hybridised but pyramidal in shape. 


ble bond character 1m the 


vould make 


to two [p's of e ’s and two bp'’s, o ` 


ii. Duc a 
hybridised but bent about the O-atom, On, ; 
h. p x— Ne No” H 
HoH 
[Both N atoms are sp’ hybridised and pyramidal F 
N-atom.] Ni 
H sp’ 


ra 0: 
sp i ‘Ch: 
i. C! is sp’ hybridised and is tetrahedral in shap, 
ii C? is sp’ hybridised and is trigonal planar ap 
OM y 


C-atom. 


Both C and N atoms are sp” hybridised and are Planar aha 


C and N atoms. 


a. Reduce the hybridisation, geometry and shape of tte 


following: 
i: CE ii. Br; iii. CIO? 
iv. F,SeO v. 10, Fy 


b. Either of the hybridisations (i) dsp” and (ii) sp’ of a cenai 
atom can lead to a square planar molecule. Give one exampy 


of each. 


a. i CH,” 


l 
H = 5 (V+ M-—no. of +ve charge) 


l 
= @t2-2)=2=sp 


The molecule is linear. There will be no multp? 
bonding, since H-atoms have no orbitals available & 
C-atom has lost the extra electrons. 


i, Br© :Br — Br:— Br: 


H= > (V+ M+ no. of ve charge) 


N| = rl— 


(7+2+1) 


=5= sp'd=Tbp 
BrO, has Tbp geometry but due to the presence al 
ip’s, it is linear in shape. | 


® se | 
d C10; :0 = (= 0; SENE Chemical Bonding and Molecular Structure 2.149 | 
jil l | Remaining p e’s=14-8=6 | | 
N, = 6, N, =() 


l y+M- 
He > (I no. of +ve Charge) Bond order = : (6-0) =3 


Number of unpaired e”’s = Zero; therefore, diamagnetic: 


- 1 (1+0-1)=3=sp = Planar d. NO: Total electrons = 7 +8= 15 
2 


ae i z 


Remaining pe ’s=15-8=7 
cios is unstable ion, (C1 


=O bonding is expected. 


P as 7 Bond order = : (6—1)=2.5 
i p,SeO - Se==0: 


Number of unpaired ¢ ’s = 1; therefore, paramagnetic. 


Ifthe internuclear axis in the diatomic molecule AB is designated 
= 4= 5p as the z-axis, what are the various pairs of s, p or datomic orbitals 
F,SeO has tetrahedral geometry but due to the pr amaai 7 _— 
of one Ip, it has pyramidal in shape. This nai ‘Sol. | 
analogous to SO; - a, (Py P x) (Po dy)» (diz d,.) 


v. 10,F; b. PpP) (Py d) (dy, d) _ 
| The figures below indicate the combination 1n 
H= 5 (V+ M+ no. of —ve charge) x2-projection. 


is combination 
ii, :XeF, 


combination 


(d d) 
Molecular Orbital Theory 


combination 


Z 
l | | | 
= 5 (74241) =5=sp'd x x x 
It has spd hybridisation with Tbp geometry but due to : x 
the presence of one /p of e”’s it has see-saw shape. | 
b.i [Ni (CN) a Prde) l 


a [ee EE Make a table giving (i) number of orbitals with a given energy, 
State the bond order and indicate whether the species is eying () 


(ii) maximum number of electrons per orbital and (iii) maximum 
paramagnetic: : number of electrons at a given energy for the following types 
aCN® = DCN e. CN? d. NO of orbitals: 
a. s b.p C. sp” d. sp 
| Sol. e. 0 f. o* g. T* 
| a CN®: Total number of e’s = 6 +7—1= 12 


Remaining p €"s= 12-8=4 me | © | | w 
N,=4,N,=0 , 


l 
Bond order = 5 (4-0)=2 


Number of unpaired e~’s = 0; therefore, diagmagnetic. 
b. CN: Total electrons = 6 + 7 = 13 

Remaining p e&’s = 13-8 =5 

N=5, N,=0 


| 
: =. 
-e 


Bond order = (5-0)=2.5 


Number of unpaired e”’s = 1; therefore, paramagnetic. me 2s oa oian ae 2, or 2p, no Gamin 
| c. CNE: T -6+7+1=14 -axis as the internuclear axis), there is a partial overlap, an 
| otal electes =6 they do not form any MO. Explain why? 


2.120 Inorganic Chemistry a a pes —_ 
25 orbital wave function has same sign throughout but i ~ 
2p, or 2p, orbital wave function has tve sign in one lobe and -ve 7 > 
sbe. The small (+) (+ overlap cancels the (+ : CI | C 
te in sign. (Refer 2 cic = °C 
(126, 3m) 


sign in the other l 
(>) overlap which 
to Fig. 2.72). 


a but oppos! 


being equal in are 


Thus A ~ (12 + 12) = 240 
R=(3+6)=07 


4 
Thus A/B = a 4 
6 


g species, how many of the have frac 


Out of the followin 


Compounds -Vand F have similar structure with delocalization 

of z-electron system. 

(ACH), 2XPNCI),,2 

If value of » = 6, then calculate the value of 4/B, where ‘A’ is 
dX) and O) and ‘B’ is total 


the total no. of o bonds in compoun 
no. of x bonds in compounds Xand Y. bond order 
‘Sol. (4) where 7 = 6 : (1) CN° (2) 0,” (3) Cy (4) B, (5) He.® 
O ® ð 2 
' , (6)co (N, (NO? 90: Goc 
A = (CH), =C,H, = Benzene > H H 
(120, 37) 


“Sol. (4) Four species (O,°. He,°. N, And 0,°) 
“4 CN® (6+7+1)=14 Se ee ; 
“6-0 
7 0)=3 | 
: E io = — 
| 36-38 
Cy (6+6+2)=14 14-8=6 0 | 
qe 
-4 B, (5+5)=10 0-8-2 ; A rs 
| 7e 
5. He,” (2+2-1)=3 5 E 
| s 
6. CO (6+8)=14 14-8=6 6 x | 
* (6-03 
7 N, (7+7+1)=15 58-7 niae” — 2 
l - 
5” DEZA 


| f 
(71+8-1)=14 14-8=6 
anae re i ? n 4 
(8+8-1)=15 15-8=7 a a a n 
) | $ 
arata =(6-)=* 
(6+6-2)=10 La a a aaa g 
~ 0 l 
tao 


1 
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Oe sania © EB (7 Seven compounds (1 103,560 KD) a o) 
. i CH,)} O 
Consider the following compounds. Back bonding is absent ın (4)(CH,NCS) and (7) [((CH3)2 
DAO, @) AsBr,® (3) Bel, (AICI, (5) Bro,” (1) ae 
ano. 0) IBr,°  (8)IF, (9) XeO,F, (10) NH” pa Si 
ifa, b and c are total number of compounds in which central 
stot uses all three p-orbitals, only two p-orbitals and only one (2) pr-pr 
orbitals in hybridization respectively. N A 
Then value of “(a + € = by” is: i a 
(Sol. (2) Vacant p-orbital : 
2 (2) sp? (3) sp (4) s p (5) sp (Singlet with opposite spin) sp 
(1 P z 3 3 3 3 
op Ord Opd Opd OSP (4) CH, N=C-8 
Compounds n which a = (2), (7), (8), (9) and (10) no back bond. 
= Total compounds = 5 
Compounds in which b = (1), (4), (5), (6) (5) D 
= Total compounds = 4 J ho 
Cl Ci 


Compounds in which c = (3), 
= Total compounds = 1 


(a+c-b)=5+1-4=2 


Out of the following species, the total number of species which 


: ws have symmetrical electron distribution in their HOMO (Highest 
Out ofthe ett T ie oe Ga of ee which Occupied Molec ular Orbital) aid also paramagnetic ATE 
have (pr — pT) back bond or (pT — ant) bac ond are: 5S 3)0 HNZ 
(1)CO (2) CCL, (Singlet) (3) CBr,° (1) C, (2) P (3) a (4)N, 
(5) C, — (6) N, (7) O, 


(4)CH,NCS (5) CLO (6) H,SiO, — (7) (CH,),0 


(8) (SiH,),0 (O) N(SiH;), RG (4) Four species (B,, O3, N,* and N,”) 


= | remaining. 
10-8=2 


T2p, T2py 
| Symmetrical 
distribution 
16-8=8 
6e in bonding o2p,, 
n2p, and t2p, 


Symmetrical 
distribution 


6e in bonding 712p, 
n2p, and o2p, n*2p, m"2py 
Symmetrical 
| distribution 
7+7-1=13 13-8=15 le in 
4e's in bonding D 
n2p, and mp, 2p. 


Symmetrical 
- distribution 


Dms is ; k . ee š : 
In C,” , C, and 0, , there is symmetrical electronic distribution in their HOMO, but all are diamagnetic 
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al numbet of molecules 


Out of the following molecules, the tot 
which can form H-bond among themselves. 


(1) HCHO (2) HCOOH (3) NH OH 
(4) H,SiO, (5) NH(CH,), (6) B(OCH,), 
(7) HCN (8) SiH,OH (9) CH,CONH, 


SSBB (7) Seven molecules (2 to 5 and 7 to 9) form H-bonds. 
Molecules (1 and 6 do not form H-bond) 


Out of the following species, the total number of species which 
can act as Lewis acid are: 


(1) CO, (2) SiCl, (3) CH, 
(4) HCHO (5) BF; (6) TiCl, 
(7) (CH,),Al (8) (C,H;);N (9) CH,” 


ISM (7) Seven species (CO,, SiCl,, HCHO, BF, TiCl,, 
(C,H,),Al and CH,*) acts as Lewis acid. 
CH, and (CH,),Al does not act as Lewis acid 


Out of the following compounds, the total number of compounds 
which have H-C-H bond angles greater than 109°28’ and less 
than 120° are: 


(1) C,H, (2) CH,CH,° | (3) H,C-CF, 
(4) H,CF, (5) H,C-F (6) CH, 
‘Sol. (4) Four compounds (1, 3, 4 and 5) 
H H 
H H Nu : 
(1) N= fao (2) H 7 Ceno 
H H H 
> 109°28' 
F 
S Fa 
C—C—F H F 
6) H NF (4) > 109°28'—> C 
H H” NF 
> 109°4' 
H, H 
— | 109°28' 
(5) Hg F © cy 
H H’ | Sg 
> 109228" H 


Out of the following compounds, the total number of non polar 
compounds are: 


(1) CIF (2)ALCI, (3) S,F, (4) SF, 
(5) SF, (6)PCLF, (7) PCP, (8) CI, 
(9) XeF, (10)1L,Cl, (11) BF, 


SOP (5) Five compounds (AI,Cl,, XeF,, L,Cl,, PCI,F, and BF.) 

are non-polar. 
(1) CHF sp’, geometry = T.H, 

Shape = Linear and polar 


Clg 2Clxy Cl 
Al Al 
(2) ar w Sq (All vectors cancel out) 


ee 
= ne 


F f 
104° 
f 3 
(4) ‘SF, Sp ’ G = T.H. Shape 
A 0 ] Thy. 
(>I u #0, polar | 
Xe 
p F 
3 ns 
(5) ‘SF, sp d, G= Trigonal yi, 
F Yran 


H #0, polar 


sp’d, Geomet 


6). PCL E; 
(6) POLK; Tp. TY and sha 
Lge u 0, polar. 
i 
| K . 
(7) PCLF,; spd, Geometry and tan. 
T.b.p. ii 
F 
Cl 
f All vectors cance| out, 
= { u = 0, non-polar 
Cl 


sp’, Geometry = Oca 
Shape = Square planar 


All vectors cancel out 
u = 0 non-polar 


RW Planar structure 
C1 All vectors cancel out 


u = 0, non-polar 
(10) 1204 t , 
r^ S sp, planar, 
F All vectors cancel out, 


u = 0, Non-polar 


Calculate the (1 — I) distance for the compounds CHCl" 
(C - I) bond length is 2.30Å. 


(Given sin 60° = 0.86) 


oe 


Fee: Pee 
A cH,Cl, iS sp’ hybridised and thus A-C- I) bo 


(In AICO, angle ICO = 60° and angle IOC = 90°) 


10 Z gin 60° 

cl 

, 10= CI sin 60° 
= 2,30 x 0.86 
=1.987A 
~2A 


dl-l)=2x10=2x2=4A 


Some arrangement of atomic orbitals are given below: 
Liss =~, 
| oO + o 
oe 
na : K 


( 


fid angle Onecare 
120° a Po (5) SK 4 -X 
-Ay 
EA 


LeU AS PRA SS 
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If A, B and C are number of arrangements which give bonding 
molecular orbitals, anti-bonding molecular orbitals and non 
bonding molecular orbitals respectively. Then the value of 
(A+ B-C)is: 


Soi.) (5) Bonding molecular orbitals (positive overlap) (1-¢., 4) 
= 4 (1.e., 2, 3, 4 and 7). 

Anti-bonding molecular orbitals (negative overlap) (i.e. B) = 3 
(i.e. 1, 5 and 8). Non-bonding molecular orbitals (zero overlap) 
(i.e. C) = 2 (i.e. 6 and 7). 

(44+ B-C)=(44+3-2)=5 


ee 


Sinale Corect ansera I} 


1. 


Chemical Bonding 
Which of the following is the most ionic? 
(1) P4O0 (2) MnO 
(3) CrO, (4) Mn,O, 


tw 


| Among LiCl. BeCl,. BC l; and CCI 45 the covalent bond 


character varies as 

(1) LiCl < BeCl, > BCI, > CCl, 
(2) LiCl > BeCl, < BCI, < CCl, 
(3) LiCl < BeCl, < BCI, < CCl, 
(4) LiCl > BeCl, > BCI, > CCl, 


. In a metallic crystal the 


(1) Valence electrons remain within the fields of influence of 
their own kernels 

(2) Valence electrons constitute a sea of mobile electrons 

(3) Valence electrons are localised between the two kernels 

(4) Kernels as well as the electrons move rapidly 


. Polarisation involves the distortion of the shape of an anion 


by an adjacently placed cation. In this context, which of the 

following statements is correct? 

(1) Maximum polarisation is brought about by a cation of 
high charge. 

(2) Minimum polarisation is brought about by a cation of 
low radius. 

(3) A large cation is likely to bring about a high degree of 
polarisation. 

(4) The polarising power of a cation is less than that of an 
anion. 


. Which of the following is required for the formation of an 


ionic bond? 
(1) An electron from the more electronegative element 
should be transferred to the less electronegative. 


(2) The total energy of the resulting molecule should be less 
than the total energy of the reactants. 

(3) The lattice energy of the resultant molecule should be as 
Jow as possible. 

(4) The ionic potential of the reactants should be identical. 


. AICI, is covalent while AIF, is ionic. This can be justified on 


the basic of 

(1) The valence bond theory 
(2) Fajans’ rules 

(3) The molecuar orbital theory 
(4) Hydration energy 


. Which of the following oxyacids of phosphorous are 


monoprotic (monobasic)? 
(1) H,PO, 
(3) H,PO, 


(2) H,PO, 
(4) HyP,0, 


8. 


11. 


12. 


13; 


14. 


15. 


16. 


17. 


19. 


20. 


. Which of the following pairs have nearly identical valy 


ie 


TES pereisa La a N 
ay 


Which of the following has greater bond length? 
(1) P—O (2) S—O 
(3) CO (4) O=O 


` Which of the following has been arranged i 


’ » Org 
increasing covalent character? ler i 


(1) KCI < CaCl, < AICI, < SnCl, 
(2) SnCl, < AICI, < CaCl, < KCI 
(3) AICI, < CaCl, < KCI < SnCl, 
(4) CaCl, < SnCl, < KCI < AICI, 


Ro 
bond energy? nt 


(1) O, and H, (2) N, and CO 
(3) F, and I, (4) O, and Cl, 
Which has maximum ionic mobility 

(1) Li (2) Na? 

(3) K® (4) Cs? 

In PO ne P-O bond order is 

(1) 1.25 Oy 

(3) -0.75 (4) -3 

Which of the following has least covalent P-H bond? 
(1) PH, (2) PH, 

(3) P,H, (4) PH 


Which of the following diatomic molecules would » 
stabilised by the removal of an electron? 

(1) O, (2) CN= 

(3) N, (4) C, 

In which of the following species the bonds are no- 
directional? 


(1) NCI, (2) RbCI 
(3) BeCl, (4) BCI, 
Which contains both polar and non-polar bonds? 
(1) NH,Cl (2) HCN 
(3) H,O, (4) CH, 


The bond angle between two hybrid orbitals 1s 180°. Ts 
percentage s-character of hybrid orbital is between 

(1) 50 and 55% (2) 9 and 12% 

(3) 22 and 23% (4) LL and 12% 


- Which type of bond is not present in HNO, molecule? 


(1) Covalent (2) Coordinate | 
(3) lonic (4) Both ionic and coordi 


Ts . f W 
KF combines with HF to form KHF,. The compe 
contains the species g 


(1) K®, F and H® (2) KÊ, F° and HF 
(3) K® and [HF,]° (4) [KHF]? and F, 
There is no S-S bond in 

Ja 
(1)S,0, (2) 50." 
(3) S,0,° (4) $,0,"" 


~ ngle between two hybridised orbital is 105° Chemical Bonding and Molecular Structure 2.125 
© i D i p : eRe a. 


and hence the 


ercentage of s-character in the hybridised orbital would be (3) High charge on ions, small cations, large anions 
in the range (4) High charge on ions, large cations, small anions 
(1) 23-24% (2) 20-21% 34. Which of the following is not a correct statement? 
3) 50-55% (4) 11-12% (1) lonic compounds are electrically neutral. 
yy The octer rule is not valid for the molecule (2) sities point of an ionic compound is more than a 
' covalent compound. 
1) CO; (2) H,O 
O (4) CO (3) Melting point of a covalent compound is more than an 
(3) QO, ne | ionic compound, 
m electrons that take part in farm: , l 
13. Mon ectrons that take part in forming the (4) Ionic compounds are soluble in polar solvent. 
nd 1 ~ 
a 2 ? (2)4 35. Element A has three electrons in the outermost orbit and B 
( has six electrons in the outermost orbit. The formula of the 
(3) 6 (4) 10 compound will be l 
24, The types of bonds present in CuSO, 5H,0O are only (1) A,B, (2) A,B, 
(1) Electrovalent and covalent (3) A.B (4) A-B 
. 2 A 
(2) Electrovalent and coordinate covalent 46. The pairofel ee , ? l 
(3) Electrovalent, covalent and coordinate covalent i a one Vance tone Panes 
(4) Covalent and coordinate covalent (1) | (2)H+F 
(3) Na+ Br (4)O0+H 
25. The bond between two indentical non-metal atoms has a 37. Latti Panton dd d 
pair of electrons: : a `i ae an _ rai } epends upon 
(1) Unqually shared between the two non a j "i S i E 
(2) Transferred fully from one atom to another (2) TERAN E OI RS ONY 
EEE ; i (3) Size of the ion only 
(3) With identical spins 


(4) Charge on the ion only 


lly shared betw 
(4) Equally shared between them 38. The bonds present in N,O, are 


26. The number and type of bonds between two C-atoms in 


SrC, are (1) Only ionic (2) Covalent and coordinate 
(1) a In (2) lo, 2x (3) Only covalent (4) Covalent and ionic 
(3) i 1.5n (4) ió 39. Which of the following statements is correct for CO? 


27. Which species has the maximum number of lone pair of o Aa A SOMESH SA 
electrous on the central atom? i (2) lo, In and 1 coordinate bond between C and O atoms 


(1) [Clo,]° (2) XeF, (3) as of eine on each atom 
(3)N,O (4) Lr (4) 1o, 2r bonds between C and O atoms 


40. Which of the following statement regarding valence bond 


28. Am i -defici di 
ong the following, electron-deficient compound is theory (VBT) is not true? 


1)C . . l A 
r E (Ee (1) A molecule is considered to be a collection of atoms. and 
5 ) -2 (4) BCI, then interactions between different atoms is considered. 
: Which of the following does not follow the octet rule? (2) For a molecule to be stable, the electrostatic attractions 
(1) CO, (2) PCL must predominate over the repulsion. 
(3) ICI (4) CIF, (3) The potential energy of a diatomic molecule is less than 
30. Which of the following does not have coordinate bonds? the sum of potential energies of free atoms. 
(1) CO, (2) H,C-NC (4) The net force of altration acting on the atoms in a 
(3) CO (4) O molecule is not zero. 
3 . 
31. Which of the following bonds is the strongest? 41. Correct sialomont about VBT is 
(1) I~] (2) F-F (1) Each bond is formed by maximum Overlap for its 
G)H-H (40-0 maximum stability. 
7 2) It represents localised electron modal of ing 
32. When two atoms combine to form a molecule (2) lt reg e wie i SOPHO modal OF bonding. 
(DE ; (3) Most of the electrons retain the same orbital localisation 
0 nergy is released as in a separate atom. 
. ergy is absorbed r (4) All are correct. 
. : be nn ~ ~ 
(4) Sie 1S nome released nor rae ad 42. The strength of bonds formed by overlapping of atomic 
nergy may either be absorbed or releas orbitals is in the order: 
Most favourable conditions for ionic bonding Me (1)s-s>s-p>p-p (2)s-s<p-—p<s—p 
(1) Low charge on ions, large cations, small anions (3)s-p<s-s<p-—p A pci atc = 


(2) Low charge on ions, large cations, large anions 
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43. The nodal plane in the z-bond of ethene is located in: 
(1) The molecular plane 
(2) A plane parallel to the molecular plane 
(3) A plane perpendicular to the molecular plane which 
bisects the (C — C) o-bond at a right angle 
(4) A plane perpendicular to the molecular plane which 
contains the (C — C) o-bond 
44. Which of the following statement is wrong? 
(1) Ao-bond is shorter than a 1-bond. 
(2) Bond energies of o and 7 bonds are of the order of 264 
and 347 kJ mol. 
(3) Free rotation of atoms about a o-bond is allowed but not 
in case of a n-bond. 
(4) A o-bond determines the direction between C-atoms but 
a m-bond has no primary effect which leads to bonding. 
45. Which of the following is a positive overlap which leads to 
bonding? 


px px 
46. Which of the following is a zero overlap which leads to non- 
bonding? 


YL. )-E3-6>: 


D T . 
ays 


px px 


(4) All 


Dipole Moment 
47. Dipole moment of H,O is 1.84 D. If the bond angle is 105° 


and O-H bond length is 0.94 A, what is the magnitude of 


charge on the oxygen atom in water molecule? 
(1)27 107° esu (2) 3.28 x 107}? esu 
(3) 3.22 7 10° esu (4) 1.602 x 10° C 


48. Diatomic molecule has a dipole moment of 1.2 D, If its bond 
is 1.0 A, what fraction of an electronic charge exists on each 


atom? 
(1) 11% (2) 20% 
(3) 25% (4) None of these 


49, The compound with no dipole moment is 


50. 


51. 


52. 


53. 


54. 


55. 


56. 


57. 


58. 


59, 


(1) CH,Cl ae, 
(2) CCl, 

(3) Methylene chloride (CH,Cl,) 

(4) chloroform (CHCI,) 

The molecule which have zero dipole moment ig 
(1) CHCl, (2) BF, 

(3) NF, (4) ClO, 

The critical temperature of water is higher than th 
because the H,O molecule has: 

(1) A fewer electrons than O, 

(2) A dipole moment 

(3) a V shape structure 

(4) Two covalent bonds 

The correct order of dipole moment is 

(1) CH, < NF; < NH, < H,O 

(2) NF, < CH, < NH, < H,O 

(3) NH, < NF; < CH, < H,0 

(4) H,O < NH, < NF, < CH, 

Among the following which is polar? 

(1) CO, (2) SO, 


(3) BeCl, s (4) at ya 6 


Which of the following is polar? 

(1) NF, (2) BF, 
(3) SF, (4) SIF, 
The resultant dipole moment (u) of two compounds NOF 6 
and NO,F is 1.81 D and 0.47 D respectively. Which dipole 
moment do you predict? 

(1) 1.81 D for NO,F and 0.47 D for NOF 

(2) 0.47 D for NO,F and 1.81 D for NOF 

(3) For both NO,F and NOF, dipole moment (u) is 1.81D 
(4) For both NO,F and NOF, dipole moment (u) is 0.47D 

In terms of polar character, the correct order is 

(1) H,S > HF > H,O > NH, (2) HF > H,O > NH, > H$ 


at of ( 


(3) HF > HS > NH, > H,O (4) H,S > NH; > 4,07 HF 
How many o and m bonds are there in the molecule ° 
tetracyano ethylene? 
(1) 40, 14x (2) 50, 137 
(3) 80, 10r (4) 905, 97 
H,O is dipolar, whereas BeF, is not. It is because 
(1) EN.of F> EN of O. ca 
(2) H,O involves H-bonding, whereas BeF, is a dive 
molecule. 
(3) H,O is linear and BeF, is angular 
(4) H,O is angular and BeF, is linear sige! 
Which of the following hydrocarbons has the lowest ÈP 
moment? 
(1) BOY _ JX (2) H,c-c=C- OH 
A/T 3 
H CH,—CH, 
(3) H,C-CH=C= CH; (4) H,C - CH,- C =CH 


af the lil is the decreasing order of their 


(2) NH, > NF, > BF, 
erie NF, (4) BF, > NF, > NH, 
i ` ment) is/are correct about dipole moment. 
valent to 3.33 x ao oe m. 


sl unit of ie moment, is S coulomb meter (Cm) 

emg = 1,602 x 10 ™ x 10° m). 

- pipole ! a of a molecule is useful to explain the 
I\. shape ofa molecule and also to predict other properties 


ot “the 
ul (2) 1. M. IV 


the following molecule(s) have dipole moment? 
Il. cis-hex-3 


"O 


molecule. 


\ ait 
l. Trans-pent-2 2-ene 

il. 2 _2-Dimethyl propane 
V.2, 2> 3.3 3-tetramethyl butane 

DLN (2) HI, II 
3) 1 M (4) I, IV 


-ene 


a The shapes of PC Py , PCI, © and AsCl, are respectively 


(1) Square planar, eheda and see-saw. 

(2) Tetrahedral, see-saw and trigonal bipyramidal. 

(3) Tetrahedral, square planar and pentagonal bipyramidal. 
i ) Trigonal bipyramidal, tetrahedral and square pyramidal. 


OF M. The I> ion has 

ob  (1)Five equatorial lone pairs on the central I atom and 
two axial bonding pairs in a trigonal bipyramidal 
arrangement. 

(2) Five equatorial lone pairs on the ce 
two axial bonding pairs in a pentagona 
arrangement. 

(3) Three equatorial lone pairs on the 
two axial bonding pairs in a tn 
arrangement. 

.  (4)Two equatorial lone pairs on the ce 

i three axial bonding pairs in a trigona 

arrangement. 
| 6S. In the reaction 2PCl, = PCL 
hybridisation i 7 from 
(1) sp’d to sp? and spd 
(3) spd to spa and spd 
ies are four species CO, N,”, NO, 
€ following statement is oni about 
(1) All are linear and having sp hybridisatio 
atoms, 
i k are linear but only CO, 
OJA ridisation on their central atom. 
l are linear but only CO,, N,” and NO, have sp 
j o hipalion on their central atom. 
0,, N © and NOÊare li but 1,° is not. 
3 > are linear 3 


ntral I atom and 
1 bipyramidal 


a o 


central I atom and 
igonal bipyramidal 


ntral I atom and 
| bipyramidal 


+ Bel, the change in 


(2) sp’d to sp and sp 
(4) pt to sp and sp èd 
® and 1, ) Which of 


these species? 
n of central 


N,” and I,’ have sp 


67. 


68. 


69. 


70. 


71. 


72. 


73. 


74. 


75. 


76. 


Th 


78. 


79. 


80. 
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In the hybridisation of one s and one p orbitals, we get 


(1) Two mutually perpendicular orbitals. 
(2) Two orbitals at 180°. 

(3) Two orbitals directed tetrahedrally. 

(4) Three orbitals in a plane. 

Which molecule is T or arrow (>) shaped. 


(1) BeF, (2) BCI, 

(3) NH, (4) CIF, 

The i a of the central atom in (0P 1S 
(1) sp” (2) sp” 

(3) sp” (4) sp 

The molecule that linear structure is 

(1) CO, (2) NO, 

(3) SO, (4) SiO, 

The molecule which has pyramidal shape is 
(1) PCI, (2) SO, 

(3) CO,” (4) NO,” 


The compound which C uses in the sp? hybrid orbitals for 


bond formation is 
(2) (H,N),CO 


(1) HCOOH 

(3) (CH,),COH (4) CH,CHO 

Which one of the following compounds has sp” 2 hybridisation? 
(1) CO, (2) SO, 

(3) N,O (4) CO 

CO,-has same geometry as 

(1) HgCl, (2) NO, 

(3) SnCl, (4) CH, 

In which pair of species, both species do have the similar 
geometry? 

(1) CO,, SO, (2) NH;, BH, 

(3) CO; (4) SO. ClO, 


The geometry and the type of hybrid orbital present about 
the central atom in BF, is 

(1) Linear, sp (2) Trigonal planar, sp” 

(3) Tetrahedral, sp? (4) Pyramidal, sp 

SF,, SF, and SF, have the hybridisation at sulphur atom 
respectively as: 

(1) sp’, sp’, spa (2) sp’. sp 
(3) sp? y sp? d, sp? d (4) sp f 
Two types FXF angles are present in which ofthe following 
molecule (X = S, Xe, C)? j 
(1) SF, (2) XeF, 

(3) SF; (4) CF, 

A o-bonded molecule MX, is T-shaped. The number of non- 
bonding pairs of electrons is 
(1) 2 

(3) 0 

(4) Can be predicted only if atomic number of M is known 


3 32 

°, spa 
=) D 3 

spd, asp 


(2) 1 


® 
In NH, and OF,, the hybridisation of central atom 
respectively are 
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81. 


— 


82. 


[ee] 
nN 


86. 


87. 


88. 


89. 


90. 


> 4 


(2) sp’, sp 
(4) sp'd, sp 


(1) sp’, sp” 
(3) sp d, spd 
Hybridisation involves 
(1) Orbitals of same atom with slightly different energies 
(2) Orbitals of different atoms but with equal energies 
(3) Orbitals of different atoms with different energies 
(4) Orbitals of same atoms with exactly equal energies 
AsF, molecule is sp 3d hybridised and is trigonal 
bipyramidal (Tbp) shape. Which d-orbital is involved in 
sp `d hybridisation. 
(1) dea? 
(3) ay 


(2) dz’ 
(4) dzx 


. [PtCl Aa molecule is dsp? hybridised and is square planar. 


Which d-orbital i is involved in dsp? hybridisation: 
Q) d? -1 (2) dz? 
(3) av (4) dyz 


SeF, is spa hybridised and is octahedral (OH). Which d 
orbitals are involved in hybridisation. 

(1) d? —y", dey (2) dx —y", de” 

(3) dxv, dyz (4) dz’, dxy 


. IF, ìs spd hybridised and is Pbp (pentagonal bipyramid). 


Which d orbitals are involved in hybridisation. 

(1) dy, dyz, dxz (2) dx” —y’, dz’, dxy 

(3) dê- y, dyz, dxz (4) d? -y, dz”, dyz 

In a regular octahedral molecule, SF,, the number of F-M-F 
bonds at 180° is 

(1)2 (2)3 

(3)4 (4)6 

The maximum number of 90° angles between bp-bp of 
electrons is observed in: 


(1) sp’d hybridisation (2) dsp’ hybridisation 

(3) dsp” hybridisation (4) sp° d hybridisation 
Among the following ions, the pn-dn overlap is present in: 
(1) NO; (2) PO? 

(3) CO;~ (4) NO, 

Which of the following have distorted octahedral structure? 
(1) SF, (2) PFE 

(3) SIF 2- (4) XeF, 

Sulphur reacts with chlorine in 1:2 ratio and forms X. 


Hydrolysis of X gives a sulphur compound Y. What is the 
hybridisation state of central atom in the compound. 


(J) sp (2) sp 
(3) sp (4) dsp’ 
H-Bonding 
91. Orthonitrophenol is steam volatile but paranitrophenol is not 


because 

(1) Orhtonitrophenol has intramolecular hydrogen bonding 
while paranitrophenol has intermolecular hydrogen 
bonding. 

(2) Both ortho and paranitrophenol have intramolecular 
hydrogen bonding. 


92. 


93. 


94. 


95, 


(3) Orthonitrophenol has intermolecular hydroge en bo, 
and paranitrophenol has intramolecular hy in i! 
"Okey 


bonding. 
(4) van der Waals forces are dominant in orthonitrophen, 
en 


Which of the following compounds has the least tenden, 
form H-bonds? Y ty 
(1) HF 

(3) H,O 
Which one of the following molecule will form a 


(2) HCI 
(4) NH, 


— 
= 


polymeric structure due to H-bonding? linea 
(1) HCI (2) HF 
(3) H,O (4) NH, 


Which one of the following hydrogen halides has the lowe 
boiling point? 

(1) HF (2) HCl 

(3) HBr (4) HI 

Out of the two compounds shown below, the vapour pressure 
of II at a particular temperature is expected to be 


CHO 


I. p-Hydroxy benzaldehyde > 


CHO 


II. o-Hydroxy benzaldehyde > 


(1) Higher than that of I 

(2) Lower than that of I 

(3) Same as that of I 

(4) Can be higher or lower depending upon the size of ves 


Bond Angle 


96. 


97. 


98. 


99, 


The decreasing values of bond angles from NH, (106°) 2 
SbH, (101°) down group-15 of the periodic table is due te 
(1) Decreasing /p—bp repulsion 

(2) Decreasing electronegativity 

(3) Increasing bp—bp repulsion 

(4) Decreasing p-orbital character in sp? 

In compound X all the bond angles around central atom IR 
109°28°, Which one of the following will be X? 

(1) Chloromethane (2) Carbon tetrachloride 

(3) lodoform (4) Chloroform 

In which of the following molecule, all the atoms lie in 0" 
plane? 
(1) CH, 
(3) PF, 


(2) BF, 
(4) NE 


The bond angles of NH,, NH; j and NH, are in = order: 
>) ® 
(1) NH, > NH, > NH, 


o © 
(3) NH, > NH, > NH, 


(2) NH, > NH, >Ni; 
(4) NH, > NH, > NH, 


tem 


p. type molecule, which sta 


AB, teme ey 
00 on pond angle (B-A-B)? idé 
ane angle « EN of the central atom A 


gond angle © 1/EN of the central atom A 
i Bond angle « Size of central atom, ` 


1V pond angle œ 1/Size of central atom. 


Lh ill (2) N, TV 
JIV (4) N, m 
| AB. type molecule, which Statement(s) iş 


ie bond angle (B-A-B) (are) correct 

l gond angle œ | / EN of atom B. 

II. Bond angle x EN of atom B. 

Ill. Molecules or ions without non-bonding electron 
central atom and having regular geometry, the char a 
EN of Aor B has no effect on the bond angle, age in 


- The bond angle in compounds havi 2 
M bridisation on central atom Se i follows: sP 
sp > sp” > Sp”. | 
(DI IV (2) I, IV 
(3) 1. Il. M (4) I, H, TV 
it. Decreasing order of bond angle of (I) NO,, (II) No® znd 
(M NO; Is 
I> M OQ) SiS ii 
| @ym>l>l (4) II >1> I] 
| \(3. Decreasing order of bond angle of (I) NF,, (II) PH, (III) 
ASF, 1s 
()I>0> M (2)1>HI>T 
3)0>1> M (4) I> li >I 
(4. Which statement is correct about bond angle of NCL, NF, 
and NH,. 
L Bond angle of NCI, > NF}. 
IL Bond angle of NCI, < NF;. 
I. Bond angle of NH, > NF}. 
IV. Bond angle of NH, < NF}. 
| DLI (2) I, Ul 
| OLOEM (4) L, II, IV 
I6. Bond order of SO, is 
(1) 1.5 
(3)2.0 


(2) 1.33 
(4) 2.5 
/*sonanee and Formal Charges 
K. Which of the following conditions is not correct for 

'esonating structures? 

(1) The contributing structures must have the same number 
of unpaired electrons. | 
The contributing structures should have similar energies. 

D The contributing structures should be so written that 

unlike charges reside on atoms that are far apart. 
© positive charge should be present on te 
“’ctropositive element and the negative charge on the 
ih, a ronegative element. 
(1) ij structures can be written for 
(2) NH; 
(4) H,O 


(2) 


the 


(3) CH, 


are) Correct = 


C j ; 
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108. The bond length o 


it is 1.34 A. The he -O bond in CO is 1.20 A and in CO, 
(1 ‘hen C = O bond length inCO,? will be i 
)1.50A (2) 134A ; 


o (4) 0.95A 
9, Maximum Number of H-bo 


nds that can be formed by ; 
water molecule is c formed by a 


(1)2 
(2) 3 
3 
. IC i ` : 
for 0,1 the following resonating structures 1s not correct 


(1) O= C mä: (2) a CE: 


(3) e0 — c0 4) O=3c—6: 


HA. In pu the formal charge on each O-atom and P-O bond 
order respectively are 
(1) -0.75, 1.0 (2) -0.75, 1.25 
(3) -0.75, 0.6 (4) -3, 1.25 


112. The formal charge of the O-atoms in the ion [: N=0 :] is 


(1) 0 (2) +1 
(3) -1 (4) -2 
113. Which of the following statements regarding the concept of 
resonance is wrong? 
(1) The different resonating structures of a molecule have 
fixed arrangement of atomic nuclei. 


(2) The different resonating structures differ in the 
arrangement of electrons. 


(3) None of the individual resonating structures explains the 
various characteristics of the molecule. 

(4) The hybrid structures have equal contribution from all 
the resonating structures. 


114. Which of the following pairs constitute resonance structure? 


O 
(1) HyC—N” and H,C -O-N =O 
No” i 
O: po 
(2) HC o” ” and H,C— C . 
NCH ACH, 


(3) an a CH, and H,C—C=CH, 
O OH 
(4) H,C — CH = CH - CH, and HC ~ CH, - CH=CH, 


115. Which of the following statement about resonance energy is 
wrong? 

(1) The difference in energy of the resonance hybrid and the 
most stable contributing structures (having least energy) 
is called resonance energy. 

(2) The difference in energy of the resonance hybrid and 
the least stable contributing structures (having highest 
energy) is called resonance energy. 
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(3) The difference in the experimental and calculated 
enthalpies (bond enthalpy, formation or combustion or 
hydrogenation) is called resonance energy. 
(4) Resonance energy is the amount of energy by which the 
compound is stable. 


Molecular Orbital Theory (MOT) 


116. During the formation of a molecular orbital from atomic 
orbitals, the electron density is 
(1) Minimum in the nodal plane 
(2) Maximum in the nodal plane 
(3) Zero in the nodal plane 
(4) Zero on the surface of the lobe 
117. Which of the following have been arranged in increasing 
bond order as well as bond dissociation energy? 
(1) 0,7 <0,°<0%<0, (2)0,°<0,°<0,<0,° 
(3) 0,<0,°<0,7<0,° (4)0,°<0,* <0,° <0, 
118. In forming (i) N, > N,* and (ii) O, > 0 ; the electrons 
respectively are removed from: 
(1) (7*2p, or n*2p_) and (n*2p or n*2p,) 
(2) (x 2p, or n 2p,) and (n2p, or 72p,) 
(3) (n2p,, or m2p,) and (n*2p, or n*2p,) 
(4) (x*2p, or x*2p,) and (12p,, or m2p,) 
119. The species that does not show paramagnetism is 
(1) 0, (2) 0,° 
(3) 0,” (4) H, 
120. Which of the following cannot exist on the basics of MO 
theory ? 


(1) H,° (2) He,” 
(3) He, (4) O, 

121. Which one is paramagnetic and has a bond order of 0.5? 
(1) H,° (2) F, 
(3) N,° (4) O, 

122. The bond energies NO, NO® and NO” follow the order: 
(1) NO® > NO > NO” (2) NO > NO® > NO? 
(3) NO” > NO > NO? (4) NO® > NO° > NO 


123. In the MO diagram for 0,” ion, the highest occupied orbital 


is 
(1) x MO orbital (2) o MO orbital 
(3) n* MO orbital (4) o MO orbital 


124. Which of the following is not diamagnetic? 


(1) 0, (2) Li, 
(3) N,” (4) C, 
125. The bond order of CO and NO is 
(1) 3 and 2 (2) 3 and 2.5 
(3) 3 and 1.3 (4) 3 and 3.5 
126. Combination of two AO’s lead to the formation of 
(1) 2 MO’s (2) 1 MO 
(3) 3 MO’s (4) 4 MO’s 
127. The possible molecular orbital formed when two d-orbitals 
overlap is 


ay 
(I)on (2) n* Bn 
(3) o* (4) 6* 

128. Which of the following species exhibits the qi 
behaviour? My 
(1) NO (2) 0,> k 
(3) 0," (4) 0, 

129. Which of the following species is paramagnetic 
(1) CO, 207 
(3) CN” (4)NO 

130. The bond order in NO is 2.5 while that in NQ® i 
of the following statement is bh for these two Speci ic 
(1) Bond length in NO > in NO”. €s? 
(2) Bond length in NO® = in NO. 

(3) Bond length in NO® > in NO. 
(4) Bond length is unpredictable. 

131. When two AO’s combine, energy of bonding MO ig ™ 
by x while that of antibonding MO is raised by Y. They ee 
(I)x=y (2)x<y : 
(3)x>y (4) Can be any of these 


132. In which of the following the double bond consists of h 
bonds. epi 


(1) O, (2) Be, 
By, (4) S, 

133. Which of the following MO’s has two nodal planes? 
(1) x 2p, (2) o 2s 
(3) x* 2p, (4) o* 2p_ 

134. Which of the following MO’s has zero nodal planes? 
(1) o* Is (2) o ls 
(3) n 2p, (4) n* 2p, 


135. Main axis of a diatomic molecule is Z. AO’s p, and» 
overlap to form which of the following orbitals? 
(1) z-MO (2) o-MO 
(3) 6-MO (4) No bond will form 

136. The paramagnetic property of the oxygen molecule is duet 
the presence of unpaired electrons present in: 
(1) (n* 2p,)! and (n* 2p) (2) (6 2p)" and (o* 2p.) 
(3) (r 2p,)' and (n* 2p,)' (4) (6 2p,)'and (x 2P,) 

137. Which one of the following combination is not allowed © 
the LCAO method for the formation of a molecular ort 
(consider Z-axis as the molecular axis)? 
(I)s +p, (2) s +p, 
OO) Pst p, (4) p- +P: 

138. The energy of o 2s is greater than o* 1s orbital because 
(1) o 2s is bigger than o* 1s MO 
(2) o 2s is bonding whereas o* 1s is an ABMO 
(3) © 2s orbital has a greater value of n than o* Is M0 
(4) © 2s orbital is formed only after o* 1s 


Miscellaneous 


139. Which of the following statements is incorrect? 
(1) NH, is more basic than PH,. 
(2) NH, has a higher boiling point than that of HF. 


> 


(3) N, is less reactive than P.. 


(4) The dipole moment of NH, is less than that of SO.. 
140. If one assumes linear structure į : 
water, then which one of the fo] 
explained? 
(1) The formation of intermolecular h 
(2) The high boiling point of water. 
(3) Solubility of polar compounds in water 


nstead of bent structure for 
lowing Properties cannot be 


ydrogen bond in water. 


(4) Ability of water to form Coordinate covalent bond. 


141. Which is the wrong order for the Stated property? 
(1) Ba > Sr > Mg; 


atomic radius 


(2)F> 0> N; first ionisation enthalpy 
G)Gl-F >] electron affinity 
(4) O > Se > Te; 


clectronegativity 
142. Which is a correct statement about dib 


(1) All HBH bond angles are equal, 
(2) All H-B bond lengths are equal. 
(3) It has two three-centre-2 electron bonds. 
(4) All hydrogen and boron 


orane Structure ? 


atoms are in one plane 


©) 
143. For NH,, the best three-dimensional View is 


(1) / (2) a 
Ox KO, 
SH C ) 
9 Fa "Ol ») 
N’ l 
C) N. RO 


144. The set representing the correct order of ionic radius is 

(1) Li? > Na® > Mg*' > Be™ 

(2) Mg** > Be?* > Lif > Na® 

(3) Li® > Be?" > Na® > Mg” 

(4) Na® > Li® > Mg?* > Be™ | 
145. Which of the following sets does not contain isoelectronic 

Species? 

(1) PO,*, S0,7,clo,®© 2) SO," CO," NO," 

(3)BO,*,CO,7,NO,° (4) CNS, N, C,” 
146. The EN’s of F. Cl. Br and I are 4.0, 3.0, 2.8 and 2.5 


. ; ntage 
respectively. The hydrogen halide with a highest percentag 
of ionic character is 


(1) HI (2) HBr 
3) HCI ae , 
f z 1.33 
147. The C-C bond length is 1.54 À. C=C a a 
A. What is the circumference of a Í 
between single and double bonds = 1.4 io 42x 1.33)A 
(MN (3 x 1.544+3%x133)A (@)(4% 1.54 5 x 1.54) A 
(3) (6 x 1.4) A (4) (4 x 1337.2 9 on 
ad cen 
(H - X) is 
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(1)HI>HCI<HF>HBr  (2)HCI= HF- HBr- Hi 

(3) HF > HCI> HBr> HI (4)HI> HBr HEL - if 
149. Which of the following statement is correct? 

(1) The bond angle of NCI, is greater than that of NH, 

(2) The bond angle of PH, is greater than that of PF 

(3) CIO, and SO,™ are isostructural. 

(4) It is not necessary that in Tbp structure the lone pairs 

always would occupy the equatorial positions. 


150. The values of EN of atoms A and B are 1.80 and 4.0 


respectively. The percentage of ionic character of A — B 
bond is 


(1) 43% 
(3) 55.3% 


(2) 50% 
(4) 65% 
- The statement true for azide ion (N, ) is 
(1) It has a non-linear structure 
(2) It is called pseudo halogens 
(3) The formal oxidation state of N in this anion is —| 
(4) It is isoelectronic with NO, 
152. The decreasing (O - 
(1) O, > H,O, > O, 
(3) 0, > H,O, > O. 


O) bond length order in the following is 
(2) H,0, > 0, > 0, 
(4) 0, > 0, > H,O, 


153. Which of the following substance has the highest melting 
poini? 
(1) BaO (2) MgO 
(3) KCI (4) NaCl 

154. 


Which of the follow ing statement is correct? 
(1) FeCl, 1s more covalent than FeCl,. 
(2) FeCl, is more covalent than FeCl. 
(3) Both FeCl, and FeCl, are equally covalent. 

(4) FeCl, and FeCl, do not have any covalent character, 


155. Which of the following bonds is the strongest? 
(1)F-F 


(2)1-] 
(3) Cl-Cl (4)0-O 
156. The molecule having highest bond energy is 
(1)N-N (2) F-F 
(3)C-C (4)0-O 
157. Which set is expected to show the smallest difference in 
IE? 
(1) He, Ne, Ar (2)B,N,O 
(3) Mg, Mg®, Me” (4) Fe, Co, Ni 


158. Which of the following statement is wrong? 


(1) Multiple bonds are always shorter than the 


corresponding 
single bonds. 


(2) The electron-deficient molecules act as Lewis acids. 


(3) Every AB, molecule does in fact have s 


quare pyramidal 
structure. 


(4) The canonical structure has no real existence 
159. Which of the following is correct? 
(1) According to VSEPR theory SnCl, isa li 


(2) The number of electrons present jn the 
SF, is 12. 


near molecule. 
valence Shell in 


2.132 Inorganic Chemistry 
(3) The rates of ionic compounds are very slow. 

(4) The correct order of ability to form ionic compounds 
among Na®, Mg?" and AI”? is AI? > Mg’? > Na”. 

160. Lattice energy of BeCO, (1), MgCO, (II) and CaCO, (III) is 
in order: 
(D)1I<H<M 
(3)I< MI <H 

161. Which of the following is a correct statement? 

(1) Mobility of H® ions in ice is greater as compared to 


(2)1>11> 11 
(4) <1 <I 


liquid water. 
(2) Mobility of H® 


water. 
(3) Mobility of H® ions in ice is equal to that in liquid water. 


ions in ice is less as compared to liquid 


(4) Cannot be predicted. 
162. Which of the following is soluble in water: 


(1) CS, (2) CHCI, 
(3) CCl, (4) CH,OH 
163. Which one among the following does not have the hydrogen 
bond? 
(1) Liquid NH, (2) Liquid HCI 
(3) Water (4) Phenol 
164. The molecule having one unpaired electrons is 
(1) O, (2) CN® 
(3) NO (4) CO 
165. The H-bond is strongest in: 
(1) F-H ooon O (2) S= H aras O 
COLE EE S (4) F -H onnsnsss F 
166. Hydrogen bond is maximum in: 
(1) Propanol (2) Propyl chloride 
(3) Tripropylamine (4) Dipropyl ether 
167. The maximum possible number of H-bonds a water molecule 
can form is 
(1) 1 (2) 2 
(3) 3 (4)4 
168. Number of paired electrons in O, molecule is 
(1) 16 (2) 14 
(3) 8 (4) 7 
169. Among KO,, AlO,”, BaO, and NO,”, unpaired electron is 
present in: 
(1) KO, only (2) NO,® and BaO, 
(3) KO, and AIO,” (4) BaO, only 


170. The correct order of decreasing C—O bond length of (I)CO, 
(II)CO,” (III)CO, is 
()I1> M> (3)1>0> M 
(3) >>I (4) 11> UI >I 
171. Which of the following statement is correct among the 
species CN®, CO and NO”: 
(1) Isoelectronic and weak field ligands 
(2) Isoelectronic with three bond order 
(3) Bond order three and weak field ligands 
(4) Bond order two and m-acceptor 


Y 


172. Which of the following molecular species ha, > 
u 


electron(s)? "Pai, f 
(1) 0,7 (2)F, 
(3) N, (4)0,” 

173. Which of the following are isoelectronic and iso-stry 
NO,’ CO; ClO,’, SO, tural; 
(1) CO7, ClO, (2)CO}, NOP 
(3) SO,, CO; (4)SO,, NO? 


174. According to MOT which of the following Statement 
magnetic character and bond order is correct regar ding 
(1) Paramagnetic and BO > O, 2 
(2) Paramagnetic and BO < O, ! 
(3) Diamagnetic and BO > O, 
(4) Diamagnetic and BO < O, 

175. Which of the following compound is paramagnetic? i 


(1) K,0, (2)0, 
(3) KO, (4)N,O 

176. The species having bond order different from that in CO is 
(1) N, (2)NO° 
(3) NO® (4) CN° 


177. In forming (i) N, > Ny and (ii) O, > 0S, the electrons 
respectively removed from: 
(1) (x *2p, or 7 *2p,) and (7 2p, or 7 2p,) 
(2) (x *2p, or T *2p_) and (7 *2P, or T *2p,) 
(3) (x 2p, or T 2p,) and ( 2p, or T 2p,) 
(4) (7 2p, or 7 2p,) and (1 *2P, or 1 *2p.) 

178. Using MOT, predict which of the following species has the 
shortest bond length? 
(1) 05° (2)0, 
(3) 07 (4)0,° 

179. Which of following have identical bond order? (One o 
more than one correct) 


(1) 0,” (2) CN® 

(3) NO® (4) CN® 
180. If d_, orbital of atom X and p, orbital of atom Y from T bond 
; bond will 


along a particular molecular axis, then which 


be formed along same molecular axis by combination ¢! 


(d + d) orbitals of (X) and Y atom. 
(1) -bond (2) o-bond 
(3) m-bond (4) Can’t be predicted 


181. Select correct statement. 
(1) Order of o-bond strength is: 
2p — 2p > 2s — 2p > 2s — 2s > 3s — 3s 
(2) d,2 orbital can form 7 as well as 5-bond 
(3) N,CO has three structures, ONCN (Ni 
ONNC (Nitrosyl isocyanide) and NOC 
cyanide), amongst them ONCN has hig 
energy. is 
(4) Among CH,°, B.H, NH, Ê and AIF; only Alfs 
hypovalent molecular species. 


PrE 
trocyl cyanide) | 
N (isonitros) 


8 which of the following overlap is correct (assuming Z-axis 
‘as internuclear axis)? 

(1) 2P: t 2p,—— 9-bond 

(I1) 25 + 2p,—> m-bond 

(III) 34, + 3d,,, — T-bond 
TV) 3d t dym m-bond 


( 
(V) 2p, + 2p,—— m-bond 


(VD) 2p, + 2p.—— o-bond 
(1) I, H, Ill (2) IV, V, VI 
(3) I, I, V (4) I, IV, VI 

193. Which combination of orbitals will form m-bond, if 
inter nuclear axis 1S x-axis? 
(1) do i dy, (2) d2 -y2 t d2 -y2 
6)d -+d Mp +P 

184. Which of the following orbital combination cannot form 
n-bond (all sideways overlapping)? 
(0) d2- tP, (2) d- tP, 
(3) dy + doy (4) p, +P, 

185. Which of the following overlaps gives o-bond along x-axis 
as internuclear axis? 
(1) s and p, (2) s and p, 
(3)d2_,2 and d.2_,2 (4) p, and p, 

186. Which of the following orbital combination can not form 
n-bond (all sideways overlapping)? 


(1) d,.+p, (2)d2_2+p, 
(8) dy t dy (PtP, 
187. In which of the following species maximum atom can lie in 
same plane? 
(1) As °H, (2) XeF, 
(3) PBr, (4) XeF,O, 


188. Select the correct statement. 
(1) In general, as the number of lone pair of e's on central 
atom increases, value of bond angle from normal bond 
angle decreases. 


(2) Geometry of ICI, ion is bent shape with bond angle of 
about 90°. 

(3) The hybridization of central atom changes when NH, 
vbforms NH,~ 

(4) The hybridization of central atom does not change when 
H,BO, reacts with OH”. 

189. Select the incorrect statement. 

(1) In C,H, (allene) molecule, the planes containing the 
CH, groups are mutually perpendicular to permit the 
formation of two separate 7-bonds. 

(2) Nodal planes of 1 bonds in (CH,=C=C=CH,) located, 
two in molecular plane and one in a plane perpendicular 
to molecular plane which contains (C-C) o-bond. 

(3) Attraction between (I) (CI° and HCI molecule) and (1) 
(CI° and H,O molecule), II have strongest attraction. 

(4) Boiling point of CH,N; > HN, 

190. Select the incorrect statement. 
(1) Boiling point of BI, > boiling point of BF, 
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(2) Boiling point of (CH,),SO, > boiling point of H,SO, 

(3) Boiling point of B(OH), > boiling point of (CH,);BO3 

(4) Hybridization of central atom does not change during 
interaction of NH, with H® ion. 


191. Select the incorrect statement. 


(1) Two different non axial d-orbitals having ‘xz’ nodal 
plane do not form m-bond 
(2) Dipole moment (1) of the given molecule is not zero 
Bry 


H 
a ae 
qa 


Br 

(3) In spd hybridization, dy a. and d, d-orbitals are 
involved. l 

(4) I, molecules are held in the solid lattice by London 
forces 


Multiple Correct Answers Type Iil 


Chemical Bonding 


1. 


The type of bonding(s) present in NH,Cl is(are): 
(1) Ionic (2) Covalent 
(3) Coordinate (4) Singlet 


_ Which of the following statement(s) is(are) true? 


(1) CuCl is more covalent than NaCl. 

(2) HF is more polar than HBr. 

(3) HF is less polar than HBr. 

(4) Chemical bond formation takes place when forces of 
attraction overcome the forces of repulsion. 


. Which is(are) correct among the following? 


(1) The radius of CI© ion is 1.56 A, while that of Na® ion is 
0.95 A. 

(2) The radius of Cl atom is 0.99, while that of Na atom is 
1.54. 

(3) The radius of Cl atom is 0.95, while that of Cl° ion is 
0.81. 

(4) The radius of Na atom is 0.95, while that of Na® ion is 
1.54. 


. Which of the following is(are) correct? 


(1) A double bond is shorter than a single bond. 

(2) A o-bond is weaker than a m-bond. 

(3) A double bond is stronger than a single bond. 

(4) A covalent bond is stronger than a hydrogen bond. 


. The non-metallic cation is present in 
(1) CrO,Cl, (2) VOCI 
(3) OF, (4) PCL, 
. Peroxo bond (— O — O >J) is present in 
(1) Na,O, (2) CrO 
(3) PbO, (4) SrO. 
. Among the followi : 
if iy: ; wing, the ape compound is 
(3) PCI, (2) CCL, 
(4) BCL 
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Dipole Moment 


8. Which among the following molecules h 


10. 


ave minimum 
dipole moment? 
(1) CH, 

(3) CHI, 


@) CCl, 
(4) CHCI, 


Which of the following pairs of molecules have zero dipole 


moments for both members? 

(1) SiF, and CO, (2) SiF, and NO, 

(3) O, and CO, (4) NO, and O, 

Which of the following statements are false? 

(1) Dipole-dipole interactions between molecules are 
greatest if the molecules possess only temporary dipole 
moments. 

(2) All compounds containing hydrogen atoms 
participate in hydrogen bonding. 

(3) Dispersion forces exist between all atoms, molecules 
and ions. 


can 


(4) The extent of ion-induced dipole interaction depends 
only on the charge of the ion. 


Hybridisation 


11. 


12. 


13. 


14. 


15. 


16. 


17. 


18. 


Which of the following are tetrahedral structures? 
(1) Ni(CN) (2) [Ni(CO),] 

(3) NiC (4) Cro, 

Which among the following are isostructural? _ 
(1) XeO.F,, SF, CICO 

B0 Co (4) CIF;, XeF, 


In which of the following molecules, all the atoms lie in one 
plane? 


(1) NH, (2) PF, 
(3) BF, (4) XeF, 


Which of the following have spd hybridisation of the 
central atom? 


(1) XeF, 
(3) ClO, 


(2) XeO,F, 

(4) BrF, 

Which are the species in which central atom undergoes sp* 
hybridisation? 
(1) SF, 


(2) SCI, 
(3) SO; 


(4) H,O 

The pair of species having identical shapes for molecules of 
both species is? 

(1) BF,, PCI, (2) XeF,, CO, 

(3) CF, SiF, (4) PF,, IF, 

Which among the following is(are 


) having two lone pair of 
electrons on central atom? 


(1) oe (2) CIF, 

(3) S057 (4) XeF, 

The state of hybridisation of atoms in boric acid (H,BO ) is 
(1) sp? (2) sp? j 
(3) sp (4) None of these 


19. Which of the following have spd hybridisationy 


Bi 
(1) SF, (2) BrCl, 
(3) XeOF, (4) H,O? 
20. The hybridisation, number of lone pair of electron : 
of I, is nd shay, 
(1) sp°d hybridisation 


(2) It has trigonal bipyramidal shape 
(3) It is linear 
(4) It has three lone pair of electrons 
21. Which of following is(are) correct for B and N in N 
adduct? 
(1) Both have sp hybrid orbitals 
(2) Both have tetrahedral structures 
(3) N is sp’ hybridised, while B is sp” hybridiseq 
(4) N in NH, is pyramidal, while B in BF, is planar 


Aye 


22. Which of the following is not square planar? 
(1) XeF, (2) XeF, 
(3) XeOF, (4) CH,Cl 
Hydrogen Bonding 
23. Which property is due to H-bonding? 
(1) High boiling point of water 
(2) Solubility of NH, in H,O 
(3) Polar nature of halogen acid 
(4) High viscosity of H,PO, 
24. Hydrogen bonds are present in 


(1) Ice (2) Solid CO, 
(3) HF (4) Water 
25. Which of the following gem-diol is stable? 
OH OH 
(1) H3C CH; (2) F3C CF; 
OH OH 
O 
OH 
(3) 
OH (4) None of these 
O 
Bond Angle 
26. Bond angle in PH, is 
(1) Much less than NH, (2) Much less than PF, 


(3) Slightly more than NH 3 (4) Much more than PF, 


27. Which statement(s) is(are) correct for bond angle? 
(1) NH NF, (2) NF, > NCI, 
(3) NO,° >No, (4) NOP > NOP 


28. Which Statement(s) is(are) wrong for bond angle? 


(1) GH=CH> BF,>CH, (2) H,O>NH, 


G) NH, > NH, > PCI, (4) CO, > NH, > CH, 
29. Bond angle in LY is 

(1) More than ClO, (2) 180° 

(3) Less than Clo, (4) >109.5° 


> 


<a statement(s) is(are) correct for AB, type molecule? 


which S 


a) 1f the EN of central atom decreases, the bond angle 


decreases. 

2) If the size of central atom increases, the bond angle 
decreases. 

(3) If the EN of atom B decreases that bond angle 
increases. 

(4) Ifthe EN of atom B decreases, the bond angle decreases. 


Molecular Orbital Theory (MOT) 
i. Which of the following have identical bond orders? 
~ (1)0.° (2) CN® 
(3) NO® (4) CN® 
32. Which of the following diatomic molecule/ions have same 
bond order? 
(1) 0; (2) CN° 
3) N; (4) C, 
33. Which of the following species exhibit the paramagnetic 
behaviour? 
(1) 0, (2) 0. 
(3) NO (4) 0,7 
34, Which of the following molecules has one unpaired electron 
in antibonding orbitals? 
(1) CO (2) OF 
(3) OF (4) NO 
35. Which of the following show paramagnetism? 
(1) Na,O (2) NO, 
(3) NO (4) KO, 
36. Which of the following is(are) correct statements? 
(1) Probability of finding the electron in bonding MO is 
more than combining atomic orbitals. 
(2) Bonding MO’s are formed when same sign of orbitals 
overlap. 
(3)d-d combination of atomic orbitals gives 6 and 0* 
MO’s. 
(4) None of these. 
37. Which of the following is(are) gerade (g) MO’s? 
(1) o 2s (2) o 2p, 
(3) n*(2p,) (4) o*2s 
38. Which of the following is(are) ungerade (u) MO’s? 
(1) o*(2p,) (2) n(2p,) 
(3) x(2p,) (4) n*(2p,) 
39. Which of the following MO’s have one nodal plane? 
(l)ols (2) o* Is 
(3) 6 2p, (4) 0*2p, 
40. Which of the following MO’s have two nodal plane? 
(1) 6 2p, (2) n*2p, 
(3) T*2p, (4) o*2Pp, 
Miscellaneous 
41. Select correct orders for corresponding property as indicated 


in bracket for the following: 


42. 


43. 


44. 


45. 


46. 


47. 


48. 


49. 


50, 


= 


AO 
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(1) NH, > BiH, > SbH, > AsH, > PH, (Boiling point) 
(2) H,O > H,Te > H,Se > H,S (Boiling point) 

(3) NH, > PH, > AsH, 7 SbH, (Basic character) 

(4) H,O < H,S < H,Se < H,Te (Acidic character) 
Which one or more among the following involve(s) 
(pn-dn) bonding? 


(1) (SiH,)N: (2) (CH,),N: 

(3) :CCl, (4) :CF, 

Paramagnetic pair(s) among the following is (are) 
(1) [BaO,, NO,] (2) [KO,, NO] 

(3) [H,O,, NO] (4) K,[Fe(CN)g], CuCl, 


Which of the following orders are correct for property 


indicated in brackets? 


(1) NH, > NF, > BF, (dipole moment) 
(2)Cl>S>O>N (electron affinity ) 
(3) Si > Mg > Al > Na (first ionisation enthalpy) 


(4) HCIO, > HBrO, > HIO, (pK, values) 

The first element of groups 13-16 differ from rest of the 

elements. This is due to 

(1) Small size and high electronegativity 

(2) Inability to expand the octet 

(3) Ability to form strong pt—p™ multiple bonds 

(4) Due to greater abundance 

Select the correct statements: 

(1) The heat of hydrogen of the dipositive earth metal ions 
increases with an increase in their ionic size. 

(2) Hydration of alkali metal ions is less than that of 
group 2. 

(3) Alkaline earth metal ions, because of their much larger 
charge-to-size ratio exert a much stronger electrostaic 
attraction on the oxygen of water molecule surrounding 
them. 

(4) Melting point of sodium halides is as follows: 
NaF > NaCl > NaBr > Nal 

White vitriol is not isomorphous with 

(1) K,SO, (2) MgSO, 

(3) CaSO, (4) H,SO, 

The stability of ions of Ge, Sn and Pb will be in the order 

(1) Ge?* < Sn?" < Pb*' (2) Pb?" > Pb” 

(3) Sn** > Pb*" (4) Ge*” < Sn? < Pb 

Select the correct statement(s). 

(1) NF, is weaker base than NH. 

(2) NO” is more stable than O,. 

(3) AICI, has higher melting point than AIF.. 

(4) SbC1, is more covalent than SbCI.. l 

Which of the following are true? | 

(1) SH, and BiCl, do not exist. 

()SeF,and CH, are temanna nn 

4 are tetrahedral ion. 


(4) l; is a linear molecule with sped hybridisatio 
n 
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51. 


Nn 
lad 


55. 


57. 


Select the correct statements. 

(1) In BF,.NH, molecule, FBF bond angle < 120° and HNH 
bond angle > 109° 28’ 

(2) Dipole moment of R,NO > dipole moment of R,PO 

(3) In N(CH,), and (CH,),0, bond angle is found to be 
greater than expected but not due to back bonding 

(4) (2pm — 3dn), n-bond is stronger than (2pm — 3p), n-bond 


. Select the correct statement. 


(1) o-bond lies on the line joining the nuclei of bonded atom. 
(2) Bond angle FCF in COF, is greater than CICCI bond 
angle in COCI,. p 
(3) CCI is more stable and weaker Lewis base than CF, 

(4) Lewis basic character order is: H,O > SCL, > SeF, 


. Select correct statements. 


(1) x-electron cloud lies on either side of the line joining the 
nuclei of bonded atoms 


(2) Lewis basic character order is: NH, > PH, >PF, 
® 


® ® 
(3) Out of the following species, O,, BrF,, BH, and NH,, 
cs 


dative bond is not present in BrF,. 


(4) The combination of atomic orbitals (d mae d) form 
m-bond having plane in yz plane 


. Select the correct statements. 


(1) o-bond has primary effect to decide direction of covalent 
bond, whereas 7-bond has no primary effect in direction 
of bond. 

(2) There is a change in the hybridization of P atom on 
solidification of PCl, vapour. 

(3) There is a change in the hybridization of B atom when 
BH, is dissolved in THF. 

(4) There is no change in the hybridization of Si atom when 
SiF , vapour is passed through liquid HF. 

Select the incorrect statements. 

(1) Van der Waals forces are responsible for formation of 
molecular crystals. 


(2) In diamond, Vander Waals forces act between the carbon 
layers. 


(3) When Al(OH), ppt. is dissolved in NaOH, there is no 
change in the hybridization of Al-atom 


(4) B, and C, both are paramagnetic 
Select correct statements. 


(1) For NO —+ NO® bond length decrease whereas for 
CO —> CO” bond length increase 


(2) In BH, and ALCI, vacant hybrid orbital take part in 
bonding 

(3) Compound NO[BF,] is diamagnetic 

(4) Lewis basic character order is: N(CH,), > NH, > NF, 

Select the correct statements about the structure of H,CSF,. 

(1) Two (C-H) bonds are in the same plane of equatorial S-F 
bonds. 

(2) Two (C-H) bonds are in the same plane of axial S-F 
bonds. 


(3) Equatorial S-F plane is perpendicular to the nodal plane 
of 1-bond. 


59. 


60. 


61. 


62. 


63. 


. Silane (SiH,) is more reactive than CH, toward, nu 


> 


(4) Total four atoms are in the same plane. 


substitution reaction due to: leony 

(1) Polarity of Si-H bond is opposite to that of Cx 

(2) Large size of Si compared to C which facilita 
by nucleophile. 

(3) Availability of vacant 3d orbitals in Si to fo 
reaction intermediate easily for nucleophilic attach, the 

(4) Si-H bond energy is higher than that of C-H on 

Select correct statements about d2 orbital. 

(1) It has zero nodal plane 

(2) It is gerade atomic orbital 

(3) Circular electron density is present in xy plane 

(4) Opposite lobes of orbital have same sign o 
function (y) 

Select the correct statements. 


(1) Pure overlapping of two dy orbitals along x-axis 
in the formation of z-bond. 


(2) p, orbital and d,2 orbital do not form 6-bond. 

(3) p, orbital can not form 7-bond by lateral overlap wit 
dy» d2_ F- and p, aaa 

(4) (2pm — 3dr) m-bond is stronger than (2pr — 3pm) 

Consider the following three orbital: 


ng 
te the aty, 


f yy Zya 


results 


z z 


(I) (I) 


Correct statement(s) regarding above orbitals is/are: 

(1) If internuclear axis is ‘x’ then combination of (II) x¢ 
(II) orbitals can form m-bond. 

(2) Orbital (IID) can form 5-bond with other orbital having 
same orientation of lobes. 

(3) If internuclear axis is ‘x’ then combination of (I) and (I 
orbitals can form m-bond. 

(4) Orbitals (I) and (II) can never form any type of covalest 
bond. 

Which of the following combination of orbitals does 2 

form bond (if internuclear axis is x-axis)? 

(l)st+s (2).4,, TP, 

(3) s+ P. (4) p. + Pp. . 

Which of the following combination of bond pair (b.p) 0 

lone pair (/p) give same shape? 

(I) 2b.p + 3 Ip 

(II) 3b.p + 2 Ip 

(IIL) 26.p + zero Ip 

(IV) 2b.p + 1 ip 

(V) 2b.p +2 Ip 

(VI) 3b.p+ 1 Ip 

(1) I and IH 

(3) IV and V 


(2) IN and IV 
(4) I and IN 


0 


g ~c=c=C=CCl, 
2 a 3 4 5 


Á 


ridization of C} is sp? (s + p, 


+ p_) ‘as 
hyb y +P.) and hybridizat; 
f j p (6 + Pe) Select correct statement ybridization of 
AG P ` (s) based on above 
information: e 


1 Nodal plane of m-bond between C 


‘ and . ; 
ye-plane. formed by sideways overlap. nd C, lies in 


“che orbitals involves in hybri of p,-orbitals, 
3) The oroma S in hybridizati , 
2) TI tion of C, atom are 


st Py TP: 
3) Nodal plane of m-bond between C, and C, lies i 
yz-plane. formed by sideways overlap of px-orbitals " 
aN odal plane of m-bond between C, and C lies in 
xz-plane, formed by sideways overlap of p pO a 
y 


paragraph 1 

spe shape ofa molecule is determined by electron-pair repulsions 
-he valence shell. A /p occupies a larger space than a bp because 
-x not shared by two nuclei. Thus, the /p—/p repulsion is greater 
asp the [p-bp repulsion, which in turn is greater than the bp—bp 
<qulsion. The presence of /p causes distortion of bond angles; 
sce. 2 deviation from an ideal shape. The extent of distortion 
énends upon the orientation of the /p’s around the central atom. 
za migonal bipyramid, the /p’s occupy equatorial positions than 
& apical ones. 


Linked Comprehension Type 


in AB type molecules, as the EN of A increases, the bp’s come 
“ose and the repulsion between them increases. On the other hand, 
EN of B increases, the bp’s get farther and repulsion decreases. 


Lin which of the following molecules is the bond angle 
largest? 

1) PF, (2) PCL 
(3) PBr, (4) Pl, 

1 The shape of which of the following molecules will not be 
distored? 
(1) BrF, 
(3) XeF i 


(2) CIF, 
(4) XeF, 
3. Which of the following statements is true? | 
(1) F-N-F angle in NF, is greater than H-N-H angle in 
NH.. i 
2) F-N-F angle in NF, is smaller than H-N-H angle in 
8) Ho , 
) H-O-H angle in H,O is greater than H-N-H angle in 
NH,. 
OF angle in F,O is greater than H-O-H 
' 20. 
Which of the following species will have the lone pair 


e ects Cancelle d? 
(1) Ice 


(4) angle in 


(2) CIF, 
(4) BrF. 
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graph 2 — —— 
In 
a ea ae for homonuclear diatomic molecules 
atoms are filled from ja se l4 e’s taken from both the 
with Hund’s rules. r to higher energy MO’s in accordance 
ià ime of a heteronuclear diatomic molecule 
having iake atordie the Trees of the AO's of the atom 
unsymmetrical a Aa veing j ti asain heat 
, but that will not make a difference in the electron 
count. 

The bond order is half the difference in the number of electrons 
of the bonding (o and 7) and anti-bonding (s and =) MO’s Fora 
bond to have been formed, the bond order should be greater than 
zero. The greater the bond order, the shorter is the bond distance 
and the greater is the bond dissociation energy. But if the bond 
order is same in the above two cases, then the bond distance will 
be greater and the bond dissociation energy smaller in the case 
which has more populated anti-bonding orbitals. The presence of 
unpaired electron(s) in a molecular orbital will make the system 
paramagnetic. 


5. Which among the following will have a triple bond order? 


(1) CO (2) CN- 
(3) NO® (4) All of these 
6. Which of the following species is not expected to exist? 
(1) He $ (2) HF 
(3) Be, (4) Be? 
7. Which of the following species is expected to be 
paramagnetic? 
(1) NO® (2) O, 
(3) oF (4) All of these 


8. Which of the following orders is correct in respect of bond 
dissociation energy? 


(1) NÊ >N, (2) 0,>0, 
(3) NO® > NO (4) All of these 
Paragraph 3 


Hydrogen bond is a weak bond formed between hydrogen 
atoms and highly electronegative elements. It is of two types — 
intermolecular and intramolecular. It is a weaker bond than tonic, 
covalent and metallic bonds. 
9. Which is a correct statement? 
(1) Keto form of acetoacetic ester involves hydrogen 
bonding. 
(2) In water vapour, hydrogen bonding exists. 
(3) For first ionisation, maleic acid is a stronger acid than 
fumaric acid. This can be explained on the basis of 
concept of hydrogen bonding. 
(4) Boiling point of HCL is higher than that of HF. 


10. Ina suitable solvent such as benzene, benzoic acid associates 
and exists as a 
(1) dimer 
(3) tetramer 


(2) trimer 
(4) hexamer 
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11. The number of hydrogen bonds in HO,” species is 
(1) 2 (2) 3 
(3) 4 (4) | 


12. Which is a correct statement? 
(1) Paranitrophenol is steam volatile but not orthonitrophenol. 
(2) Ethyl alcohol is more viscous than glycerol. 
(3) If a dry paper is torn, sound is heard due to breaking 
of hydrogen bonds one after another in a rhythmatic 


manner. 
(4) In fermic salt, bonds present are covalent, metallic and 


hydrogen bond. 


Paragraph 4 
In an ionic bond, the cation tends to polarise the electron cloud of 


the anion by pulling electron density towards itself. This causes 
development of covalent character in the ionic bond because 
the electron density gets localised in-between the nuclei. The 
tendency of the cation to bring about the polarisation of the anion 
is expressed as its polarising power. The ability of ion to undergo 
polarisation is called its polarisability. The polarising power of 
a cation or an anion is decided on the basis of Fajans’ rules as 
follows: 
i. The smaller the cation, the higher is its polarising power. 
ii. Cations with pseudo-noble gas configuration (ns? np? nd'°) 
have relatively high polarising power than those with noble 
gas configuration (ns? np’). 
iii. The larger the size of the anion, the higher is its polarisability. 


13. The ionic conductance of which of the following is the 


highest? 
Di a (2) Na® (aa) 
CIK ics (4) Cs? a 


14. Among the following, which will have the lowest melting 
point and the highest solubility: LiCl, BeCl,, BCl,, CCl,? 


(1) CCL,, LiCl (2) LiCl, CCI, 
(3) BeCl,, BCI, (4) BCL, BeCl, 

15. Choose the correct order of polarisability for the following: 
Ic ar Cl 


OV eB =Cl? a 
4r=Br <C =Ff9 


(1) 12> Br? > Cl? > F® 
(3) I° = Br? = Cl? > F? 


16. Arrange the following species in decreasing order of 
polarising powers: Ag”, TIP, Na®. 


(1) TI? > Ag® > Na® (2) TI® > Na® > Ag? 
(3) Ag® > TI? > Na® (4) Na® > TI® > Ag® 
Paragraph 5 


The platinum—chlorine distance has been found to be 2.32 A 
in several crystalline compounds. This value applies to both 
compounds A and B given here. 


NH; NH, Lies 
Cl ag 0 
NH, 
NH; CI 
(A) ` (B) 


Based on the above structures, answer the following q 
ueg Estio 
ny 


17. CI—CI distance in structure (A) is 


(1) 2.32 A (2) 4.64 A 

(3) 1.16A (4) 9.28 A 
18. CI—CI distance in structure (B) is 

(1) 2.32 A (2) 1.52 Å 

(3) 2.15 Å (4) 3.28 Å 


19. Structure A is 
(1) cis-isomer 
(3) chiral isomer 
20. Structure B is 
(1) cis-isomer 
(3) chiral isomer 
21. The C—C single-bond distance is 1.54 A. What is te 
distance between the terminal carbons in propane? Assume 
that the four bonds of any carbon atoms are pointed toward 
the corners of a regular tetrahedron. 
(1) 3.08 A (2) 1.54 À 
(3) 2.52 À (4) 1.26 Å 


(2) trans-isomer 
(4) none of these 


(2) nuclear isomer 
(4) co-ordinate isomer 


Paragraph 6 
The HF,” ion exists in the solid state and also in liquid HF butna 
in dilute aqueous solution. 


22. HF td exists in solid state and in liquid HF because HF; ions 
are held together by 
(1) hydrogen bonding 
(3) London force 


(2) van der Waals force 
(4) all of these 


23. In aqueous solution 7 
(1) HF forms H,F® and OH, H,O being a stronger acid ths 
HF 
H,O + HF= H, F°+0OH 
(2) HF forms H oÊ and F9, H,O being a weaker acid Ù 
HF 
H,O + HF= H,0® + F° 
(3) H-bonding between HF and H,O is observed 
(4) No change is observed i iy 
24. At 300 K and 1.00 atm, the density of HF is 3.17gb ý 
conclude that there is a 
(1) dimer formation by H-bonding 
(2) trimer formation by H-bonding 
(3) tetramer formation by H-bonding 
(4) ionisation formation HF® and H® 
25. Energy of H-bond is maximum in 
(1) F—H---O (2) F—H---F 
(3) O—H---O (4) O—H---F 


ds 


i e following molecules: , 
ider th Chemical Bonding and Molecular Structure 2.139 


: f cons i-pyridine-2-carboxaldoxime 
in ridine-2-carboaxaldoxime 
p: yee dimethyl glyoximate 
' pitrophenol 
E pnitrophenol 
| salicylaldehyce 
„which case chelate formation occurs? 


A B (2)B,C 

0) CF (4) Conly 
I intramolecular hydrogen bonding (in Q. 26) is observed in 
JAB CD (2) A, B, E, F 

(3) B, C, D (4) A,C,D 
pragraph 7 


yaence-bond theory is one of the two quantum mechanical 
proaches that explains bonding in molecules. In some cases, 
lence bond theory cannot satisfactorily account for observed 
properties of molecules. 
18. Consider the following molecular geometries: 
NO CO O, 

Select correct statement(s) about these: (More than one 

correct) 

(1)NO is paramagnetic, CO and O, are diamagnetic 

(2) NO and O, are paramagnetic, CO is diamagnetic 

(3) Bond order is in order O, < NO < CO 

(4) Number of unpaired electrons are 


NO l 
CO 0 
0, 0 


19. Valence-bond theory can explain molecular geometries: 
(1) predicted by VSEPR model 
(2) predicted by MO theory 
(3) predicted by both (a) and (b) 
(4) predicted by none of these 


Ml. Bond order and magnetic behaviour shown by different 
species have been matched. Which is the incorrect matching? 


Species Bond order Magnetic behaviour 
(CNO (14) 3.0 diamagnetic 
(2) BN (12) 2.0 diamagnetic 
6) C, (12) 2.0 diamagnetic 
4) B, (10) 3.0 paramagnetic 


: r ‘ 
j electronic configuration of superoxide 10n IS , , 
( 2 
(2) KK * (02s)? (5 * 2s) (o2p y 2p) (n2p,)° (x * 2p,) 
2 
rs * (62s) (o * 2s)" (o2p,)° (n2p,) (x2p,) 
) none of iieaiove 


0 T of the following stateme 
#205" species? 


(x * 2p) 


nts is correct about 


(1) KO, and K,O, are diamagnetic, while O, is paramagnetic 

(2) KO, and O, are paramagnetic, while K,O, is diamagnetic 

(3) Bond length increase in the order: 0, <0,°< Oo; 

(4) Bond enthalpy increase in the order: 0,7 < 02 < O; 
Paragraph 8 


According to the molecular orbital theory, all atomic orbitals 
combine to form molecular orbital by LCAO (linear combination 
ne atomic orbitals) method. When two atomic orbitals have 
additive (constructive) overlapping, they form bonding molecular 
orbitals (BMO) which have lower energy than atomic orbitals, 
whereas when atomic orbitals overlap subtractive, higher energy 
antibonding molecular orbitals (ABMO) are formed. Each MO 
occupies two electrons with opposite spin. Distribution of electrons 
in MO follows Aufbau principle as well as Hund’s rule. MO theory 
can successfully explain the magnetic behaviour of molecules. 


33. O% will have 
(1) bond order equal to H, and diamagnetic 
(2) bond order equal to H, but paramagnetic 
(3) bond order equal to N, and diamagnetic 
(4) bond order higher than O, 

34. Which of the following is/are not paramagnetic? 
(1) NO (2) B, 
(3) CO (4) O, 

35. Bond strength increases when 
(1) bond order increases 
(2) bond length increases 
(3) antibonding electrons increases 
(4) bond angle increases 


Paragraph 9 

Most of the polyatomic molecules, except a few such as CO, and 
CS,, are linear or angular with a bond angle generally somewhat 
greater than 90°. A bond angle is defined as the angle between the 
direction of two covalent bonds. Since the atoms in molecules 
are in constant motion with respect to each other, they are not 
expected to have a fixed value of bond angle. Repulsion between 
non-bonded atoms alone does not provide an adequate explanation. 
Hybridisation of bonding orbitals also plays a very important role 
in determining the value of bond angle. It has been observed that 
in hybridisation as the s-character of hybrid orbital increases, the 
bond angle increases. 


36. In P, molecule phosphorous atoms are tetrahedrally 
arranged. The bond angle P-P-P in the molecule is 


(1) 108° (2) 120° 
(3) 60° (4) 180° 
37. Which of the following have highest bond angle? 
(1) H,S (2) H,Te 
(3) H,Se (4) All have same bond angle 


38. Which of the following hybridisation may have more than 
one type of bond angle? 


(1) sp” 
(3) spd 


(2) sp 
(4) sp°d? 
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Paragraph 10 : . is 
MO’s are formed by the overlap of AO's. Two AO's combine 
to form two MO's, called bonding molecular orbital (BMO) 


and antibonding molecular orbital (ABMO), Different AO’s of 


one atom combine with these AO’s of the second atom which 
have comparable energies and proper orientation, Further, if the 
overlapping is head on, the MO is called ‘sigma’ and if the overlap 
is lateral, the MO is called ‘pi’. The MO’s are filled with electrons 
following the same rules as followed for filling of atomic orbitals. 
However, the order of filling is not the same for all molecules or 
their ions. Bond order is one of the most important parameter to 
compare a number of their characteristics. 
39, Which one of the following statements is correct? l 
(1) BMO is lowered by the same amount of energy by which 
ABMO is raised. 
(2) BMO is lowered by a greater amount of energy than the 
amount by which ABMO is raised. 
(3) BMO is lowered by less amount of energy than the 
amount by which ABMO is raised. 
(4) Any one of the above is possible. 
40. H,, Li,, B, each has bond order equal to 1. The order of their 


stability is 
(1) H, = Li, =B, (2) H, > Li, > B, 
(3) H, > B, > Li, (4) B, > Li, > H, 


41. In which of the following pair, both the MO’s are gerade or 
ungerade? 


(1) 02s, n2p, (2) o*2s, n*2p_ 
(3) o*2s, n2p. (4) n2p,, n*2p. 


42. Which one of the following has maximum number of nodal 
planes? 


(1) o*ls (2) o*2p, 
(3) 12p, (4) m*2p,, 


43. Which of the following pair is expected to have the same 
bond order? 


(1)0,,N, 
(3)0;, N; 


® an 
(2) 0, N, 
(4) 03, N, 
Paragraph 11 
Covalent bond is formed by overlapping of atomic orbitals 
of bonded atoms provided atomic orbitals must be half-filled 
and electrons should be in opposite spin. According to type of 
overlapping covalent bond can be classified as (a) o-bond (b) 
t-bond (c) §-bond. 
44. The combination of orbital 
molecular orbital is (if inte 
(1) do, + do 


(3)p,+d2_ p 
45. Which of the following set 
nodal plane in xz-plane? 
(1) d+ dy 
(3) d,, + d, 


that cannot produce non-bonding 
r-nuclear axis is z-axis); 


(2)s + d, 
p, +d, 


of orbitals does not produce 


Q) p, +d, 
(4) None of these 


46. In the molecule: 
CLC=#C#C CCI, 
“1; 2 3 4 
IFCI,C, C, ~ lies in yz-plane, then incorrect st 
(1) Nodal plane of m-bond between Cy-and Meh 
yz-plane, formed by sideways overlap of Peor iy 
(2) Nodal plane of n-bond between C i h 
xy-plane, formed by sideways overlap of Portia h 
(3) Nodal plane of n-bond between C and A ls 
yz-plane, formed by sideways overlap of beo i. À 
(4) Nodal plane of n-bond between C ee : 
xz-plane, formed by sideways overlap of Por i 


mrn | and i 


Matrix Match Type 


This section contains questions each with two Coly 


Match the items in Column I with that in the Column i 


H,O>H,S > H,Se Melting and boll 
| ing points 


H,0 >> H,S < H,Se Acidic strength 


n n INBE, pE Hypovalent compound 
an a TSIO, 14 Intermolecular H- -bond 
‘ Se, O LA Proton donor acid 
a hbo, | & Hypervalent compound 
Š t. | Back bond 
12. 
Coluinn 
Bond angle of central atom 
increased due to combined 
effect of back bonding and steric 
factor. 
BINED Anyone of Tien TE d-orbital is 
involved in back Tien TE 


Tar (SiH,),0 Electron FERET EE . on central atom 
decrease due to back FERET EE . 

Single CCI, Hybridisation of central atom 

does not change due to back 


bonding 

Electron density on central atom 
The distribution of s-character 
in hybrid orbitals of central 


increase due to back bonding. 
atom is not equal and all bond 


lengths (CA — X) are equivalent 
The distribution of s-character 
in hybrid orbitals of central 
atom is equal and all bond 
a : lengths (CA — X) are equivalent 

participan of g orbit The distribution of s-character 

als in hybridisation in hybrid orbitals of central 
atom is not equal and bond 

angle (X — CA — X) is greater 

than 109° 28' 

Central atom contains /p The distribution of s-character 

of electrons in hybrid orbitals of central 
atom is equal and bond angle 
(X —CA-—X) is either equal or 
less than 109° 28’ 


. | c antibonding MO" S 
| mdz bonding MO’s 
| eg, o* 2s, x 2p, 


Hybrid orbitals contain 
25% s-character 


Column I 
~ (Reactions) 


Ba?" (aq) + Sole (aq) wes bonds 
— BaSO 
(white ppt) 


E 7 q Planar covalent 
species is formed 


MgSO, sac? MgO 


+ SO, T lo, 
= 2 - 


r. | Lone pair(s) is/are 
present at central 
atom. ooo 
d-orbitals involved 
in hybridisation of 
central atom of either 
of product 
d-orbitals not 
involved in 
hybridisation of 

central atom of either 

of product 


c. | H,BO, + OH” 


S. 


d. Self ionization of l, 


Combining orbitals 
(Inter-nuclear axis) 


and III. 


-~ Strength | Energy distance 
; l function 


Ra 


es i - 


a. lon dipole (Non- L | Moderately | 
van der Waal’s | _ į strong =e 
intractions) | | 4 


e Jon-induced dipole 
| (Van der Waal’s 


i 
8 


f 
| | (Van der Waal’s | 
| interaction) 
London dispersion | 
forces 
or 


(Instantaneous 
dipole induced 
dipole interaction) 


I] | 


17. Match the items given in Column I with that in j | 

and IIT. lum, 
List-I 
sp d 
pd ii 


Pentagona] 
| bipyramidal 
Trigonal i 
bipyramidal 


spd | iil. | d2 


Match the items given in Column I with that in C 
and III. Olumn j 


18. 


Ji | sped 


| | (pr-dr) multipl 
| | bond =] i 
q- (pt-pt) multiple 
bond = zero 
| (px-di) multiple 
bond =2 
FE 2 | | 
XeO,F, iii. | sp r | (px-pr) multiple 
| bond = zero 
. (pn-dz) multiple 
bond =1 


XeOF, | iv. sp’ |s. (px-p7) multiple 
| bond = zero 
| (pn-dz) multiple 
| bond =3 
| | t.  (pr-pT) muluple 
| ) bond = | 

| | (pn-dz) multiple 

E ` bond=2 


pe 


For Q.19 to Q.21 
Answer the questions given below 
information given in three column of 


3 


ths 


by appropnately matching 
the following table. 


Column I 
Molecule/ 


NO, & CO® 
a | MAIN a 
NOP&CO i| 2 t “Twoare 
diamagnetic 
| and one Is 
| paramagnetic “ 


BN, & NO® iii. 


ON molecule, correct combination ig PTT aise: 


f a gait? as 
(1) o (4) b-ii-r 
3) oN ion, correct combination is 
of i 
P adi et 
yeti (4) a-ii-p 
( CN ® molecule, correct combination is 
for 
jl. i „iip (2) b+ 
i yoii (4) c—ii-q 


ce merical Value Type lI] 


|, How many molecules among the followin 
moment: NH,, BF,, NF,, CCL,? 


,, Find the number of lone pairs of electrons Present in OF,,. 
;, How many of the following compounds Violate octet rule? 
i. BrF ii. SF, iii. IF, 
v.C F. vi. PCL,® 4 

4. The number of hypervalent species among the follo 
C10,®, BF;, SO,7", CO,” is 


5, The number of correct options is 


g have zero dipole 


iv. XeOF 4 


wing: 


il > Br“ > Cl° > F° (polarisability) 

ï LI > Na? > KÊ > Rb® (polarisation power) 
ii. H,O > H,S > H,Se > H, Te (order of b.pt.) 
iv. -P <H, a (order of stability) 


How many of the following compounds have sp? 


hybridisation? 


er 


i 50, iso? iii. PO, iv. PO. 
wh vi CO vii. CO,2- 
RE Maiy 
Single Correct Answer Type 
l. Amon 


show ie the following the maximum covalent character is 
n by the compound: 


(1) F 
(3 z Ha (2) SnCl, ; 
? Cl, (4) MgCl, (AIEEE i ) 
OF 5, hybridization of orbitals of N atom in NO,, 
2 and NH+ 
(1) 3 are respectively: 
i i (2) sp”, sp, sp” 
Sp, sp? 5 sp? (4) sp’, sp’, sp 
(AIEEE 2011) 


7. How many of the followi 


10. 


11. 


12. 
13. 


Archives H 
1o 


3. The structure of IF, IS 


. In which of the following pairs, the two s 


a 


~ Chemical Bonding and Molecular Structure 2.143 


; Ing compounds have (pr-dr) 
multiple bonds? 


i. SO, ii. SO, 


iii. HSO, 
v.80," vi, HSO, 


iv. 3507" 


» How many of the following oxides of nitrogen are 
paramagnetic? 


i. N,O ii. NO iii. NO, iv. NO, 
YN O4 viN O, vi NO, viii NO,” 
ix. NO,” 
. How a of the following species have bond order of 2.5? 
i.N,° ii. N,” iLO,” iv. O, 
v. NO vi. CN 


The number of correct options is 

a. PO; > ZnO > MgO > Na O, (acidic strength) 
b. TLO, > TLO > Ga, O, > ALO, (basic strength) 
c. MnO > P,O, > CrO, > Mn,O, (ionic character) 
d. H,O > HF > NH, (melting point) 

e. H,O > HF > NH, (boiling point) 


Out of the following orbitals, the total number of orbitals 
which can overlap. Colaterally (if internucleus axis is z). 


(1) s (2) p, (3) p, 
O) dy Odo Dd, 
(9) dr 

Out of the following orbitals, the total number of orbital(s) 
having odd number of nodal plane are: 
(1) 3s (2) 2p, (3) 4s 


(5) 3p, (6) 3d.2_\2 (7) 4d. 


y 


(4) P- 
(8) d2_ 2 


(+) 4p. 
(8) td 


How many possible < FSeF bond angle are present in SeF, 
molecule. 


(1) square pyramidal 
(3) octahedral 


(2) trigonal bipyramidal 
(+) pentagonal bipyramidal 
(ALEEE 2011) 


» Which of the following has maximum number of lone pairs 


associated with Xe? 
(1) XeO, 
(3) Xek, 


(2) Xek, 


(4) XoF, (AIEEE 2011) 


. Molecule having the smallest bond angle is 


(1) NCL, 
(3) SbCl, 


(2) AsCl, 


(4) PCL (AIEEE 2012) 


pecies are not 
isostructural? 


2.144 Inorganic Chemistry 
(1) COZ and NO; 
(3) PF, and BrF, 


(2) PCI, and SiCl, 
(4) AIF% and SF, 
| (AIEEE 2012) 
7. In which of the following pairs of molecules/ions 
both the species are not likely to exist? 
(1) H$, He? (2) H3, He? 
2 29 119a 
(3) H}, He, (4) H3, He?" 
(JEE Main 2013) 
8. Stability of the species Li,, Li;, and Li% increases in the 
order of 
DLL <= Li, <i, 
6) Li, <li 1h, 


(2) Li, < Li, < Li, 
(4) Li, < Li, < Li; 
(JEE Main 2013) 

9. The correct statement for the molecule CsI, is 

(1) It is covalent molecule 

(2) It contains Cs" and I, 

(3) It contains Cs** and I ions 

(4) It contains Cs’, I and lattice I, molecule 
(JEE Main 2014) 


10. For which of the following molecule significant u # 0? 


Cl Cl OH SH 
Cl CN OH SH 


(1) Only (i) (2) (i) and (ii) 
(3) Only (iii) (4) (iii) and (iv) 
(JEE Main 2014) 


11. The intermolecular interaction that is dependent on the 
inverse cube of distance between the molecules is: 


(1) ion-ion interaction (2) ion—dipole interaction 


(3) London force (4) hydrogen bond 
(JEE Main 2015) 
12. Which one has the highest boiling point? 
(1) He (2) Ne 
(3) Kr (4) Xe (JEE Main 2015) 
13. Which one of the following statements about water is 
FALSE? 


(1) Ice formed by heavy water sinks in normal water. 
(2) Water is oxidized to oxygen during photosynthesis. 


(3) Water can act both as an acid and as a base. 
(4) There is extensive intramolecular hydrogen bonding in 
the condensed phase. (JEE Main 2016) 


14. The species in which the N atom is in a state of sp 


hybridization is: 


(1) NO, (2)NO," 

(3) NO, (4)NO, (JEE Main 2016) 
15. Which of the following species is not paramagnetic? 

(1) NO (2)CO 

(3) O, (4)B, (JEE Main 2017) 


2. 


3. 


1. 


16. Total number of lone pair of electrons in Į- 
3 


. Hydrogen bonding plays a central role in the follo 


(1)6 (2)9 waa a 
(3) 12 (4)3 (JEE Ma, 
17. According to molecular orbital theory, ee, 20h, 
following will not be a viable molecule? of th 
(1) He; (2) H5 l 
0H (4)He?* (JEE Main 
18. Which of the following compounds contain(s) no 20 
bond(s)? COValey, 
KCl, PH}, O}, B,H,; H,SO, 
(1) KCl, H,SO, (2) KCl 
(3) KCl, B,H, (4) KCI, B,H,, PH, 
(JEE Main 201, 
JEE ADVANCED 
Single Correct Answer Type 
1. The species having pyramidal shape is 
(1) SO, (2) BrF, 
(3) SiO,” (4) OSF, 
(IIT-JEE 201) 


Assuming 2s-2p mixing is NOT operative, the paramagneti 


species among the following is 
(1) Be, (2) B, 
(3) C, (4) N, 
(JEE Advanced 2014 


The ionic radii (in Å) of N?-, O” and F® are respectively 
(1) 1.36, 1.40 and 1.71 (2) 1.36, 1.71 and 1.40 


(3) 1.71, 1.40 and 1.36 (4) 1.71, 1.36 and 1.40 
(JEE Advanced 2015 


Multiple Correct Answers Type 


The nitrogen oxide(s) cotaining N—N bond is/are 
(1) N,O (2) N,O; 


(3) N,O, (4) N,O; 
(IITJEE 2010) 


win 


phenomena: 
(1) Ice floats in water 4 
(2) Higher Lewis basicity of primary than tertiary am 

aqueous solutions 


(3) Formic acid is more acidic than acetic acid 


/ rv 


(4) Dimerisation of acetic acid in benzene 2014 
(JEE Advanced jf $ 

. When O, is adsorbed on a metallic surface, electron mat 

occurs from the metal to O,. The TRUE state" | 

regarding this adsorption is(are) 

(1) O, is physisorbed 

(2) heat is released 

(3) occupancy of Tap of O, is increased 

30!" 


(4) bond length of O, is increased 


d ' 
(JEE Advan Jan 


8) 


)) 


with two lone pair 
ound(s) pairs of e 
m lectrons on the a Chemical Bonding and Molecular Structure 2.145 


A ot (2)C IF, f 


a (4) SF, 
(3) Yl 


3. p-d n-bonding 


(JEE Advance 
ed 
g tO Molecular orbital theory, 2016) 


A ne | 4. d-do-antibonding 


i expected to be diamagnetic 


one: 
jg expected to have a long bond length than D, 


— 


+ and N; have the same bond order 
Code: 


Ae os 
p! A has the same energy as two isolated He atoms (1) 5 | : i 
(JEE Advanced 2016) 2) 4 3 I 2 
(I) 2 3 l 4 
ji Match Type 4) 4 1 3 2 
oich each of the diatomic molecules in column I with its (JEE Advanced 2014) 
ape) iproperties in € “Ga Numerical Value Type 


1. Based on VSEPR theory, the number of 90° F — Br — F 
angles in a molecules of BrF, is 


(IIT-JEE 2010) 
N.O. 


2. Among the triatomic molecules/ions, BeCl,, NJ, 
NO®, O,, SCL, ICIP, If and XeF,, the total number of 


linear molecule(s)/ion(s) where the hybridization of the 
central atom does not have contribution from the d-orbital(s) 


peel ag 
T Mixing of s- and p-orbitals 


(IIT-JEE 2009) 
is (JEE Advanced 2015) 
l ; 
Match the orbital overlap figure shown in List I with the [Atomic number: S = 16, C1 = 17, I = 53 and Xe = 54] 

“ascription given in List II and select the correct answer 5 3 

wsing the code given below the lists. 3. Among H,, Hey, Li,, Be,, B,, C;, N3, and F,, the number 
ae —— of diamagnetic species is 

- (Atomic numbers: H = 1, He = 2, Li = 3, Be = 4. B=5, 
C=6,N=7,0=8, F=9) (JEE Advanced 2017) 


4. The sum of the number of lone pairs of electrons on each 
central atom in the following species is 
[TeBr,]”, [BrF,]", SNF;, and [XeF,] 
(Atomic numbers: N = 7, F = 9, S = 16, Br = 35, Te = 52, 


Xe = 54) 
(JEE Advanced 2017) 


Answers Key 


= so 20 20 žo 2o 
tr . . 3. „(2 S. (3 
Lo “ct Answer Type D 4D BO DOD 50.2) 
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1.(8) 2.4) 3. (6) 4. (6) 


j, Hydrogen was discovered by Henry Caven di 

the action of acids and metals. It was named 
air’. Lavoisier named it hydrogen which 
producer’. The name ‘hydrogen’ has origi 
Greek words ‘hydro’ and ‘genes’ which m 
‘generator’ respectively. 


2, Hydrogen is the lightest element known. Its atom consists of 
asingle proton and a single planetary electron. Its electronic 


configuration is Ls’. It is the only atom whose n 
not have any neutron. 


sh in 1766 by 
‘inflammable 
means ‘water 
nated from the 
ean ‘water’ and 


ucleus does 


3, Hydrogen is the most abundant element in t 
(70% of the universe’s total mass). About hal 
the sun and some other stars is made up of h 
the third most abundant element on the surfac 
Hydrogen is the ninth element in order of abundance and 
forms 0.9% of earth’s crust by weight. In the crustal rocks, 
itis the tenth in the order of abundance, ~ 0.15% by weight. 


4. Naturally occurring hydrogen has three isotopes: 


he universe 
f the mass of 
ydrogen. It is 
e of the earth. 


a. Protium or ordinary hydrogen GH) 


b. Deuterium or heavy hydrogen GH or D) 
& Tritium (7H or T) 


Hydrogen is the only known element whose isotopes have 
the unique mass ratio of 1:2:3 GH: 3H: 1H), where protium 
(iH) is the predominant form, deuterium ÊB) is present up 
100.156% in terrestrial hydrogen (mostly in the form of HD) 
and tritium G H) is radioactive. Tritium emits ß-particles and 
Is half life ig 12-33 years. 
it, a% + 3H 
B-particle 
Š. The three is 
Properties q 
ifferent ph 
“Uteriy 
Projecti] 
bombs. 


topes of hydrogen have the same chemical 
ue to the same electronic configuration, but 
ysical properties due to different atomic masses. 


m and tritium are used as tracers, bombarding 
es especially in fusion reaction, i.e. in hydrogen 


ca 


a 


Atom; | 
None form of hydrogen exists only at high temperatures. 
dy elementa] hydrogen is the diatomic molecule cal led 

‘ n, H,. But while referring to the isotopic mixture 


~ roge 
With the na tu 


ig ral abundance for H arid D, the name disprotium 


8. 


9. 


10. 


11. 


Hydrogen, Water and 
Hydrogen Peroxide 
a ett 


Hydrogen under 
like a metal. 


Heavy 


very high pressure is expected to behave 


hydrogen or deuterium was separated from liquid 
hydrogen by fractional evaporation by Urey. For this great 


contribution, he was awarded the Nobel Prize in Chemistry 
in 1934. 


The three main sources from which dihydrogen 


(ordinary hydrogen) may be prepared are (i) water, (ii) acids 
and (iii) alkalies, 


a. Group | and 2 elements react with water to produce H, 
gas. Since the reactions are vigorous, to minimise the 
rate of reactions, usually amalgams are used. 

b. 


Metals such as Zn, Fe, Mn, Co, Cr etc. decompose hot 
water or steam to form H. 


c. Steam reacts with hydrocarbons or cok 


e at high 
temperature to produce H. 
1270K l 
CH T nH,O Catalyst T nCO + (2n+1)H, 


C+ H,O —> CO + H, 
u—_~_—__5 
Water gas 


On electrolysis of water containing small amounts of 
acid or alkali, H, is produced at cathode. 
e. Ionic hydrides on hydrolysis evolve H,. 

NaH + H,O — NaOH +H, 


f. Metals which lie above hydrogen in the el 


ectrochemical 
series, e.g. Al, Mg, Zn, Fe etc. react with dil H,SO, or 
dil HCI to produce H,. 
Zn + H,SO, — ZnSO, + H, t 
dil 


g. Zn, Al, Sn, Si and Pb react With boiling 
to liberate H, gas. 
2Al + 2KOH + 2H,O0 —> 2KAIO, + 3H, 
Uyeno’s method is used for military 
and pure production of H, when ser 
caustic potash (KOH), 

h. In the laboratory, 
on granular zinc. 


NaOH or KOH 


purpose tor rapid 
ap Al reacts with 


H, is produced by the action of H,SO, 


Natural gas consists mainly of methane. Dih 


ydrogen, E, 
is produced from natural gas either by partial 


oxidation or 


3.2 Inorganic Chemistry bonding between water molecules. Water | 
by cracking. 


K 
CH, +H,0 yg? CO+ 3H, 


750 K 
CO + HLO “ahs,” CO, + H, 
CO, is removed by dissolving it in water under pressure of 


about 25-30 atm. 
12. Dihydrogen is colourless, odourless and tasteless gas. 


13. Dihydrogen has high heat of dissociation (436 kJ mol). 
This property is used in atomic torch which generates 
temperature of ~ 4000 K and is ideal for welding of metals 
having high melting points. 


14. The ordinary hydrogen at room temperature is a mixture of 
ortho- and para-form in the ratio 3:1. The proton (nuclei) 
of the ortho-hydrogen spins in the same direction, while that 
in the para-hydrogen spins in the opposite direction. 

15. Certain metals, e.g. Pd, Pt, Fe, etc. can absorb large quantities 
of hydrogen. The absorbed hydrogen is called occluded 
hydrogen. This property can be used in the purification of 
hydrogen as only pure hydrogen is absorbed. 

16. Dihydrogen is an inflammable or a combustible gas. But it 
does not help in burning. It burns with blue flame in oxygen 
atmosphere forming water. 

17. Binary compounds of hydrogen with the elements in the 


periodic table are known as hydrides. Dihydrogen forms 
three types of hydrides 


a. lonic/salt-like 
b. Covalent/molecular 
c. Metallic/interstitia] 


Metallic hydrides are used for the ultrapurification of 
hydrogen and as hydrogen Storage media. 

18. Besides the three main cate 
hydrides are known as pol 
hydrides. 


19. Hydrogen has been considered as one of t 


he alternate sources 
of energy. The advantages of using hydrogen as a fuel are 
as follows : 


gories of hydrides, certain 
ymeric hydrides and complex 


a. It is environmentally clean. 


b. Heat of combustion of hydrogen per gram is hi gher than 
any other fuel. 

c. Our energy needs can be met by gaseous, liquid and 
solid hydrogen. However, cheaper modes of production 
of hydrogen, its storage and transportation are still a 
problem. 

20. The most common and abundant compound of hydrogen is 
water. Water is essential to life, two-thirds of human body 
is water. Transformation of water from liquid to solid and 
to gaseous state is easy. It exists as a liquid under normal 
atmospheric condition. It exists as a solid below 0°C and 
as a gas above 100°C. The unique properties shown by 

water in liquid and solid state is due to extensive hydrogen 


21. 


22. 


23. 


24. 


25. 


26. 


pa 


28. 


29. 


four H-bonds. The density of water is maxim N 
Oxygen atom in H,O is sp? hybridised with ty ta 
giving rise to bent or V-shaped structure, With a i Pin 
of 104.5°. Decrease in bond angle from 109.40 N n ay 
due to /p—/p repulsion > /p—bp repulsion > bp-bpr, tS 
Ice has an open cage structure with a number i) 
spaces in the crystal lattice. Hence, the density o ioe 
than water. ly 


Water can be tested as follows: 


a. On addition of a drop of water to anh 
sulphate, the colour changes from wh; 
CuSO, + 5H,0 —> CuSO,-5H,O 
Anhydrous Blue 

b. On reaction with CaC 
with bright flame. 
CaC, + 2H,O —> Ca(OH), +HC=CH 

Acetylene 

Hard and soft water: Depending upon its behavioy 

towards soap, water may be classified as hard or soft 

a. Water which does not produce lather with Soap readily 
is called hard water, e. g. sea water, river water etc 

b. Water which produces lather with soap readily is callei 


soft water, e.g. rain water, distilled water, demineralisei 
water etc. 


ydrous c 
te to blue 


, acetyle x 
» acetylene evolves Which up, 


Hardness of water is due to the presence of calcium ai 
magnesium salts of bicarbonates, carbonates and sulphates 
in water. 

Hardness of water is of two types: 


a. Temporary hardness: Due to the presence 0! 


bicarbonates of calcium and magnesium, 1.¢. CaHC0:: 
and Mg(HCO,),. This is also known as carbon 
hardness. , 
Permanent hardness: Due to the presence of ap 
chlorides and sulphates of calcium and magnesiu™: E 
CaCl,, CaSO,, MgCl, and MgSO,. This is also $ 
as non-carbonate hardness. 

Removal of hardness of water: 


a. Temporary hardness can be easily removed by bo” 
or by adding slaked lime. 


el 
Permanent hardness can be removed et 
softeners such as (i) lon-exchange resins, (i) EP ] 
(iii) Permutit, (iv) Washing soda ete. 
Degree of hardness is defined as the number 0f P 
calcium and m 


water by m 


ats? 
st 
Agnesium salts present in a million P 
ass. It is expressed in ppm. 0 
ater was discovered by Uery in 1932. ona 
yY water is present in 6000 parts of ordinary of we" | 
Part in 6000). It is Prepared by repeated electroly asi | 
containing alkali. It is colourless, odourless 3” ofte” | 
like ordinary water. Most of the physical constants i | 
water are higher than the corresponding value ° geto | 


ari 
water. Heavy water is used as moderator in nucle | 


i 

j 

; 
afl 

Heavy w | 

heavy w 


| 
| 
| 
| 
| 
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30. Deuterium peroxide, D,O,, is prepared by the action of 
D,S0, (dissolved in H,O) in BaO, 
BaO, + D,SO, —> BaSO ay +D, l 
Deuterium chloride can be prepared by any of the following 
methods: 
NaCl + D,SO,— Na,SO, + 2DCl 
2AgCl + D, —> 2Ag + 2DCI 
SOCcl, + 2D,0 —> D,SO, + 2DCl 

31. Hydrogen peroxide was discovered by Thenard. It is also 
known as oxygenated water. 
BaO, + H,SO, —> BaSO, + H,O, 

dil 
32. H,O, cannot be stored in glass bottles as the rough surface 


of glass, alkali oxides present in it and exposure to light 
catalyses its decomposition. 


2H,0, —> 2H,O + O, 
Hence, H,O, is normally stored in coloured paraffin wax- 
coated plastic or teflon bottles. Concentrated solution 
of H,O, is stored in polythene bottles and are kept in 
refrigerators. Small amount of stabilisers such as ortho- 
phosphoric acid, acetanilide or sodium stannate are added. 
33. H,O, acts both as an oxidising and a reducing agent in the 
acidic as well as basic medium. 
a. Oxidising agent: 
i.In acidic medium: H,O, + 2H® + 2e° — 2H,0 
ii.In basic medium: H,O, + 2e° —> 20H 


34. 


35. 


36. 


37. 


b. Reducing agent: 

i.In acidic medium: H,O, —> 2H® + O, + 2e° 

O 
ii.In basic medium: H,O, + 20H —> 2H,O 
+ O, + 2e” 

H,O, acts as a bleaching agent due to oxidation by nascent 
oxygen. 
H,O, —> H,0 + [O] 
H,O, is used to bleach delicate article such as hair, silk, 
wood ivory etc. 


H,O, is used as antiseptic and germicide for washing 
wounds, teeth and ears under the trade name perhydrol. 


H,O, is used for restoring the colour of old paintings as it 
oxidises black PbS to white PbSO,. 


General formula of volume strength of H,O,: 
a. 1.7% of H,O, = 17 gL” of H,O, = 5.6 L of O, at STP 
= 8 g of O, at STP 
b. Volume strength of H,O, x Volume of H,O, 
= Volume of O, at STP 

c. 3% solution of H,O, is marked as 10 volume H,O, 
d. 30% solution of H,O, is marked as 100 volume H,O, 
e. Volume strength = 5.6 x Normality i 

_ 5.6 x Percentage strength 2 


10 
EW of H,O, 
f. Volume strength = 11.2 x Molarity 


s pie ee 
MW of H,O, 


3.4 Inorganic Chemistry 


3.1 INTRODUCTION 5. Affinity for non-metals or electronegative 


Hydrogen was discovered by Henry Cavendish in 1766 in 
London, England, by the action of dilute H,SO, on iron. The 
name ‘hydrogen’ was proposed by Lavoisier which means ‘water 
producer’, i.e. it produces water on burning with oxygen. It is 


originated from the Greek words ‘hydro’ and ‘genes’ which mean 
water and generator, respectively 


3.2 ELECTRONIC CONFIGURATION 


Hydrogen is the first element in the periodic table and also the 
lightest element known. It has the simplest atomic structure of 
all the elements and consists of one proton (in the nucleus) and 
one electron (in ls orbital). Its atomic form exists only at high 
temperatures. In elemental form, it exists as a diatomic molecule, 
H,, and is known as dihydrogen. 


3.3 POSITION OF HYDROGEN IN 
THE PERIODIC TABLE 


Period | of the periodic table comprises hydrogen (H) and helium 
(He). Hydrogen is quite reactive, while helium is inert. On the basis 
of the resemblance in the structure and properties of helium with 
the other noble gases, it is placed in group 18. However, a proper 


position for hydrogen could not be arranged in the periodic table 
due to the following reasons: 


1. In some of its properties, hydrogen resembles group 
l elements, i.e. alkali metals and can be placed with them. 


2. In some of its Properties, hydrogen resembles group 
17 elements, i.e. halogens and can be placed with them. 
3. In some other properties, hydro 


gen differs from both group 
l (alkali metals) and group 17 


elements. 


3.3.1 COMPARISON WITH ALKALI METALS 


3.3.1.1 Similarities Between Hydrogen and Alkali Metals 


1. Electronic configuration: Both hydrogen and alkali metals 
(Li, Na, K, Rb, Cs and Fr) have one electron in their valence 
shell. 


2. Electropositive character: 
character and are monovale 
lose the valence shel] elect 
in case of alkali metals) to 


Both exhibit an electropositive 
nt, i.e. both have a tendency to 
ron (less in case of H and more 
form unipositive ion (M®). 

H —> HÊ + e 

(Is') (15°) 

Li —> Li? + æ 

(1s? 2s!) (15?) 
3. Oxidation state: Both show an oxidatio 

compounds. 

® © 

HCl Hydrogen chloride 


n state, +1 in their 


® © 
NaCl Sodium chloride 


- Reducing character: Both behave as stron 


g reducing 
agents. 


SNEEN ee 


. Clement, 
Both have a strong affinity for non-metals as compared ; 
metals, i.e. they react with electronegative elements ia 
example, on reaction with halogens, oxygen, sulphur t 
form halides, oxides, sulphides, respectively, » they 


Halides HCI NaCl 
Oxides H,O NaCl 
Sulphides H,S Na,S 


6. Electrolysis: On electrolysis of an aqueous sol 
hydrogen halides (e.g. HCl) or oxide (H 
(H,) is liberated at the cathode. 


Ution of 
20), dihydrogen 


HCl as Electrolysis Haq) + Ga 
At cathode: 2H%,.) + 2e° —> H,Î w 
At anode: 21% aa) —> Cloig) + 2e? 


Similarly, alkali metal halides liberate alkali m 


etals at the 
cathode on electrolysis. 
® © 
NaCl aq) — Naag Clag 


. © 
At cathode: Na, h te~ Naag 


At anode: 2CI",,) —> Cl, + 2e° 


3.3.1.2 Differences Between Hydrogen and Alkali Metals 
1. Ionisation enthalpy: Both have one electron in their 
valence shell, but the ionisation enthalpy of hydrogen is 
very high as compared to that of alkali metals, i.e. hydrogen 

is comparatively less electropositive than alkali metals. 


- Difference in the physical state: Hydrogen exists as 2 
gaseous diatomic molecule (H,), whereas alkali metals are 
solids. Í 

- Ionic radii: The ionic radii of H® ion is much less 3 
compared to those of alkali metal ions. 


Due to its small size, H® does not exist freely and is always 
associated with other atoms or molecules, in aqueous 
solution, H ion exists as hydrated proton [H,O,]° in which 
four H,O molecules are tetrahedrally arranged around = 
H” ion. However, hydrated HÊ ion is generally written 3 
[H,0]® and is known as hydronium ion. 

Nature of oxides: Oxide of hydrogen, i.e. H,O is neutral. 
while those of alkali metals are basic. 


; Nature of halides: With halogens, hydrogen forms eae 
namely HF, HCl, HBr and HI which are low boiling cov 


compounds, whereas alkali metals form NaCl, NaBr, 
etc. which are high melting ionic solids. 


3.3.2 COMPARISON WITH HALOGENS 


3.3.2.1 Similarities Between Hydrogen and Halogen’ ; 
1. Electronic configuration: Hydrogen has one eS 
its valence shell and thus is short of one electron t0 ê e. 
the stable electronic configuration of next noble ae e R 
Similarly, halogens have seven electrons in their ¥ 


À 


re 


w 


PA] 


nN 


shell and thus are short of one electron to attain the stable 
electronic configuration of next noble gas. 


Electronegative character: Both hydrogen and halogens 
have a tendency to gain one electron to form hydride ion 
(H®) and halide ions (X®). 

H+e — H° 


(1s') (1s*) 
F + ee — F° 


(2s? 2p*) —— (2s” 2p) 


_ Ionisation enthalpy: They have comparable ionisation 


enthalpies. 
Oxidation state: Both exhibit an oxidation State of —1. 


e | ® o 
NaH~ NaCl” 


. Atomicity and non-metallic character: Both exist as 


diatomic molecules, e.g. | F,, Cl,, Br, and I,. Both 
hydrogen and halogens are typical non-metals. 


. Affinity for metals: Both combine with highly electropositive 


alkali and alkaline earth metals to form metallic hydrides 
and metallic halides, respectively. 


2Na + H, —>, 2NaH 
2Na + Cl, —> 2NaCl 


. Affinity for non-metals: Both react with non-metals such 


as C, Si, Ge, to form covalent compounds. 
With hydrogen: CH 4 SiH, GeH 
With halogen: CCl, SiC. 


4 
GeCl 4 


. Liberation at the anode: On electrolysis, fused alkali metal 


hydrides (e.g. LiH) liberate H, at the anode. Similarly, when 
fused alkali metal halide is electrolysed, halogen is liberated. 


At cathode At anode 


2LiH Electrolysis Wi re Ay, 
2LiC] Electrolysis Li 4 Chin 


This shows that hydrogen as well as halogens both have 
electronegative character. 


: Substitution or replacement reaction: Hydrogen can be 


replaced by halogen or vice versa in compounds such as 


hydrocarbons. This indicates the similar nature of hydrogen 
and halogens. 


Diffused 
OH CL, wala CH,CI + HCI 


CHCl + (Hy —SYHCL, CH, + HCI 


3.3 , 
ia Differences Between Hydrogen and Halogens 


Electronic configuration: Unlike halogens, hydrogen 
Contains only one proton and no neutron in its nucleus and 
only one electron in the extranuclear part. 

ature of oxides: Oxide of hydrogen (H,O) is neutral 
Whereas oxides of halogens are acidic (C1,0,). 


Pi 
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3. Electronegativity: Hydrogen has less tendency to gain 
electron and form uninegative ion H®, whereas halogens 
have strong tendency to form halide ions. 


3.3.2.3 Similarities Between Hydrogen and Carbon 


1. Electronic configuration: Outer shells of both hydrogen 
and carbon are half filled. 


2. Electronegativity: Both have similar values of 
electronegativity. On the other hand, the electronegativity of 
hydrogen differs from the alkali metals as well as halogens. 


3. Bad conductor of electricity: Hydrogen in the liquid 
state does not conduct electricity as its electrons are not 
sufficiently mobile. Similarly, carbon (except graphite) is a 
bad conductor of electricity. 


4. Formation of covalent compounds: Both hydrogen and 
carbon do not show any readiness to form positive ion or 
negative ion, rather they form covalent compounds. Normal 
covalency of hydrogen is one and that of carbon is four. 


3.3.3 UNIQUE POSITION OF HYDROGEN 


From the above discussion, it is clear that there are some 
resemblances in the properties of hydrogen with alkali metals and 
halogens, at the same time it differs from both of them in certain 
properties. Therefore, it is not justified to place hydrogen along 
with the elements of group 1, or group 17. In some of its properties, 
hydrogen resembles carbon. 


Mendeleev, in his periodic table, had placed hydrogen isolated 
from other elements due to its unique properties. In the long form 
of periodic table or Modern periodic table, hydrogen has been 
placed with group 1 elements to indicate its distinctive character. 


3.4 DIHYDROGEN (H,) 


3.4.1 OCCURRENCE 


Hydrogen is the most abundant element in the universe (70% of 
the universe’s total mass). The giant planets, namely Jupiter and 
Saturn consist mostly of hydrogen. About half the mass of the sun 
and some other stars is made up of hydrogen. It is the third most 
abundant element on the surface of the globe. In the combined 
form it constitutes 15.4% of the earth’s crust and the oceans. In 
the combined form besides water, it occurs in plant and animal 
tissues, carbohydrates, proteins, hydrides including hydrocarbons 
and other compounds. On the earth, hydrogen is the ninth element 
in order of abundance and forms 0.9% ofthe earth’s crust by 
weight. /n the crustal rocks, it is tenth in the order of abundance, 
i.e. ~0.15% by weight. 

Dihydrogen (H.,) is not found in our atmosphere, as H, molecules 
are very light and the earth does not possess gravitational pull to 


retain them. 


3.4.2 ISOTOPES OF HYDROGEN 
Naturally occurring hydrogen has three isotopes: 


fr" 


3.4.3 PREPARATION OF DIHYDROGEN (H,) 


1. Protium or ordinary hydrogen: H 
The main sources from which dihydrogen can be prepare F 
dre 


iti 3 water, acids and alkalis. 
3. Tritium: |H or T Metals which are more electropositive than hydrogen, disp 
H, gas from water. Place 
1. From water 
a. Water at ordinary or room temperature: May 
s  paZ having very low standard of reduction Potentials 8 


Lee a e alkali metals and certain alkaline earth metal, (Ca 


l 2 
2. Deuterium or heavy hydrogen: H or D 


4 nt ry y 
. 
. 


temperature, thus liberating dihydrogen gas, 


Tritium 
2Na + 2H,O —> 2NaOH + H,Î 

The three isotopes differ from an rue n hae of apie Ca +2H,0 Ca(OH), + H, 
Protium, deuterium and tritium have 0, 1 and 2 neutrons ın their l i E 
nucleus, respectively. The structure of these three isotopes of The f salen E alkali ae ay water is highly 
hydrogen in terms of number of proton, neutron and electron is vigorous and exothermic, and the 1, evolved catches 

wen an ig. 3.1 fire. To slow down the reaction, amalgams (alloy with 
ai =< mercury) of alkali metals are used. In the amalgams 


--le~. le ~. since a small area of alkali metal comes into contact 


- le- aoa Z 

ž 7 ‘N ý 2 - aN . z N À i ; 
r % H iA j * with water, hence the reaction slows down. 
I \ I \ I \ wus . 
i Lo i l b. Boiling water: Less active metals such as magnesium 
k Pi % Pi N g powder, zinc powder, aluminium powder etc. decompose 

XN F \ 7 7 eqe . 

aia es E T boiling water to liberate H, gas. 


Protium, H Deuterium, “1H or D Tritium, `H or T Mg + H,O —^> Mg(OH), + HT | 


A 
Fig. 3.1 Structure of isotopes of hydrogen Zn + H,O i Zn(OH), ii H,t 


As these three isotopes have same atomic number and electronic 2Al + 3H,O —> ALO, + ILT 
configuration, they have essentially the same chemical properties. c. Steam: Still less active metals such as iron. nickel, tin 
Certain chemical properties in which they differ are as follows : etc. decompose steam at high temperature. However 
1. Rates of reaction the reaction with iron is reversible. 
2. Equilibrium constants, for example H, is more easily 3Fe + 4H,O = Fe,O,+ 4H, | 
adsorbed than D, on activated charcoal. -~ 2. From acids: Metals such as zinc, iron, magnesium ĉtt- 
3. Reaction between H, and Cl, is more than 13 times faster which are more electropositive than hydrogen, i.e. lie above 
than between D, with CL, as the activation energy of H, is hydrogen in the electrochemical series, react with aie | 
much less than D,. mineral acids (dil H,SO, and dil HCl). 
4. Electrolysis of H,O occurs more rapidly as compared to Zn + H,SO, —> ZnSO, + H,t | 
D,O (heavy water). r ou 
The above-mentioned differences are due to the difference in ee ee l ; tc. which | 
the atomic mass of the isotopes. The differences in properties due hati ia ae oe a ees 1 b low 
l , , are less electropositive than hydrogen, 1.€. lie Det 
to the difference in mass are called isotope effects. hydrogen in the electrochemical series, do not react W! 
As the isotopes have different masses, there is considerable mineral acids. ; 
difference in their physical properties, since the percentage of 3. From alkalis: Metals such as beryllium, aluminium 
difference in mass between protium, deuterium and tritium is zinc, etc., react in hot solution of alkalis to liberate 2° 
greater than between the isotopes of any other element, the isotopes Be + 2NaOH —> Na,BeO, + H, 
of hydrogen show much greater difference in physical properties Sodium ee i 
than found between the isotopes of other elements. Al + NaOH —> Na, AIO, + 3H, 
The term dihydrogen is used for H, molecule, while referring o iaie 
to the isotopic mixture with natural abundance for H and D. For Sn + 2NaOH + H,O —> Na,SnO, + 2H, 
H,, the correct term is diprotium. | | Sodium siae 
Similarly, proton is used for HÊ and hydron is used in relation | Zn + 2NaOH —> Na,ZnO, + H, 
to the isotopic mixture. aap: ADS NSA E RE EE EES Sodium zincate 


A 


3.4.3 


4 Preparation of Pure Dihydrogen Gas 


pure dihydrogen (>99.95%) required for military purpose can be 


rodu 


1. 


ced on the spot as follows: 
By the action of water on LiH or NaH or CaH,,. 
LiH + H,O —> LiOH + H,Î 
Lithuim 
hydroxide 
NaH + H,O —> NaOH + H,Î 


Sodium 
hydroxide 


Cal. t 10 = Ca(OH), + HT 
Calcium 
hydroxide 


. Uyeno’s method: By heating Al shavings or scrap with 


NaOH or KOH solution. 
2Al + 2KOH + 2H,O —> 2KAIO, + 3H,7T 


. By the action of water on hydrone (an alloy of Na and Pb). 


2Na + 2H,O —> 2NaOH + H, 


. By treating powdered ferrosilicon (an alloy containing 90% 


Si and 10% Fe) with hot NaOH solution (20%). 
Si + 2NaOH + H,O —> Na,SiO, + 2H, 


. By the action of pure dil H,SO, on Mg ribbon. 


Mg + H,SO, —> MgSO, + H,Î 
(dil) 


. By electrolysis of warm solution of barium hydroxide, 


Ba(OH),, using platinum or nickel electrodes. 


3.4.3.2 Commercial Production or Manufacture of 


l. 


N 


. Lane’s process: By passing alt 


Dihydrogen 
By the electrolysis of water: A small amount of an acid, 
e.g. H,SO, or an alkali, e.g. NaOH (15-25%) is added to 
water and electrolysed in a cell in which iron sheet is used 
as a cathode and nickel-plated iron sheet is used as anode. 


Addition of an acid or an alkali to water makes water a 
good conductor of electricity. The anode and cathode are 
separated by a porous asbestos diaphragm, hence the mixing 
of dihydrogen and dioxygen is prevented. On electrolysis, 
dihydrogen is collected at anode, whereas dioxygen is 
liberated as a by-product at anode. 


H,O = H® + OH 

At cathode: H® + e” —> H 
H+H—>H,! 

At anode: 40H —> 40H + 4e? 


40H —> 2H,0 + 0,7 


Dihydrogen produced by this method is very high. This 7 the 
best method to produce dihydrogen, if electricity 1S € ap 
ernate currents of steam and 


j i i x 
water gas over red hot iron, dihydrogen 1s obtained. In oth 


words, this process consists of two steps: + into 
a. Oxidation: Superheated steam Is pr : 
vertical retorts packed with iron filings, maintal 
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1023-1073 K in a suitable furnace. Iron gets converted 
into its magnetic oxide, Fe,O, and H, is liberated. 


3Fe +4H,0 — EK; Fe,0, +4H,Î + 160.7 kJ 


b. Reduction: Iron is regenerated by reducing Fe,O, by 
any reducing gas. Water gas (CO + H,) is used in Lane’s 
process. 

Fe,0, + 4H, — > 3Fe + 4H,O 


Fe,0, + 4CO —> 3Fe + 4CO,7 


3. Bosch’s process (from water gas): The largest quantity of 


commercial H, gas is prepared from water gas. This method 
involves the following steps: 


a. Preparation of water gas: On passing steam through a 
mass of red hot coke or coal at 1273 K, in the presence 
of Ni as catalyst, water gas, i.e. a mixture of CO and H, 
is produced. 


1273 K 
——— 
Cs) + H,0@) Ni catalyst COG) + Hag) 


In earlier days, a 1:1 mixture of CO and H, was referred 
to as water gas, but nowadays, a mixture of CO and H, 
in any ratio is called synthesis gas or syngas. Since a 
mixture of CO and H, is used for synthesis of methanol 
and a number of hydrocarbons, it is known as syngas. 
The process by which syngas is produced from coke 
or coal is known as coal gasification. Syngas can 
also be produced from sewage, sawdust, scrap wood, 
newspapers etc. 


b. Separation of CO from water gas: As removal of CO 
from water gas is difficult, therefore to separate H, from 
water, CO is oxidised to CO,. This is done by mixing 
water gas with twice of its volume with steam at 673K 


in the presence of iron chromate, (FeCrO,) as catalyst. 
FeCrO, helps in oxidation of CO to CO,. 


H. +CO 40,0 —"=*4 60, + 9.7 
2 2 FeCrO4 2 2 


— vv’ 
Water gas Catalyst 


This reaction is known as water gas shift reaction. The 
mixture of CO, and H, is passed through water under a 
pressure of 25—30 atm, when CO, dissolves completely 
in water, 


CO, + H,O —> H,CO, 


while H, gas passes on and is collected. Traces of CO 
present in H, are removed by passing the gas at 200 atm 
through ammonical cuprous formate solution in which 
CO is soluble. 


4. Steam reforming of hydrocarbons: Dihydrogen gas on 


a massive industrial scale is nowadays prepared by steam 
reforming process. It involves reaction between steam 
and hydrocarbons from natural gas or petroleum at high 


t a 7 pressure in the presence of Ni Catalyst to 
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form CO and H,. Natural gas mainly consists of methane, 
CH 
p 


1270K 
+ 
CHacg) i H,0(¢) Ni catalyst C O +3H, t 
Steam Syn gas 
H, gas, thus obtained, is separated from syngas by Bosch’s 


process. 
5. Thermal cracking of natural gas: Dihydrogen gas can 
also be obtained by thermal cracking of natural gas. 


1270K ; 


C+2H, 
Catalyst 


CH, 
6. As a by-product: Large quantities of H, gas are obtained 
as a by-product in various industries. For example, 
Catalytic cracking of higher hydrocarbons in petroleum 
cracking plants. 
CHi, —? CoH + 4H,7 


n-Heptane Benzene 

b. In the manufacture of sodium hydroxide and chlorine 
using brine solution (refer to Chapter 4). 

7. Relative smaller quantities of H, gas (1-17 m° h`’) are 
obtained by passing a 1:1 molar mixture of vapourised 
methonol and water over a ‘base-metal chromite’ type 
catalyst at 673 K. The mixture of dihydrogen and carbon 
monoxide obtained is made to react with steam to give CO, 
and more dihydrogen. 


673K 
CHOH =n CO + 2H, 


673K 
CO + H,O Camber” CO, T H, 


Steam 


3.4.4 PROPERTIES OF DIHYDROGEN (H,) 


3.4.4.1 Physical Properties 
1. Dihydrogen is a colourless, odourless, combustible and 
tasteless gas. 
2. Itis lighter than air. At NTP, 1 L of H, weighs 0.0899 g. Its 
density is ~ 1/14th of that of air. | 
3. It is almost insoluble in water due to its non-polar nature. 
4. It can be liquefied under low temperature and high pressure. 
Some common physical properties of dihydrogen (H,) are given 
along with those of dideuterium (D,) and ditritium (T,). 


3.4.4.2 Chemical Properties 

Dihydrogen is not very reactive under normal conditions. This is 
largely due to its high bond dissociation enthalpy. For H, to react 
with any other element compound, breaking of H-H bond to produce 
hydrogen atoms is required. This requires 435.9 kJ mol, which is 
the highest for a single bond between two atoms of any element. 


Harg) i 2H g) A = 435.9 kJ mol! 
Dihydrogen ppa 


Thus H, molecule is quite stable and relatively inert under 
normal conditions due to its high bond dissociation enthalpy. 


Consequently, many reactions are slow or require high teno, 
or catalysts. ature 
However, at high temperature, in an electric arc or tg 

(ultra-violet) light, H, does dissociate to produce atomic hy the 

As the electronic configuration of atomic hydrogen is 1 ithe 
one electron to complete its orbital, and thus is quite reactive fy 
atomic hydrogen produced exists for less than half a second ‘ 
then it recombines to give dihydrogen and large amount o Fhe 


Some of the important chemical properties of dihydrogen a, 
ę 


as follows: 


1. Reaction with dioxygen: It burns in air or dioxygen with | 


pale blue flame forming water. In this process, large am sig | 
of heat is liberated. H, gas is higly combustible but a nop. 


supporter of combustion. 

2H, + O, —> 2H,0 AH? =~ 485 kJ mor" 
This is used in oxy-hydrogen flame for welding and Cutting 
metals, as temperature of almost 3000°C can be attained 
Care should be taken while handling these gases, since the 
mixture of H, and O, close to 2:1 ratio is often explosive. 


2. Reaction with metals: Dihydrogen reacts with higly 
electropositive metals such as lithium, sodium and calcium 
to give ionic (or salt-like) hydrides. .. (refer to section 3.6.1), 


3. Reaction with non-metals: Dihydrogen reacts with many 
non-metals at high temperature or in the presence of catalyst 
to give covalent or molecular hydrides. 


a. With halogen: H, combines with halogens (X,) to fom 
halogen hydracids. 
Hy) + X29 — 2HX,,) (X =F, CL, Br. D) 
The reactivity of halogens towards dihydrogen is 
F, > Cl, > Br, > L 
Thus, fluorine (F,) reacts instantly even in dark wit 
explosive voilence, Cl, reacts at room tempertaure 2 
the presence of sunlight or at 670 K or above. Br, reac 
with H, on heating while I, reacts with H, on heating 
in the presence of a catalyst. 


Hyo + Fxg, — > 2HF o 


2(g) — -2(g) 


Hydrogen fluoride 
Diffused oHCI 


sunlight 
Hydrogen chloride 


Hare + Chee) 


670K 
Hag + Bre ~ 2HBr o 


Hydrogen bromide 


T > 2H 
Hydrogen iodide jel 
b. With nitrogen (N,): H, combines with N; ¥" j 
high pressure, in the presence of iron as catalyst 
molybdenum as promoter. 
2 
AHS = 92.6 k 


Hag) + 1 


This reaction is used to manufacture ammonia, 
Haber’s process. 


NH; by 


| 
| 


— Ò 
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4. 


nm 


c. With carbon: H, combines with carbon at 1420 K to 
form methane in small quantities, 


2H,+C 2S CH, 


Methane 


d. With sulphur, selenium and tellurium: H, forms 
respective hydrides on heating from 470 to 670K. 


Hag) + So — HS io 


Reducing agent: Dihydrogen acts as strong reducing 
agent and reduces metal oxides and ions to metal. When 
dihydrogen gas is passed over heated metallic oxides, it 
removes oxygen from them and combines with it to form 
water. The process of removal of oxygen froma compound 
is called reduction, while the substances, e.g. H 


>» Which 
bring about reduction are called reducing agents. 


CuO +H, —™ Cu+H,0 
ZnO +H, ——> Zn+H,O 


The oxides of strongly electropositive metals such as alkali 
and alkaline earth metals are not reduced by this method. 


Metal ions in aqueous solution are also reduced by 
dihydrogen. 


® ® 
Cu (aq) = Hore) —? Cu) + 2H 


(aq) 


. Hydrogenation: In the presence of finely divided nickel, 


dihydrogen acts as good reducing agent. H, combines with 
unsaturated organic compounds, e.g. alkenes and alkynes 


and converts them into alkanes in the presence ofa catalyst. 


i P Ni or Pd or Pt 
HC=CH+H, -Šmitos HC = CH) ce 
473 K 
Acetylene Ethylene 
HC — CH, 
Ethane 


Dihydrogen finds use in many industrial processes such as 
hydrogenation of unsaturated organic compounds in the 
presence of homogeneous and heterogeneous catalysis. The 
examples are as follows : 


Hydroformylation of olefins: 


ofa) CHO 
RCH = CH, +CO +H, _ [CCO] > RCH,CH) 


Aldehyde 
Olefins 


Olefins react with carbon monoxide and anyenere oe 
presence of [Co(CO),], catalyst poer sae alana 
and pressure to form aldehyde. This e on a parts 
as hydroformylation or oxo-process. The a aise 
obtained undergoes further reduction and gives 


RCH,CH,CHO + H, > RCH,CH,CH20" 
Aldehyde Algol: 


3.4.5 USES OF DIHYDROGEN 
The uses of dihydrogen are as follows: 


onia (NH3) 

1. In chemical industries, to synthesise nae ie of 

by Haber’s process, which is eae a ammonium 
fertilisers, urea, ammonium sulphate, calciu 


nitrate (CAN) etc. 


2. 


In the manufacture of bulk organic chemicals, particulary 
methanol. 

CO(g + Hr) + Hag, — CHOH o) 

— 


Water gas Methanol 


. In the manufacture of vanaspati ghee by the hydrogenation 


of polyunsaturated vegetable oils such as coconut oil, 
cottonseeds, soyabean etc. 


. In the manufacture of metal hydrides. 
. In metallurgy, to produce pure metals from their oxides. 
. As a fuel in rockets (liquid hydrogen mixed with liquid 


oxygen) and guided missiles. 


. In the manufacture of hydrogen chloride, a highly useful 


chemical. 


. In atomic hydrogen (produces temperature~400 K) and 


oxy-hydrogen torches (produces temperature in the range of 


2270-2770 K) for cutting and welding purpose, for melting 
platinum and quartz. 


. In fuel cells to generate electrical energy. H, is better fuel 


than conventional fossil fuels and electric power as: 
a. It does not produce any pollution. 


b. It releases greater energy per unit mass of fuel as 
compared to other fuels. 


Comment on the reactions of dihydrogen with (a) chlorine, (b) 
sodium and (c) copper (II) oxide. 


a. 


Dihydrogen reduces chlorine into chloride (C1°) ion and 
itself gets oxidised to H® ion by chlorine to form hydrogen 
chloride. An electron pair is shared between H and Cl leading 
to the formation of a covalent molecule. 


Hag + Chig —> 2HC1,) 


Hydrogen chlonde 
Dihydrogen is reduced by sodium to form NaH. An electron 
is transferred from Na to H leading to the formation of an 
ionic compound, Na®H° 


- 9 
Hg) + 2Na p —> 2NaH,,, 


Sodium hydride 


- Dihydrogen reduces copper (II) oxide to copper in zero 


oxidation state and itself gets oxidised to H,O, which is a 
covalent molecule. 


Haig + CuO —> Cu + Op 


i. 


Would you expect the hydrides of N, O and F to have lower 


boiling points than the hydrides of their subsequent group 
members? Give reason, 


b. Can phosphorous with outer electronic configuration 3s? 3p? 


C. 


form PH,? 


How many hydrogen-bonded water molecule(s) are 


„associated with CuSO,-5H,0? 


eS ae 
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g b. Sodium hydride, NaH, is an electrovalent com 


a. On the basis of molecular masses of NH,, H,O and HF, their 


ted to be lower than those of the 

r hydrides. However, due to higher 
electronegativity of N, O and F, the magnitude of aie 
bonding in their hydrides will be quite ater I ee 
the boiling points of NH3, H,O and HF will pe higher than 
the hydride of their subsequent group nee | 

b. Although phosphorous exhibits +3 and +5 oxidation states, 
it cannot form PH.. Besides some other considerations, hi gh 
AH value of dihydrogen and A, gl value of hydrogen do 
ot favour to exhibit the highest oxidation state of P and 
consequently the formation of PH.: 

c. Copper sulphate, CuSO,-5H,O can be represented as 
[Cu(H,0),]°* SO;~- H,O 
Only one water molecule, which is present outside the 
coordination sphere, i.e. square bracket is hydrogen bonded. 
The other four water molecules are bonded to Cu” by 
coordinate bond. 


a. Which isotope of hydrogen is used as a tracer in organic 
reactions? . 

b. Concentrated H,SO, cannot be used for drying H,. Why? 

c. The electrolysis of water for manufacturing H, gas is always 
carried out in the presence of acid (H,SO,) or alkali (KOH), 
yet no SO ie or K® are discharged. Why? 


a. Hydrogen has three isotopes: protium or hydrogen, T 
deuterium ÊH or D) and tritium CH or T). Due to the 
difference in masses, the rate constants of these isotopes 
with the same substrate are different. In other words both 
D and T show isotope effect. Since T is not only radioactive 
but is also least abundant hydrogen isotope, therefore D is 
used as a tracer to study the mechanism of organic reactions. 


boiling points are expec 
subsequent group membe 


b. Conc H,SO, on absorbing water (H,O) from moist H, 
produces so much heat that H, catches fire. 


c. Sulphate and potassium ions are not discharged as the 
discharge potential of sor ion is much higher than OH 
ion and the discharge potential of K® ion is much higher 
than HË ion. 


a. A solution of ferric chloride acidified with HC! is unaffected 
when hydrogen is bubbled through it, but gets reduced when 
zinc is added to acidified solution. Explain, 

b. When sodium hydride in fused state is electrolysed, 
hydrogen is discharged at the anode. Explain. 


a. Molecular hydrogen is not so reactive as nascent hydrogen. 
Zinc reacts with the acid to produce nascent hydrogen which 
reduces ferric chloride into ferrous chloride. 


Poung : 
which hydrogen is present as an anion, H®. On el und i, 


it is discharged at anode. “ttrolys 
NaH = Na? + HO 
At cathode: Na? + e° —> Na 
At anode: H? — H + e° 
2H —> H,Î 


In the laboratory, for the preparation of dihydrogen Bas from 
granular zinc, conc H,SO,, conc HCI and HNO, cannot be use 
Why? Which is the most suitable acid? 


Sol. For the prepartion of dihydrogen gas from granular Zine 
conc H,SO,, conc HC] and HNO, cannot be used due to: 
a. A part of conc H,SO, reacts with H, and gets reduced to 
sulphur dioxide, SO, 


H,SO, + H, —> 2H,0 + SO,7 
conc 


b. When conc HCI! is used, dihydrogen liberated by the action 
of conc HCI on granular zinc will be impure as it contains 
fumes of volatile HCl. Moreover, ZnCl, formed is insoluble 
in conc HCI. It forms a coating on granular zine and tte 
reaction stops after sometime. 


Zn + 2HCl —> ZnCl, + H,Î 


HNO, acts both as an acid and as an oxidising agent Is 
nascent hydrogen first formed reduces the nitric acid 1 
various oxides. 


2HNO, + 2H —> 2NO, + 2H,O 
2HNO, + 6H —> 2NO + 4H,O 


The most suitable acid is dilute H,SO,. 


3.5 VARIOUS FORMS OF HYDROGEN 
3.5.1 NASCENT HYDROGEN 
à . yale 

When H, gas is bubbled through acidified potassium permanz!™ 
KMnO,, colour is not discharged. But on addition of gail 
pieces to the above solution, tiny bubbles of hydrogen a j 

è x `n sill 
to rise and KMnO, gets decolourised. Hydrogen produced. ins | 
in the second case is more active than molecular hydreg*"™ 
and is known as nascent hydrogen (newly born). 
Zn + H,SO, i} ZnSO, t 2H 


Nascent 
hydrogen 


2KMnO, + 3H,SO, + 10H —> K,SO, + 2MnSO, + aH" 
v’ ' ` . J i i w 
Similarly, lerric chloride (yellow) gets decolourised oe 
addition of zine pieces and hydrochloric acid. This iS ai ti! 
reduction of ferric chloride to ferrous chloride (faint gree" m 
by nascent hydrogen. 
Zn + 2HCI——+ ZnCl, + 2H 
FeCl, + H—> FeCl, + HCI 


F 


p. ~ 
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Nascent hydrogen can also be prepared by the 
e action of water on sodium amalgam 
Na + H,O —> NaOH + H 
e action of NaOH on Zn or Al 
Zn + 2NaOH —> Na, ZnO, + 2H 


Sodium 
zincate 


It is believed that a part of energy liberated in the reaction 
producing hydrogen becomes associated with hydrogen molecules 
and this makes them hyperactive. 


3.5.2 ADSORBED OR OCCLUDED HYDROGEN 
Graham (1867) found that one volume of red hot palladium on 
cooling adsorb 975 volume of hydrogen. The gas thus adsorbed by 
the metal is given off when the metal is heated, especially under 
reduced pressure. This phenomenon was named as occlusion or 
adsorption by Graham. The gas so adsorbed by the metal is called 
occluded or adsorbed hydrogen. Some other metals such as Pt, Au, 
Fe, Ni, etc. also exhibit this phenomenon. 

Occluded hydrogen is more active and a stronger reducing agent 
than ordinary hydrogen. Recently, it is believed that occluded 


hydrogen gives an interstitial compound in which hydrogen 
occupies the holes in the crystal lattice of the metal. 


3.5.3 ATOMIC HYDROGEN 


Langmuir (1922) showed that when molecular hydrogen in contact 
with tungsten or platinum wire was heated by an electric current 
at low pressure, it gets dissociated into atomic hydrogen. This 1s 
an endothermic process and requires +104.5 kcal mol. 


H, —> H + H-104.5 kcal mol” 


Molecular “i; 
hydrogen oe 
ydrogen 


The atomic hydrogen thus produced was found to be more 
reactive than ordinary, nascent and adsorbed hydrogen. 

The life period of atomic hydrogen is only 1/3rd of a second, 
but under certain circumstances can be extended to 10 seconds. 


Atomic hydrogen being extremely unstable quickelpsenmibinies 
to give molecular hydrogen. Metals such as Pt, Pd etc. accelerate 
this recombination. 


H+H = H,+ 104.5 kcal mol | 
This exothermic reaction is used in atomic hydrogen welding 
torch, which is employed for the welding of cracked metals such 
as Mn, Cr, W etc. 
In atomic hydrogen welding torch, when H, is passed through 
an electric arc struck between two tungsten electrodes, the H, 
molecule adsorbs heat and dissociates to give active hydrogen. 


H, Heat 2H 


Just beyond the arc, active hydrogen recombines to form and 
Evolve the heat which they have previously adsorbed. 
2H —> H, + Heat 


The heat thus generated and the heat of burning hydrogen 
Creates a high temperature (~5000°C) and this is used for welding 


the cracked metals and for melting some of the most refractory 
materials such as W, Ta, ThO, etc. 


3.5.4 ORTHO- AND PARA-HYDROGEN 
(SPIN ISOMERS) 
The hydrogen molecule exists in two different forms: (a) ortho- 


hydrogen and (b) para-hydrogen. These are known as nuclear 
spin isomers. 


When the nucleus of an atom contains an odd number of 
‘nucleons, the nucleus has a resultant spin. If two such atoms 
combine to form a diatomic molecule, the nuclei may have 
their spins parallel or antiparallel. This is known as nuclear 
spin isomerism. The molecule in which the two nuclei have 
parallel spins are called the ortho-isomer and the molecule with 
antiparallel nuclear spins is called para-form. Both the forms 
exist in a temperature-dependent tautomeric equilibrium. Such 
nuclear spins have been established for H,, D,, T,, ISN, 0 etc. 


When two hydrogen atoms combine to form dihydrogen 
molecule, the two electrons always spin in the opposite direction 
or otherwise the molecule will not be stable according to Pauli’s 
exclusion principle. 


H(t)+ HW) —> H ÎN H orH-H or H, 


The spins of the protons (nuclei) may however either be in the 
same direction (parallel) or in the opposite direction (antiparallel). 
When the spins of the nuclei are in the same direction, dihydrogen 
is called ortho-hydrogen and when the spins are in opposite 


direction, dihydrogen is called para-hydrogen. The two forms of 
dihydrogen are shown in Fig. 3.2. 


OO 


Ortho-hydrogen 


Para-hydrogen 


Fig. 3.2 Ortho- and para-hydrogen 


The resultant nuclear spins are as follows: 


1 1 
1. Ortho-hydrogen: ae Po l; triplet state 
1 l : 
2. Para-hydrogen: +> — > =0; singlet state 


It may be noted that the two electrons in the ortho as well as 
para hydrogen always spin in the opposite direction, otherwise it 
will not be possible to get stable hydrogen molecule. 
Differences between ortho- and para-hydrogen are as follows: 

1, Internal energy: Para-form has lower internal energy 
than ortho-form. This difference is due to the fact that 
in ortho-hydrogen, the spins of the two protons being in 
same direction, increase the molecular energy of ortho- 
form. The resultant spin of ortho-hydrogen molecule is 
1 (one). Whereas, in para-hydrogen, the spins of the two 
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protons in opposite direction, cancel each other and thus 
make the resultant spin as zero. This neutralisation of spins 
decreases the molecular energy of para-hydrogen. Hence 


the internal energy of para-hydrogen is lower than that of 


ortho-hydrogen. 
2. Stability: Ortho-form is more stable than para-form and 
hence the para-form has a tendency to change to the ortho- 


form. 

3. Effect of temperature on the relative proportions of 
the ortho- and para-hydrogen in ordinary hydrogen: 
The relative proportion of ortho- and para-hydrogen, i.e. 
ortho-para ratio in the ordinary hydrogen depends on the 
temperature. At absolute zero, molecular hydrogen consists 
only of para-form, i.e. para:ortho form = 1:0, as para-form 
has lower internal energy. 

With the increase in temperature, the proportion of ortho- 
form increases and that of para-form decreases. At the 
temperature of liquefaction of air, the ratio of para- and 
ortho-form is 1:1, while at room temperature and even at 
elevated temperatures, this ratio is 1:3, as given in Table 3.2. 


= = É 3 3 
aR Š e Nq Es eee E 
: pe a 5 ee ee ee 


At absolute zero 


At liquefaction of air 
| temperature 


At room temperature 
| 
_and at elevated 


temperature 


4. Physical properties: Nuclear spin isomerism does not 
effectively influence the bond between the atoms and hence 
the chemical properties of ortho- and para-hydrogen (or 
any other element) are alike (both the forms have same 
covalent bonding). The physical properties of ortho- and 
para-hydrogen are not significantly affected by nuclear spin 
isomerism. 

However some of the notable differences are: 


a. The thermal conducting of para-hydrogen is 50% greater 
than that of ortho-hydrogen. 
b. The melting point of para-hydrogen is 0.15 K below 
that of hydrogen containing 75% ortho-H). 
Para-hydrogen is usually prepared by passing a mixture of ortho 
and para through a tube packed with charcoal cooled to liquid air 
temperature. Para-hydrogen, thus prepared can be kept for weeks 
at room temperature in a glass vessel, as the ortho-para conversion 
is slow in the absence of catalysts. Some examples of catalysts 
are atomic hydrogen, activated charcoal, metals such as Fe, Ni, 
Pt and W and paramagnetic species or ions such as O,, NO, NO,, 
Co”* and Cr,O,. i i 
Preparation of pure para-hydrogen: At room temperature, 
ordinary dihydrogen contains 75% of ortho-hydrogen and 25% 
of para-hydrogen. As the temperature is lowered, the percentage 


‘of ortho-hydrogen in the mixture decreases while that of 


hydrogen increases and at ~20 K, it is pure para-hydrogen as 
contrast, when a sample of ordinary hydrogen is heated tọ | 
400 K or above, the ratio of ortho- and para-hydrogen to be thi 
the same (3:1). Thus, it is possible to obtain pure para-hyqy, ai 
but it is not possible to obtain pure ortho-hydrogen. Sen 
Conversion of para-hydrogen into ortho-hydrogen. 
i. By heating para-hydrogen to 800°C or above, 
ii. By passing an electric discharge through para-H,,. 
iii. By treatment of para-H, by catalysts such as Pt, Ni, Fe, W | 
O, NO, CO, Cr,03. É 
iv. By mixing para-H, with paramagnetic molecules such a | 
O, (oxygen), etc. 
v. By mixing para-H, with atomic hydrogen: Gelb and Hertecy 
have shown that when atomic hydrogen collides wit, 
para-H,; conversion to ortho-H, form takes place. 


3.6 HYDRIDES 


Hydrides can be defined as the binary compounds of the element 
with hydrogen. Hydrogen forms binary hydrides of the type MH 
or M„ H, with: | 

1. All main group elements except the noble gases and probably 
indium and thallium. 

2. All lanthanoids and actinoids. 

3. Transition metals—Sc, Y. La, Ac. Zr. Hf and to a lesser 
extent V, Nb, Ta, Cr, Cu and Zn. Palladium hydride has been 
extensively studied. 

The type of hydride which an element forms depends upon ts 
electronegativity and hence on the type of the bond formed. Based 
on the physical and chemical properties, the hydrides have been 
classified as follows: 

1. Ionic or salt-like or saline hydrides 

2. Covalent or molecular hydrides 

3. Metallic or interstitial hydrides 


3.6.1 IONIC OR SALT-LIKE OR SALINE HYDRIDES 
lonic hydrides are formed by group | (alkali metals) and beas ie 
group 2 metals (Ca, Sr and Ba), Le. the most electropesitive elemen 


lonic hydrides are formed by elements with an electronegaa! 


value appreciably lower than that of hydrogen, Le. 2. es 
{~ and 


hydrogen to attract an electron from the metal and form » 
These are formed by heating the elements in hydrogen atmosphe™ 
at high temperature (595-973 K). . 

Properties: Some important properties of tonic hydrides af i 


follows: 7 
T oIa eplids hav! € 
1. These compounds are colourless, co stallite solids 
high melting point. i 
, . ` 2 > etal * 
2. These are formed by transfer of electron from att 
è . E ; ay C 
hydrogen atom and thus are tonic 1N nature. They 
hydride ion, H . Evidence that they are ionic are. wis 
. tcl and Dig 
a. Molten LiH (mpt 691°C) conducts electricity ance a 
- S 
liberated at the anode, thus confirming the pre 


hydride ion, H . 


a \ 
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At anode: 2 H= —> Haig) + 2e° 


we 


A 


n 


nN 


, Ionic hydrides have high heat of formation and are al 


At cathode: Na? + e€ —;, Nay 


p. The other ionic hydrides, except LiH are sufficiently 
unstable and decompose much before 


their melting 
point. When they are dissolved in melt of alkali metal 


halides (e.g. CaH, dissolve in an eutectic mixture 
of LiCl/KCl) and melt is electrolysed then H gas is 
liberated at the anode. i 


c. Crystal structures of these hydrides show no evidence 


of directional bonding. Alkali metal hydrides have NaC] 
crystal structure. 


, Density of ionic hydride is higher than that of metal from 


which it is formed. This is due to the fact that the H° ; 


ions 
occupy the holes in the lattice of the metal, without distorting 
the metal lattice. 


ways 
stoichiometric. 


. Thermal stability of alkali metal hydrides decreases down 


the group (|). This is due to decrease in lattice enthalpy 
LiH > NaH > KH > RbH >CsH, 


of these hydrides with increase in size of metal cation from 
LP to Cs®. 

Similarly, the thermal stability of alkaline earth metal 
hydrides decreases down the group (1). 

CaH, > SrH, > BaH, 


. Alkali metal hydrides are more reactive than corresponding 


alkaline earth metal hydrides because of large size of cation 
and less charge, e.g. KH is more reactive than CaH,. Down 
the group ($) reactivity increases due to decrease in stability. 


. Effect of heat: Except LiH, ionic hydrides decompose into 


their constituent elements on strong heating (400-500°C). 
The dihydrogen produced is highly inflammable, i.e. ignites 
spontaneously, thus ionic hydrides are used as solid fuels. 


CaH, “> Ca+H, 


- Reaction with protonic solvents: Ionic hydrides are 


unstable in protonic solvents (e.g. H,O, NH, C,H,OH 
etc.). They react with the protonic solvent and liberate H, 
gas. Thus they act as strong bases. 


LiH( + H,O) —> LiOHag + H, 
Cay.) + 2H,O0 g) —> Ca(OH) aq) + 7 Arie) 
NaH + NH, p —> NaNH aq) + Ho) 


LIH + CHOH —> Li(OCzHs)iaq) + Hoy) 


` Reducing agents: Ionic hydrides act as strong reducing 


agent, especially at high temperatures. 


LiH + CO, —ĉ > HCOOLi 


Lithium formate 


NaH + 2CO —^> HCOONa + C 


Sodium formate 


SiC + 4NaH A y SiH, + 4NaCl 


Monosilane 


PbSO, + 2CaH, —> PbS + 2Ca(OH), 


Lead 
sulphide 
. Ether sai oza 
4LiH + AICI -e >? LiAlH, + 3L1Cl 
Lithuim 
aluminium 
hydride 


Ionic hydrides are used to prepare important reducing agents 
such as LiAlH,, NaBH,, which are used in both inorganic 
and organic synthesis (synthetic chemistry). 


4NaH + B(OCH,), —> NaBH, + 3NaOCH, 


However, the reactivity of ionic hydrides towards water, 
(H,O) limits their usefulness as reducing agents in aqueous 
medium. 


3.6.2 COVALENT OR MOLECULAR HYDRIDES 
Covalent hydrides are mainly formed by p-block elements ( except 
noble gases) and some s-block elements (Be and Mg). This is 
because these elements have high electronegativity and thus the 
electronegativity difference between these elements and hydrogen 
will be small. 

General formula: XH, for s-block elements 

XH, or XH, _,, for p-block elements 
(where n is the group number in the periodic 
table to which ‘X’ belongs) 

These hydrides usually consist of discrete covalent molecules, 
which are held together by weak van der Waals forces of attraction 
and hence are called covalent or molecular hydrides. 

Nomenclature: The systematic names of the molecular hydrides 
are usually derived from the name of the element and the suffix 
‘ane’, as in phosphane for PH, oxidane for H,O, ozone for NH.. 
However, common names such as phosphine, water and ammonia 
have been used for such a long time in chemistry that scientists 
are generally reluctant to adopt their systematic names. 

Classification of hydrides: Molecular or covalent hydrides are 
further classified according to the relative number of electrons and 
bonds in their Lewis structures as: 

1. Electron-deficient molecular hydrides: These hydrides 
have too few electrons as required to write their 
conventional Lewis structure. In other words, they do 
not have sufficient number of electrons to form normal 
covalent bonds and hence are called electron-deficient 
compounds. They generally exist in polymeric forms. For 
example, hydrides of group 13 elements [BH B H 
(AIH,),, ete.]. 

2. Electron precise or electron exact molecular hydrides: 
They have as many number of electrons as required to write 
their conventional Lewis structures. In other words, they 
have exact number of electrons required to form normal 
covalent bonds and hence are called electron precise or 
electron exact molecular hydrides, for example hydrides of 
group 14 elements. All these molecules are tetrahedral. 
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i i AL,C, + 12HC] —> 3CH, + 4AICl, 


3. Electron-rich molecular hydrides: These hydrides have 
more electrons than required to write their conventional 
Lewis structures. In other words, they have more electrons 
than required to form normal covalent bonds and hence 
are called electron-rich hydrides. Hydrides of group 15, 16 
and 17 form electron-rich molecular hydrides. The excess 
electrons in these hydrides are present as lone pair of 
electrons. Hydrides of group 15, 16 and 17 have one, two and 
three lone pair of electrons on highly electronegative O, N 
and F atoms which result in the formation of intermolecular 
hydrogen bonds (H-bonds). Consequently, these hydrides 
exist as associated molecules. 


N p ` \yyd+ 
Nos \ 
Ss 
Hs, Ò+ 


s a 


N \ By Sx 
‘ 


As a result, hydrides of first element of group 15, 16 and 17 
have abnormally high boiling points as compared to the boiling 
points of the hydrides of the rest of element of each group. 


Group 


238.5 185.5 210.6 254.6 


H,Se H,Te 


b pt. W 231 270.8 
17 bpt. (K) |2924 188.0 205.9 237.5 


Preparation: Covalent hydrides are prepared by a variety of 
synthetic methods: 

L. By direct action, a few covalent hydrides can be made by the 
direct reaction between the element and dihydrogen, e.g. 
N, + 3H, —> 3NH, (Haber’s process) 
2H, + O, —> 2H,0 (Spark-explosive) 
H, + CL —> 2HCI (Burn preparation of pure HCI) 
Elements which react with dihydrogen directly are 13 to 17 
group elements, 

. By action of acids, on suitable binary compounds. 
Ca,P, + 3H,SO, —> 2PH, + 3CaSO, 
Calcium 
phosphide 
FeS + H,SO,—— H,S + FeSO, 
Ferrous 
sulphide 
2Mg,N, + 6H,SO,—— 6MgSO, + 4NH, 


Magnesium 
nitride 


N 


3.6.3 METALLIC OR INTERSTITIAL HYDRIDES 
d-block elements of groups 3, 4, 5 (Sc, Ti, V, 
Ta, Ac, etc.), 10, 11, 12 (Pb, Cu, Zn, ete) and fblock 
(Ce, Eu, Yb, Th, U etc.) on heating with H, under pressure 
hydrides. In group 6, Cr atom forms the hydride, Cri. 


parent metal and hence are known as metallic hydri 


N 


Aluminium | 
carbide 
3Mg,B, + 4H, PO, —— B,H,, + 2 Mg, (PO) , 
Magnesium Tetraborane-10 4), H, 
boride 
3. By reduction of halide with lithium aluminium | 
LiAlH, ina dry solvent such as ether. tig, 
4 BCI, + 3LiAIH, —~> 2B,H, + 3AIc] aes 
A IC] 
SiC, + LiAIH, — 7> SiH, + AICI, + Lic] 
Silane 
SnCl, + LiAIH, —"> SnH, + LiCl + Alc, 
same 


4. By reaction of an oxoacid with NaBH, in aqueous Solut 
On 
4H,AsO, + 3NaBH, —— 4AsH, + 3H,BO, + 3NaQH 
5. By converting one hydride into another by Pyrolysis, 


BH siy B,H, + other products 


Properties: Some of the important properties of covalent hydride 
are as follows: 


1. These hydrides consist of discrete covalent molecules te; 
together by weak van der Waals forces and in some cas 
by hydrogen bonds. As a result, these hydrides are gasas. 
liquids and in some cases solids having low melting ai 
boiling points. 

2. In general, these hydrides are volatile in nature and do w 
conduct electricity. 

3. Hydrides of group 13 are electron deficient and hence behs? 
as Lewis acids. 

B,H, + 2NH, —> 2[H,B <—NH,] 

4. Hydrides of group 15, 16 and 17 are electron rich and bent: 
behave as Lewis bases. 

5. The lighter elements of group 14, 15 and 16 form pol” 
nuclear hydrides in which two or more atoms of the S™ 
element are linked together. This property of self link: 
of atoms is called catenation and carbon has maxit™” 
tendency for catenation. 

6. Some hydrides act as reducing agents. 
4AgNO, + SiH, —> 4Ag + Si +4HNO, 


V, Y, Zr, Nb, L La 
cn 


n fact 
The metals of groups 7, 8 and 9 do not form hydrides: me 
the region of the periodic table from group 7 to 9 is © 4 
as the hydride gap. 


These hydrides generally have properties similar ee stl 
1ae 


was thought that in these hydrides, h 

in size occupy some Interstitial Sites 
roducing distortion without any change 

ae hydrides are also known as interstitial hydride 

recent studies have shown that except for hydrides o 

nd Ac, other hydrides have lattice different from the 
These hydrides are prepared by adsorbing hydr 

at appropriate temperatures by metal. The compos 

hydrides may not correspond to simple w 

and therefore, they are known as non-stoic 

Their composition varies with tempera 

This shows that hydrogen atoms occupy s 

interstitial sites in the metallic lattice. T 

af the metallic hydrides is variable. Som 

of metallic hydrides are ScH,, YH 

Some examples of non-stoichiometric 

ZH, 3.1.75: VHo 56° LaH, g; etc. 

Properties: 

1. These hydrides have properties si 
i.e. they are hard, conduct electri 
and have magnetic properties. 

. Metallic hydrides are less dense than 
they are prepared. This is because ofc 
due to inclusion of HL. Distortion of crystal structure makes 
the hydride brittle. Thus, when a metallic hydride is formed, 
solid piece of metal turns into finely powered hydride. 

- In many cases, the metallic hydrides formed are non- 

stoichiometric, e.g. LaH, g7, YbH, 55 etc: In such compounds 
law of constant composition does not hold good. 

. These interstitial hydrides may also be regarded as either 
alloys or interstitial solid solution of hydrogen in metals. 
‘These hydrides on heating decompose and release 
hydrogen and a very finely divided metal and act as strong 
reducing agent. Finely divided metal can act as catalyst. 
The catalysts are thought to be effective by sahara 
H atom rather than H, molecules. It is not certain oi er o 
hydrogen is present in interstitial sites as atoms of hydrogen, 
or as HÊ ions with delocalised electrons. — 

+ In interstitial hydride, metals have strong pen ee ie 
large volume of hydrogen on their surface. pe ae The 
adsorption of a gas by a metal is known as ne ee niie 

amount of hydrogen occluded is dependen 
and physical state of metal, i.e. 
Colloidal palladium > Palladium ry and interesting in 
© Pd/ H, system is both eee in H,, it adsorbs 
the Way, that when red hot Pd wha lume of H, or D, 
or occludes about 935 times its own ee ». the occluded 
ftom He and other gases. But, on vidios can be used 
Ydrogen is liberated. Thus interstitial hY tn ential for 
as hydrogen storage media. This ene for vehicles. 
Ydrogen Storage and as a aes < three main categories 
esides the above-mentioned hydrides, Ilic, some hydr ides, 
fhydrides, i.e. ionic, covalent and metallic, 


y ides 
y i drides and complex hydride 
es Own as pol meric h 

are al. p : 


ydrogen atom being small 
in the Meta] lattice thus 
In the metal itself. Hence 


f Ni, Pd, Ce 
Parent metal. 
Ogen directly 
ition of these 
hole number ratio 
hiometric hydrides. 
ture and pressure, 
ome and not all the 
hus the composition 
e important examples 
T YH, LaH,, LaH,. 


hydrides are TIA g 


milar to those of metals, 
city, have metallic lustre 


~ 


the metal from which 
Tystal lattice expansion 


ta 
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Polymeric hy 


elements havi 
1.4-2 0. They 


drides: These are formed by the 
ng electronegativity in the range 
consist of monomer molecules held 
© or three dimensions by hydrogen 
Sare polymeric in nature. Some common 
are (BeH,),, (AIH,),, (InH,),, (SiH,),, etc. 
amorphous solids and stable up to 525 K. Above 
perature, they begin to evolve hydrogen gas. 
Complex hydrides: These hydrides contain hydride 
ion (H”) coordinated to met 

formed by transition as wella 


Group 13 elements are the most important non-transition 
elements, which form complex hydrides. Some common 
examples are LiAlH, (lithium aluminium hydride), 


NaBH, (sodium borohydride), etc. They are generally 
very good reducing agents. 


examples 
They are 
this tem 


al atoms/ions. These are 
s non-transition elements. 


3.7 WATER 


Water is one of the most common, abundant and important 
substances known to man. Almost three-fourths of the earth’s 
surface is covered with water. The distribution of water over 
the earth’s surface is non-uniform. A major part of all living 
organisms is made up of water. Human body contains about 
65% and some plants contain as much as 95% water. It is a very 
important compound for the survival of all living forms. It has 
great importance to a chemist because of its ability to dissolve large 
number of substances. Consequently, water serves as a medium, in 
which large number of chemical reaction occurs. It can be easily 
transformed from liquid to solid and to gaseous state. The term ice 
and steam are used to describe solid and gaseous state respectively. 

Structure and aggregation of water molecules: In water 
molecule, the two H-atoms are bonded to O-atom by two covalent 
bonds [Fig. 3.3(a)]. The O-atom in H,O is sp° hybridised. Fach 
of the covalent bonds is formed by the axial overlap of ls-orbital 
of H-atom and sp" hybrid orbital of O-atom. 


H H 
(a) (b) 


Olu NS g g 


(c) (d) 


cture, (b) Structure of H,0 in gas phase, 
y 3.3 (a) ar alci Le (d) Resultant dipole moment of 
(c) Polar natur water molecule 


atom in H,O is sp? hybridized, the shape of H,O 
i be tetrahedral and <HOH bond angle should be 


Since the O- 
molecule shoul 
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109.4°. But the H,O water has been found to be a bent molecule 
be explained as 


with ZHOH bond angle as 104.5°. This can 


follows: 


According to Valence Shell Electron Pair Repulsion (VSEPR) 


theory, l 
Lone pair-lone pair repulsion > lone pair — 
> bond pair — bond pair repulsion. 

As a result, ZHOH bond angle 
1,0 exists as 


bond pair repulsion 


in H,O gets reduced to 104.5°. 


In the gaseous state I discrete molecule, as shown 1n 
as > ote ` 


Fig. 3.3(b). 
Oxygen is m 
(eletronegativity 


ore electronegative as compared to hydrogen 
of O and H are 3.5 and 2.1 respectively). Hence 
the shared pair of electrons in O-H bond is shifted more towards 
O-atom. thereby partial negative charge (5—) is developed on 
O-atom and partial positive charge (5+) is developed on H-atom, 
hence H,O is a polar molecule [Fig. 3.3(c)]. Since the two 
dipoles are inclined to each other at an angle of 104.5°, the bond 
moments of two O-H bond causes the molecule to behave as 
permanent electrical dipole. The dipole moment of water molecule 
(Fig. 3.3(d)] has been found to be 1.84 D and this confirms its 


polar nature. 
In gaseous state, the individual covalent molecule of H,O exists 


as such. 

In liquid state, large aggregates of H,O units are formed because 
of their aSsociation through intermolecular hydrogen bonds as 
shown in Fig. 3.4. The extent of association, however, depends 
upon the temperature and pressure. 

| | 


l 
H H H 
| | | 
. Or _O Ko) P 
# \ He’ rd ry 
Fig. 3.4 


Experimental studies suggest that liquid water consists 
of aggregates of varying number of water molecules held 
together by intermolecular hydrogen bonds and free 
water molecule in dynamic 
equilibrium with the aggregates 
continuously forming, 
collapsing and reforming. 

Solid state of water, i.e. ice 
is the crystalline form of water. 
In ice, each O-atom of H,O 
molecule is covalently bonded 
(bond length 100 pm) to two 
H-atoms of its own molecules 
and with two H-atoms of the 
neighbouring H,O molecules by 
H-bonds (bond length 76 pm). 
This type of bonding between F 
O-atom and four H-atoms gives 

a tetrahedral structure to ice 


[Fig 3.5(a)]. 


(a) 
Fig. 3.5 (a) Structure of tetra- 
hedral unit in ice 


H’ 


/ H 
vel O 
Pavan. 
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(b) 
Fig. 3.5 (b) Open cage structure of ice 


This gives highly ordered three dimensional structure havin, 
vacant spaces, which may be compared to open cage and hen 
ice can be said to have open cage structure [Fig. 3.5(b)], Ope 
cage structure of ice can explain many of the properties of wale 
which are as follows: 

1. Density of ice is less than water: Open cage-like strucy,. 
of ice has vacant space in it. The presence of vacant spac. 
gives a large volume to a given mass of ice. When the i: 
melts, some of the H-bonds in the cage-like structure ofi 
are broken to some extent and water molecules come clos: 
to each other. This results in decrease in volume in the lian: 
state and increase in density. Thus, liquid water (at 0°C Ios 
greater density than ice, this implies that ice is lighter ta 
water. 

2. Ice floats on water: Due to open-cage structure. ice 1 

a relatively larger mass for a given mass of liquid waz 


~ 
Fanar 


Consequently, density of ice is less than water and ice 1025 
on water. 

3. Density of water is maximum at 4°C or 277 K: W? 
the increase in temperature of liquid water at 273K“ 
0°C), density of water also increases. This is dè “ 
breaking of H-bonds causing aggregates of H,O mo 
to move together resulting in the decrease in volume 
thereby increase in density. This continues till 277 6 
(or 4°C). Above 277 K (i.e. 4°C), along with the bres” 
of H-bonds, kinetic energy of H,O molecules alse ine 
and hence H,O molecules move away from each other, '* 
the volume increases. The increase in volume resul l 
decrease in density. Thus, the density of water Is maxim” 
at 277 K (i.e. 4°C). 

This property of maximum density of water at 277 Kis io 

for the survival of aquatic animals during winter months ar 

when the upper layer of the seawater freezes, the frozen wales 

not sink to bottom but keeps floating at the surface due © ai i 

density. This provides thermal insulation to the water a 
It is very interesting to note that nine different crystallir? ot 

of ice have been found to exist under different prese™ i ‘oe bY 

Each one has different melting point. At one bar pressu? f do 

normal hexagonal form. However, at low temperature it | 


cubic form. 


7.1 PROPERTIES OF WATER 
li 8 


TE, physical Properties 
7.1. 


į. Water is colourless, tasteless and odourless. 
: it gives bluish tinge in thick layers. 


met nusual properties of the water in the condensed phases 

. „id and solid state) are due to the presence of extensive 

aie bonding between water molecules. Some of the 
h pa physical properties are as follows: 

i’ The abnormally high freezing point, boiling point, heat of 

l vapourisation and heat of fusion (compared to the hydrides 

of other elements of the same group of the periodic table, 


e.g. H,S, H, Te) are due to hydrogen bonding between H,O 
molecule. 


2. Water has a high specific heat, thermal conductivity and 
surface tension than most other liquids. These properties 
allow water to play a vital role in the biosphere. For example, 
the high heat of vapourisation and high heat capacity of 


water are responsible for moderation of the climate and 
body temperature of living organisms. 


ww 


. Water because of its high dielectric constant (78.38) has the 
ability to dissolve most of the inorganic (ionic) compounds 
and hence is regarded as universal solvent. Whereas, the 
ionic compounds are soluble due to ion-dipole interaction, 
covalent compounds such as alcohol amines, glucose, urea, 
Sugar, etc. dissolve in water, due to the tendency of these 
molecules to form hydrogen bonds with water. 


Water is an excellent solvent for transportation of ions and 
molecules needed for plant and animal metabolism. 


3.7.1.2 Chemical Properties 


l. Stability: Water is quite stable at ordinary temperatures, 
. O- 
due to its high negative enthalpy of formation, AH? = 


-285.9 kJ mol !. But water decomposes into its elements 
at very high temperature. 


= 
2H,0 = 2H, + O, A,H = 486.2 kJ mol 


However, the extent of decomposition is not very high. Water 
also decomposes into its constituent elements on passing 


electricity through it, in the presence of small amount of 
acid as alkali. 


2H,0,) Electric current 2H + O 


2(g) 2(g) 
(At cathode) (At anode) 


Amphoteric character: Water has the ability to behave 


nap " eric 
both as an acid and a base, i.e. it behaves as an amphot 
| Substance. 


oT a ee + little 
Water is a weak electrolyte, 1.e. it ionises to a pia 
| extent to give hydronium ion, H,O® and hydroxy! ion, 


“trical 
OH. Consequently, pure water has very low electrica 
i conductivity., 


p 
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® O 
(1) = Hy Otag) + OH ag) 
Acid, 


Base? Acid, Base, 
K,=1% 107 mol? L” at 298 K 


In the Bronsted sense, water acts as an acid with NH 


3 and 
a base with HS. 


© 
- = 1® 
HOi) + NH raa) = NH gag) + OH (aq) 
Acid, Base, Acid, Base, 
D 1O) 
H,O) $ HS (ag) -—> H,0 (aq) + HS (aq) 
Acid, Base, Acid, Base, 


In general, water can behave as an acid towards bases 
stronger than it and as a base towards acids stron ger than it. 


The auto-protolysis, i.e. self-ionisation may be represented 
as 


a +e C 
HOn + Nhan = NH®,.. + OH 


4(aq) (aq) 
Acid, Base, Acid, Base, 
(acid) (base) (conjugate (conjugate 


acid) base) 
Redox reaction: Water behaves both as an oxidising agent 
and a reducing agent. 


a. As an oxidising agent: Water reacts with a number of 


active metals, whose electrode potential is less than 
— 0.83 V, thus liberating H, gas. 


© = 
2H,0,) + 2e° —> 20H + Hy; E =-083V 
2Na + 2H,Op —> 2NaOH + H,,,, 
Reducing Oxidising 
agent agent 


or or 

redutcant oxidant 

Ca.) + 2H,0,) —> Ca(OH) ag) + Horg) 
It is decomposed by metals such as Zn, Mg, Fe, etc.. 
when steam is passed over hot metals. 


Zn + H,O —> ZnO + H, 

3Fe + 4H,O —> Fe,0, + 4H, 

Mg + 2H,O —>» Mg(OH), + H, 

Pb and Cu decompose water only at a white heat. Ag, 
Au, Hg and Pt metals do not decompose water. 


When steam is passed over red hot coke (L000°C), water 
gas is formed. 


C+H,O0—> CO+H, 


—_e_— 
Water gas 
In all these reactions, water act 


as an oxidising agent 
and itself ge 


ts reduced to dihydrogen gas. 
AS a reducing agent: 
electronegative e 
potential is highe 
and trioxygen. 


le ® ) >) 
Org) * 4H ag 4e? —> 2H,0,, E=4+123y 


® (©) 
2F 36) + 2H,0,, —>, Or) + 4H (aq) + 4F al 


a i, 


b. Water reacts with highly 
lements like tluorine, whose electrode 
r than +1.23 V, thus liberating dioxygen 
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) © D 
SF akg) T 3H,0¢) Ozio) ij OF ag) + 6H (aq) 


In the above reactions, H,O behaves as a reducing agent 
and itself gets oxidised to O, or O}. 
4. Hydrolytic reaction: Water with a high dielectric constant 
has a strong solvating character. It acts as an excellent 
solvent. Because of the great affinity for oxygen, hydrolysis 
of ionic as well as covalent compound occurs in water. In 
these reactions, H® and OH ions of water interact with the 
anions and cations of the compound respectively, leading 
to the formation of an acid or base or both. Water can 
hydrolyse: 
a. Metallic oxides: Metallic or basic oxides react with 
water to form alkalis. 
Na,0,,, + H Op) —> 2NaOH, 4a) 
CaO y + H,O —> Ca(OH) a) 
b. Non-metallic oxides: Non-metallic or basic oxides react 
with water to form acids. 
CO.) + HO) = HCO; fao) 
Carbonic acid 
N,0; + H,O —> 2HNO, 
Nitric acid 
P30 io) + 3H,0,) —> 4H3PO 4744) 
Phosphoric acid 
SO zian) + H,0,) —> H SO; ao) 
Sulphurous acid 
S03) + H-O) —> HSO 44) 
Sulphuric acid 
C105, + HO) —> 2HCIO4,,) 
Perchloric acid 
c. Hydrides: Water decomposes hydrides to liberate 
dihydrogen gas, e.g. 
CaH,,.) + 2H,0,) —> Ca(OH) ao) + 2H) 
d. Carbides: Water decomposes carbides to liberate 
methane or acetylene, e.g. 
AL,Cy) + 12H30) —> 4Al(OH) (49) + 3CH zep) 
Methane 
CaCy.) + 2,0) — Ca(OH) ag + CHa 
Acetylene 
e. Nitrides: Water decomposes nitrides to liberate 
ammonia (NH,), e.g. 


Mg3N.,,) + 6H,0,, — > 3Mg(OH Jaq) + 2NH,(,) 
AIN p + 3H,O — AOH) ag + NH ep) 
Ca,Ny)+ 6H,0O,. —> 3Ca(OH) (44) + 2NH,,) 

f. Phosphides: Water decomposes phosphides to liberate 


phosphine (PH), e.g. 
CaP a.) + 6H,0y) —> 3Ca(OH) 9 (44) + 2PH,(,) 
C ‘alcium Phosphine 


phosphide 


g. Salts: 
AICI.) + 6H,0;, —> [Al(H,0) 3+ 


5. Hydrate formation: Water combines with man 
during crystallisation to form hydrates, for ia 
CuSO,-5H,O. The water present in the hydrates j mp 
water of crystallisation and the salts are called hydr 


(aq) + 3C 


Na,CO,,.) + 2H,O — 2Na0OH + H,Co (aq) 


3 
Hydrolysis of Na,CO,(sodium carbonat 


strong base, NaOH and weak acid, H Prod, 
aqueous solution of Na,CO, is alkaline i o Hey, 
CuSO,,) + 2H,0() = Cu(OH),(aq) + HS0 re, 
Hydrolysis of CuSO, produces a weak ia 
and strong acid, H,SO,, hence aqueous sie, H, 
CuSO, is acidic is nature. lony 


A A Lad 


Calle 
ated sah 


or simply hydrates. There are three main type of hydrate 


a. 


Coordinated water: Water molecules are coordina 
to the central metal ion to form complex ion, eg 
[Ni (0H,)]” (NOP), 
[Fe (OH,);]* 3C1° | 
[Cr (OH,),}**- 3C1° 

Hydrogen bonded water: Compounds in Which wa 
molecule may be hydrogen bonded to oxygen contain: 
anions, e.g. in CuSO,-5H,O, four H,O molecules x 
present as coordinate water as they form coordine 
bond with central Cu” ion and the fifth water mole 

is linked to sulphate ion, SO; by hydrogen bond Fere 
CuSO,-5H,O may be represented as [Cu(H.0)," 
SOř- H,O. 

Similarly, FeSO,-7H,O (green vitriol), ZnS0,;5E? 
(white vitriol) may be represented as 

[Fe(H,0),]°* SO,- H,O and [Zn(H,0),}” S0;"#! 


c. Interstitial water: Water molecule(s) is (are) pe% 


in certain compounds as interstitial water iè ' 
occupies interstitial sites or intersticies. For example? 
BaCl,-2H,0, the two water molecules occupy the ¥"* 
in the crystal lattice. 


6. As a catalyst: Perfectly dry gases generally do net = 
but the presence of moisture brings the chemical i ei 
Ammonia (NH,) and hydrochloric gas (HCI) combi: . 
in the presence of water, and hence water acts as a ca" 
in such reactions. | 


7. Tests of H,O: 


a. 


, ~ copt” 
A drop of water when added to anhydrous et 
Sulphate changes its colour from white to blue.“ D 
formation of hydrated copper sulphate, Custa” 
which is blue in colour 
CuSO, + SH,O —>» CuSO,-5H,O 
Anhydrous Blue d Bil: 
Water reacts with calcium carbide, CaC,, Si rne 
to evolve acetylene which burns with bright 
CaC, + H,O —> Ca(OH), + HC = CH) 


Calcium Acetylene 
carbide 


R B8 -A R 


~v D. id 


Whereas water with Be,C and A] 4C, gives CH gas and 
3 4 n 


with Mg,C, gives propyne gas. 
Be,C + 4H,0 —> 2Be(OH),,, + CHy l 
B 
ALC, * 12H,O0 —> AAOH) a +3CH, 
io (g 


Mg,C; w 4H,O 2Mg(Oh), + CH, -C= CH 
i (8) 


3,7.2 HARD AND SOFT WaTER 


water which produces lather with soap is called soft water and 
wich does not produce lather with soap is called hard water 
Hardness 1s due to the presence of bicarbona 


5 te, l ny 
sulphates of Ca and Mg. chlorides, and 
` 


M?” + 2C 17H; COONa — (C,,H,;CO0),M + 2Na® 


M= Ca”. Mg”") Sodium stearate 


(soap) 
3 2+: i 
Ca? or Mg* ions present in hard water react with soap to form 
a precipitate of Ca and Mg salts of fatty acids and hence no lather 
is produced. 


3,7.2.1 Type of Hardness 


Temporary hardness or carbonate hardness is due to the presence 
of soluble Ca(HCO,), and Mg(HCO,), and permanent or non- 
carbonate hardness is due to the presence of CaCl,, MgCl,, CaSO, 
and MgSO,. The process of removal of Ca?” or Mg” ion is called 
softening of water. 


3.7.2.2 Removal of Hardness of Water 
Removal of temporary hardness: 
1. By boiling: 
M(HCO,), —> MCO,v + H,O + CO, 


(M = Ca or Mg) Insoluble, 
settles down 


2. Clark’s method: 


Ca(HCO,), + Ca(OH), —> 2CaCO,4 + 2H,O 
Insoluble 


Me(HCO,), + Ca(OH), —> 
a ; MgCO; 4 + CaCO, ¥ + H,O 


Insoluble 
Removal of permanent hardness: 

l. By washing soda: (Na,CO,-10H,0) 
M** + CO? —> MCO, 

2. Ton exchange method (Inorganic € 
Fig. 3.6; permutit method): Permu 
Zeolite, chemically it is sodium aluminium 
Na,ALSi,O,-xH,O or (NaAISiO,3H,0) 


’ ee ait „D 
ZNaAISiO, + Ca2* —> (AISiO,),Ca + 2Na 
or 


ation exchangers, 
tit is an artificial 


ortho silicates, 


Na,Z + MCI, = MZ + amet} ‘um zeolite) 
Sodi 2+ 2+ Calcium or magnesiul s- 
zoum (Ca or Mg” ) ( 


[Z = AL Si O; xH,0] 
The exhausted resin is regenerated by 
of NaC]. 


passing 10% solution 
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Exhauste 
a Sted 
resin Regenerated 
sin 


EF NaCl solution 


m 


Waste 


Fig. 3.6 Permutit method for water softening 


3. Organic ion exchanger (Fig. 3.7): These are complex 


organic molecules having big molecules with either 
acidic group (—SO,H or —COOH) or basic group (OH 
or NH,) attached to them. Cation exchangers are capable 


of exchanging H® ions for cations and are represented 


2) : 5 
by H”-resin, whereas the anion exchangers are capable 
(S 


of exchanging OH or NH, ions for other anions and are 
represented as Okres: 

Reactions in cation exchanger: 

M?* + 2(H® -resin) —> M(resin), + 2H? 

(Ca?* or Mg**) 

Reactions in anion exchanger: 


(©) 7 3} 
CI° + (OH -resin) —> (Cl° -resin) + OH 
© > 
SO; + 2(OH -resin) —> [SO} (resin),] + 20H 


2H® + 20H —>2H,0 

The water obtained by this method is free from all types of 
cations and anions and known as deionised or demineralised 
water. 

Regeneration of resins: 

Ca(resin), + 2HCl —> CaCl, + XH? -resin) 


Exhausted resin Regenerated resin 


(Cl -resin) + NaOH —> NaCl + (OH -resin) 


Regenerated resin 


Hard 7 —— 
water > B) i 


dil HCI or 
l LS( \ for 


_ dil NaOH for 
regeneration 


regeneration 
Cation peers lit poe t Anon 
exchange | Feros -ZEEE exchange 
ee eee a) ieee ae resin 
Gravel> SNA Sas eta te Gravel 
ee 
> 
Waste Waste Soft water 


Fig. 3.7- Ion exchange process involving organic resins 
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3.20 Inorganic Chemistry 
3.7.2.3 Internal Treatment of Hardness by Calgon From the formula | 


Process (Sequestration) 


In this process, Ca** and Mg” ions present in hard water are 
rendered ineffective (sequestrated) by treatment with sodium 
polymetaphosphate (NaPO,)., where x is as high as 100, or 
more commonly with sodium hexametaphosphate (NaPO,), or 
Na, [Na,(PO,),]. Its trade name is calgon (which means calcium 
gone.) 

When calgon is added to hard water, the Ca?™ and Mg% ions 
present in it combine with (NaPO,), to form a soluble complex 
of Ca and Mg salts. 


2MCI, + Na,[Na,(PO,),] — Na,[M,(PO,),] + 4NaCl 


(M = Ca or Mg) 


(M = Ca or Mg) 
(Complex salt soluble) 


(From hard water) 

The complex Ca and Mg ions do not form any precipitate with 
soap and hence readily produce lather with soap solution. 

Hard water is unsuitable for laundry, washing and dyeing. 
It is also harmful for steam boilers. Over a period of time the 
inner surface of the boiler gets crusted with the so called “boiler 
scale” which is largely CaSO,, CaCO, and MgOCI (magnesium 
oxychloride). The deposition reduces the efficiency of the boiler 
and also damages it. It is therefore necessary to render the water 
soft before it can be used. 


3.7.2.4 Units and Degree of Hardness of Water in Terms 
of parts per million (ppm) 

Concentration of solute (in ppm) = mass of solute in gram in 

10° mL solution. It is used in determining the hardness of water 


due to the presence of bicarbonates (temporary hardness), chlorides 
and sulphates (permanent hardness) of calcium and magnesium. 


The degree of hardness is defined as the number of parts of 
CaCO, or equivalent to other Ca and Mg salts present in a million 
(10°) parts of water. 


= 100 120 
EW (CaCO,) = -> = 50; EW (MgSO,) = —- = 60 


11] 
EW (CaCl) = "= 55.5 


This means 50 g of CaCO, = 60 g of MgSO, 
= 55.5 g of CaCl, 


Examples: 
1. Degree of hardness in a water sample containing 222 ppm 


of CaCl, 
55.5 g CaCl,= 50 g of CaCO, 
Z 
222 g CaCl, = 2A 22 _ 200 pom 


2. Degree of hardness in a water sample containing 36 mg of 
MgSO, per kg of water 
10° mL or 10° g H,O contains MgSO, = 36 mg 
10° g H,O contains MgSO, = 36 x 10° mg = 36 g 


| mol of MgSO,= 1 mol of CaCO, 
120 g of MgSO,= 100 g of CaCO, 


100 x 36 


36 g of MgSO,= 7) = 308 of CaCo, 


Degree of hardness = 30 ppm 


Hardness in terms of CaCO, equivalents 
The reason of expressing hardness as CaCO, equivalen 
to the fact that its molecular mass is 40 + 12 + 48 = 
equivalent weight = 50) and it is the most insoluble salt 
be precipitated in water treatment. 

Equivalent of CaCO, 


ts jg dy 
100 (y 
that Car 


Mass of hardness producing substance 
B x Chemical equivalent of CaCO, 
Chemical equivalent of hardness producing substance 


7 Mass of hardness producing substance x 50 
Chemical equivalent of hardness producing substance 


For example, the molecular mass of Ca(HCO,), is 162 and tha 
of CaCO, is 100. So, CaCO,:Ca(HCO,), = 100 : 162. The chemici 
equivalent of Ca(HCO,), is 162/2 = 81. In other words, 162 pars 
by mass of Ca(HCO,), or 2 equivalent react with same amours 
as 100 parts by mass of CaCO, of 2 equivalent. The Ca(HC0.. 
expressed as CaCO, equivalent can be written as: 


100 
162 x —— = 100 equivalent of CaCO, factor 


162 

Similarly, 
CaSO,:CaCO, = 136:100 100/136 
CaCl,:CaCO, = 111:100 100/111 
MgCl,:CaCO, = 95:100 100/95 
MgSO,:CaCO, = 120:100 100/120 
MgCO,:CaCO, = 84:100 100/84 


CaCl,, MgCl,, MgSO, and MgCoO,, are 50, 68, §5.5,47.9. 
42, respectively. 
_ l part of hardness 


] ppm 
Ep 10° parts of water 


l, 

_ A sample of hard water contains 1 mg CaCl, and 1 m$ A 

_ per litre, Calculate the hardness of water in terms © 
present in per 10° parts of water. m 
a. 2.5 ppm b. 1.95 ppm ¢,2.15 ppm d. 199 PF 


b. Molecular weight of CaCl, = 111.0 g 
MW of CaCO, = 100 g 
MW of MgCl, = 95.0 g 


ad 


— 


+ NaCO} —> CaCO, + 2NaCl ~~ 


< caCl, . 
| j Cl + Na,CO; —> MgCO, + 2NaC] 
| 111.0 g CaCl, = 100 g CaCO, 
|i 
| 


00 
= — mg CaCO, = 
1 mg CaCl, = 111 8 3 50.9 mg Caco, 


95.0 g MgCl, = 100 g Caco, 
i > 


100 
ve MgCl, = D mg CaCO, = 1.05 mg Caco, 


_ (0.9 + 1.05) x 10g x 199 
10° mL 


Hardn 
mL 


= 1.95: pom 


ater sample is found to contain 96 ppm of SO me 

A" fHCO® with Ca?* ion as the only cation. 
calculate the ppm of Ca?” in water. 

| 4 Calculate the mol of CaO required to remo 


and 122 


ve HCO® ion 


from 1000 kg of the water. 
, Calculate the concentration of Ca2* in ppm remaining in 
water after adding CaO. 
| 1050S Ca FSO @ 
| CalHCO,),= Ca?” + 2HCOS fii) 


i 96 ppm of SO,” = 96 g SO,” in 10° mL H,O 
(MW of SO, = 96 g) 


= æ mol of SO,”/10° mL H,O 
| = 1 mol of SO,77/10° mL H,O 
= 1 mol of Ca**/10° mL H,O 
iL 122 ppm of HCO,°= 122 g HCO,° in 10° mL H,O 
(MW of HCOL = 61 g) 
122 = 2 mol of HCO,” 
61 
1. 0 mol of Ca”* 
Since 1 mol of Ca(HCO,), = 2 mol of HCO] 
"al Ca? = 1 41 = mol of Ca” = 80 g in 10° mL H,O 


b, . ore 
ea “a(HCO,), — 2caco, + H,0 --{iii) 
l mol 2 mol 
be = 2 mol HCO,” in 10° g H,O - 
g °fHCO,° is present in 10° mL (= 10° g) = 1000 kg 


THO. 


Pro ; . 
tio 1 mol of CaO is required to remove 2 mol 


t Ton), Present in 1000 kg of H,O. 
Otal Ca?+ 


Q2 already present = 2 mol 
| 


“moved in Eq. (iii) = 1 mol 
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= 124 mol = 40 g = 40 ppm 

clear that HCO, ions are removed as 
ions are left in the solution. 


Thus Ca2+ (left) =2 
From Ea. (iii), it is 


Hardness Of water is 200 
Caco, in the water is 


& 2% 10°N, 2x 10-64 
 4* 10°N,2« 10-3 
€. Hardness is Weight in 

or = 10° g of H,O 
MW (CaCO, ) = 100 g mol! 


ppm. The normality and molarity of 


b. 4x 10? N,2 x 107M 
d.4x10'N,2«10'M 


grams of CaCO, in 10° mL of H,O 
(- dH,O=1) 


T W, x 1000 
MW x Volume of solution in mL 
_ 200x1000 
100x108 
N=n x M=2x2x103=4 x 193N 


=2x10 M 


Hence, the correct option is (c). 


A sample of hard water contains 122 ppm of HCO,- ions. 
What is the 


minimum weight of CaO required to remove ions 
completely from 1 kg of such water sample? 


a. 56 mg b. 112mg ¢. 168 mg d. 244 mg 
a. [MW (HCO,°) = 61 g, MW (CaO) = 56 g] 
Temporary hardness is due to the HCO, of Ca** and Mg? 


and is removed by either boiling or by treating with CaO 
or Ca(OH), (Clark’s method). 


Ca(HCO,), + CaO —— 2CaCO, + H,O 
mmo 


~) 
1 mmol 2 mmol 
122 ppm of HCO,” = 122 g HCO," in 10° mL or 10°. 

= 122 mg HCO,° in 1.0L 


=2 mmol in 1.0L 
According to Eq. (i), 
2 mmol of Ca(HCO,), =2 mmol of CaO in LOL 
1 mmol of Ca(HCO,), = 1 mmol of CaO in 1.0 L 

= | x 56 = 56 mg of CaO 

= 56 mg of CaO in 1.0 L 

= 56 mg of CaO in | kg of H,O 
(1 Lof H,0 = I kg of H,O, = d H,O = 1) 


Hence, the correct option is (a). 


bA 


3.22 Inorganic Chemistry 
aqueous solution regardless of pH and th f 
oa : rá 
iustRation a10 H, In° which is red in colour. US the ion Showy h 
100 mL samples of distilled water, tap water and boiled water i 
required, respectively, 2 mL, 17 mL and 7 mL of soap solution OH OH 
to form permanent lather. The ratio of permanent to temporary NO 9s TE 
hardness in the tap water is i @ 
a. 3:2 b28 . «12 d. 2:1 @) 
=R 
NO, : ! 
Tap H,O Boiled H,O Eriocrhome Black-T (EBT) 
H,O (Temporary | (Only permanent a J l 
(No + permanent hardness; H, In n HIn?- u, n 
hardness, | | dn temporary a Blue Yellowish 
lather z hardness is iiia 
factor) moved The colour at different pH given by EBT are: 
by boiling) Below pH 5.5 —Red 
Volume Between pH range 7-1 1—Blue 
of soap Above pH 11.5—Yellowish orange 
solution 17 mL 7 mL pH range 7-11, when metallic salts are 
e j added, th 
required the indicator changes from blue to red. At the end e H | 3. 
Volu | titration, the indicator will be set free and colour chan : nu ii 
of soap | from wine red to blue. ge will be 
effectively E Soloch | A 
ae X isa 1 2= 5E ; c yone dark blue or calcon: This is also sometimes, © 
called eriochrome blue black-R. It is sodium-1-(2-hydro a EI 
eee naphthylazo)-2- A. 7 xy-l- 
(Temporary and pinnien l : y o)-2-naphthol 4 sulphonate. This has two ionisab| 2 
ess) in tap H,O = 15 mL phenolic hydrogen atoms with stepwise pK, EL by 
j Permanent hardenss in boiled H.O = 5 mL respectively. This is also used j oe ew A 
i) 2 R as an indicator in EDTA titrati a 
T. ; 2+ . in A titrati € 
| emporary hardness in H,O = 15 — 5 = 10 mL s of Ca” ions in the presence of Mg”* ions. This is suitable onl a | 
Permanent hardness _ 5 pH = 12.3 (obtained with diethylamine buffer: 5 mL 1000 mL: 
Temporary hardness 10 > 122 eines in order to avoid the interference of Mg” ions. The 
our change is from pink to pure blue. 3, 


Hence, answer is (c). 


3.7.2.5 Esti i f Mg? Pa EDTA Titration — ONL 
À stimation of Mg** and Ca** lons by EDTA Titrati N=N SO?Na 
Mg and Ca” io | r 
Mie: -lons can be detected and estimated in hard wate i 
y titrating with the disodium salt of dihydrated EDTA © © l 
l 
b a 


N a 
aOOC DEN Ps CH,COOH Calcon p 
St 
HOOC—H, om Tha CH,COONa 2 eee Solution: Disodium dihydrogen ethylene 
H ate dihydrate is used as a primary standard. k 


=a 


owever, man i 
y samples contain moisture, which is difficult t0 


(MW = 372.25 g mol!) at pH = 10 using (NH,OH + NH,C\I) remove thr 
ough drying. In such cases, the solution is standardised 


patter using azo dye called erigghrome black-T or solochrome against standard zinc 

ack indicator. The end point is given by change in colour The molecular we; “a 2 eam solution. 

from wine red to pure blue. Since the action of the indicator and at 80°C, it can DAN edie saltis 372.25 andafter drys | 

formation of metal EDTA complex is governed by pH, pH of the O għed out accurately. 

solution is kept constant by adding suitable buffer. ne. o l Aa m ? | 

Eriochrome black-T: It is sodium (1-hydroxy-2-naphthylazo)- i 2 je a . CH) C—:08 

6-nitro-2-napthol-4-sulphonate. It is also known as solochrome HO—C—H,c~ H3—CH,— NO 6 | 

black or WDFA. In strong acidic solution, eriochrome black-T | CH,—c—Q9™ 
product and metal complexes O I | 


(EBT) polymerises to a red-brown 
usually red in colour. It is a tripre 
H, In. The proton of sulphonic acı 


Disodium salt of EDTA (Na,H,EDTA) 


otic acid and represented as 
[Complexation of EDTA with Ca” and Mp2" stig) | 


d group remains ionised in 


| 
| 


HEDTAY +M” —> 
M= Ca?” and Mg’™^ 


For simplicity, it is represented as 
HY™ +M” —+ MY~ + 2H® 


3.7.2.6 Determination of Ca?* and Mg% present 
together in hard water 

Asolution having both Ca°* and Mg” ions in the sample is titrated 

using eriochrome black-T (solochrome black-T) indicator with 

EDTA solution at pH = 10, and this titre value gives the total Ca?” 

and Mg” ions present in the sample. The pH = 10 is maintained 

by adding buffer solution of NH,C1 and NH,OH. 


The colour of the solution changes from wine red to blue at the 
end point. 


l mL of 0.1 M EDTA = 2.4 mg of Mg 
l mL of 0.1 M EDTA = 0.4 mg of Ca 


3.7.2.7 Determination of Ca** and Mg” ions separately 
in hard water 

In an equal amount of sample containing Ca?* and Mg”" ions, 
calcon or HHSNNA is used as an indicator and titrated with 
EDTA, which gives the titre value of Ca?" ions in the presence 
of Mg” ions. The Mg” ions are precipitated as Mg(OH), by 
adding suitable amount of NaOH or KOH. The solution after 
Precipitation of Mg?” ions as Mg(OH), is stirred and then titrated 
With standard EDTA untill the colour changes from pink to blue 
(in case of calcon) and from wine red to purplish blue (in case of 
HHSNNA) indicator. E 

For example, let the volume of 0.1 M EDTA inthe determination 
ofboth Ca?* and Mg” ions be X mL and with Ca?" ions only (using 
calcon indicator) be Y mL. Na 

Now subtract the EDTA volume required for the pe f ions only 

°m the volume required for the total Ca?” and ME Aos, The 
difference of volume of EDTA is equivalent to Mg“ ions in the 


woy 
— Then, mg of Ca2* = 0.4 x Y and mg of Mg = (X— Y) 
4. 


‘ 2+ 
Second method for the determination of Ca 
mn Present in hard water using calcon as indicator a 
: š . . . . icator W1 
© Solution having Ca2* ion is titrated using calcon indica 
7A at higher pH = 12, by using 2 mL of 1 M NaOH or KOH. 
© colour change at the end point is from pink to pure blue. 
of 0.1 M EDTA = 0.4 mg of Ca. 
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3.7.2.8 Determination of the total hardness of water 


EDTA is used as a complexing reagent and it forms soluble 
complexes with Ca?* and Mg?*. End point is detected by colour 
change of the indicator eriochrome black-T. The stability of the 
complex and colour change of the indicator depend on the pH of 
the titrating medium. Hence, the solution must be well buffered by 
(NH,OH + NH,Cl) buffer solution of pH = 10. At the end point, 
the concentration of metal ion decreases abruptly. 


A metal ion indicator forms a complex with a metal ion: 


M?* + HIn? —> Min? + H® 


where HIn?” shows indicator form at a particular pH. 


However, metal ion indicator complexes are usually less stable 
than the metal EDTA complexes. The indicator releases the metal 
ions at the end point, and this shows a colour change. In this 
titration, in the presence of metal ions, eriochrome black-T forms 
a wine red complex. At the end point when the metal ions are 
completely complexed with EDTA, the colour changes to blue 
(of the free indicator). 

Mhn? + HY ——» MY? 


+HIn* + HÊ 
Wine red (H EDTA) 


Colourless Blue 


Ca-EDTA and Mg-EDTA complexes are stable at pH = 8-10, 
the pH of solution during titration must be maintained at 10 
(by NH,OH + NH,Cl buffer). Hence, Ca” ions do not form a 
sufficiently stable complex with eriochrome black-T. Mg-EDTA 
complex is added to the titration flask if the sample either does 
not contain sufficient Mg” ions (or does not contain at all) to 
produce a sharp colour change at the end point. Reactions are: 


Cat + HY? —> Cay? + 2H® 

Mg” + H,Y> —> MgY* + 2H® 

Mg” + HIn? —> MgIn® + H® 

Mgln® + H,Y* —> MgY? + HIn? + HÊ 


Wine red Colourless Colourless Blue 
(at the end point) 
From the above reaction, it is clear that 


1 mol of Na,H,EDTA = 1 mol of Ca?* 


1 mol of Mg?* ions 


MV, = M,V, 
(M, and M, are the molarities of EDTA salt and metal 


ion solutions, respectively, and V, and V, are their volumes, 
respectively.) 


_ 0.093 g of Na,H, EDTA-2H,0 is dissolved in 250 mL of aqueous 
| solution, A sample of hard water containing Ca** and Mg?* 
„ions is titrated with the above EDTA solution using a buffer of 
| NH,OH + NH,CI using eriochrome black-T as indicator. 10 
‘mL of the above EDTA solution requires 10 mL of hard water 
_ at equivalence point, 

_ Another sample of coe eet is titrated with 10 mL of above 
` EDTA solution using solution (pH = 12). Usin i 
“in dicator, it re q i res 40 mL of hard SA, ) £ murexide 


er at equivalence point. 
S ‘+. ae 


a. 


b. 
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Calculate the amount of Ca? a and Me?” present in 1 L of 
hard water. 

Calculate the hardness due to Ca?™, M g? ions and the total 
hardness of water in ppm of CaCQ,. 

(Given: MW(EDTA salt) = 372 g mol |, 

MW(CaCO,) = 100 g mot ') 


a. Case I: Using eriochrome black-T indicator 


n ; 0.093 x 1000 
M of EDTA solution = 372x250 = 0.001 M 
Volume of EDTA used = 10 mL 
Volume of water sample = 40 mL 
M, V (ŒDTA) = M,V, (Ca** and Mg”* in hard water) 
0.001 x 10= M, x 10 
M, = 0.001 
~. Molarities of (Ca?* + Mg") ions = 0.001 M 

= 1.0 mmoles L`! 

Case II: Using murexide indicator 
M, V (EDTA) = M,V,(Hard water) 
0.001 x 10=M, x 40 
M, = 0.25 x 10° = 0.25 mmol L! 
<. Total mmol L™ of Ca?” and Mg” = 1.0 
mmol L” of Mg” = 1.0 — 0.25 = 0.75 mmol L”! 
mmol L` of Ca” = 0.25 mmol L7! 
-. Amount of Ca** L = 0.25 x 40 x 10° =0.01 g L” 


Amount of Mg” L” = 0.75 x 24 x 10° = 0.018 gL”! 


- [MW (CaCO,) = 100 g mol] 


Total mmol of Ca”* and Mg” ions L”! 


= 1.0=0.001 mol L” 
= 0.001 M 
0.1 mol of Ca?" and Mg”* = 0.1 mol CaCO, L” 


_ 0.001 x 100 x 10° 
7 10° 
= 100 ppm 
“. Total hardness due to Ca** and Mg" ions 
of the sample in gram of CaCO, in 10° mL of H 20 
_ Total M x MW (CaCO, ) x 10° 
10° 


Hardness due to Ca” ions of the sample in gram of CaCO, 


0.25 ~10 iy 
in 10° mL of Ho = 225%107 x100x10" 5. m 


Hardness due to Mg” ions of the sample in gram of CaC O, 
in 10° mL of H,O = 100 — 25 = 75 ppm 


A 50 mL sample of hard water containing Ca” and Mg” ions 
is titrated with 50 mL 0.005 M EDTA solution at pH = 10, using 
eriochrome black-T indicator to reach equivalence point. 


In an equal another amount of hard water ; sample, Mg? 
precipitated as Mg(OH), by adding suitable amount ¢ os 
The solution, after precipitation of Mg(OH),, i iS stirred Nagy, 
titrated with EDTA solution using calcon as indicator 
requires 10 mL of above EDTA solution to reach equi ot 
point. i 
a. Calculate the strength of Ca?" and Mg” 
water. 
b. Calculate the hardness due to Ca?’ 


> dta 


IONS present j h; 
atii 


ions in ppm of C 
c. Calculate the hardness due to Mg” ions in ppm of¢ 


d. Calculate the total hardness of water in ppr of € “aC 

a I: Using eriochrome black-T indicator 
M,V (EDTA) = M,V, (Ca** and Mg”* in H,O) 
50 x 0.005 = M, x 50 
M, of Ca?" and Mg” = 0.005 M = 5 m mol L7 
Case II: Using calcon indicator 
M,V,(EDTA) = M,V,(Ca’* in H,O) 
10 x 0.005 = M, x 50 
M, of Ca” = 10°M = 1.0m mol L! 
mmol L of Mg” =5-1=4m mol L! 
Strength of Mg”* = 4 x 24 x 10° = 0.096 g L~! 
Strength of Ca** = 1 x 40 x 10° = 0.04g L” 


b. Hardness due to Ca?” ions of the sample in gram of CaC0. 
in 10° mL of H,O 


aC) 
alo, 


_ M(Ca**) x MW (CaCO,) x 10° 
10° 

10° x 100 x 10° 
= ——_————_ = 100 ppm 
10° si 
c. Hardness due to Mg” ions of the sample in g of CaCO: - 
M Mg** x MW (CaCO;) x 10° 

10° 
_ 4x 10° x 100x 10° 
10° 


10° mL of H,O = 


= 400 ppm 
d. Total hardness 
M(Ca** and Mg?*) x MW(CaCO,) x 10" 
_ Ma and Mg- ) x MW(CaCQ,) XY 
10° 


> x 10 * x 100 x 10° 


= 500 ppm 
103 


; Car 
(Alternatively, Total hardness = Hardness due t° 


Hardness due to Mg` = 100 + 400 = 500 ppm) 


3.7.2.9 Determination of temporary and permanen! 
hardness of water separately 

If a water sample is boiled for some time, the picarbon?“ o 

Ca and Mg (which causes temporary hardness) afè pre so! 

as white insoluble carbonates and are removed by flea wit! 

weighed. The filtered water sample may now be titra 


Fapa which gives only permanent hardness. The temporary 
ptas 5 can be manipulated by subtracting the permanent 
pard” aa ess from the total hardness of water sample. 
ure: First, the total hardness of water sample is determined. 
the water sample and boil it for 30 min. Filter it through a 
qake t an number 1 filter paper. The insoluble MgCo, and CaCO, 
at from their bicarbonates) get removed. 
a o the filtered sample of water and then add 2 mL of buffer 
tion ,OH + NH,C)), 5 mL of Mg-EDTA complex solution 
2 datory), om five drops of the indicator eriochrome black-T. 
ibe colour must be wine red at this stage. Titrate with EDTA salt 
solution from a burette to a pure blue colour. 
This reading of burette gives the volume of EDTA solution used 
inthe determination of permanent hardness. 
Temporary hardness = Total hardness — Permanent hardness 


7 10° 


permanent hardness of the given water sample 


M(Ca** and Mg**) after heating x MW (CaCO,)x 10° 
ai: |: a 


=... ppm of CaCO, 


A ImL sample of hard water is titrated with 500 mL of 0.001 M 

EDTA solution at pH = 10, using eriochrome black-T indicator 

to reach equivalence point. 

An equal another amount of hard water sample is boiled for 

30 min. After filtration and cooling, the same sample is titrated 

with 200 mL of 0.001 M EDTA solution at pH = 10 using Mg- 

EDTA complex solution and erichrome black-T indicator to 

teach equivalence point. 

a. Calculate the total hardness of water sample (temporary + 
permanent) in ppm of CaCO.. 

b. Calculate the permanent hardness of water sample in ppm 
of CaCo,. 

¢. Calculate the temporary hardness of water sample in ppm 
of CaCO.. 


i Ps hardness (first titration): a 
\V, (EDTA) = M,V, (Total Ca** and Mg” in 
temporary and permanent hardness) 


500 x 0.001 = M, x 100 
M, = 0.005 (Total Ca2* and Mg”") 
0.005 x 100 x 10° 
Total hardness in ppm of CaCO, = a, 
= 500 ppm 


b. p a hardness (second titration): 
M,V (EDTA) = M,V, (Total Ca** and Mg”* due to 
permanent hardness) 
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200 x 0.001 = M, x 100 
M, = 0.002 

(Total Ca?* and Mg”* in permanent hardness) 
Permanent hardness in ppm of CaCO, 


6 
_ 9.002 x 100 x10" _ 200 ppm 
10° 
c. Temporary hardness in ppm of CaCO, = 500 — 200 


= 300 ppm 


CONCEPT APPLICATION EXERCISE 3.1 


1. If water contains 10 ppm of MgCl, and 8 ppm of diiis | 
calculate the ppm of CaCO}. | 
2. A 100 mL of tap water was titrated with M/50 HCI 
with methyl orange as indicator. If 30 mL of HCA were 
required, calculate the hardness of CaCO, per 10° parts of 
water. The hardness is temporary. 
3. In the determination of hardness of a sample of water, the 
following results were obtained: 
Volume of sample of H,O = 100 mL 
Volume of N/50 Na,CO, added to it = 20 mL 
Volume of N/50 H,SO, used to back titrate the unreacted 
Na,CO, = 10 mL 
Calculate the hardness of water in g L™. 
4. An exhausted zeolite bed was revived by 250 L of NaCl 
| solution containing 50 g L! of NaCl solution. How many 
litres of hard water of hardness 250 ppm can be softened 
on the zeolite bed? 


Bus CU Oe ANSWERS. 


C1645 230g 


3. 0.1 g L™ 4. 42735 L 


3.8 HEAVY WATER (D,O) 


Heavy water or deuterium oxide (D,O) was discovered in 1932, 
by Urey, an American chemist. He showed that ordinary water 
contains one part of heavy water in 6000 parts of it. 

Heavy water is found in minute quantities in rain water. on 
the leaves of banana trees and in the last remain obtained by the 
melting of snow by sun on the hills, as in Himalayans. 


3.8.1 PREPARATION OF HEAVY WATER 
Heavy water is mainly prepared from ordinary water as follows: 
1. By multistage electrolysis of ordinary water: Taylor, 
Eyring and Frost process (1993). 
Principle: This method is based on the principle that when 
ordinary water containing calculated amount of NaOH is 
electrolysed, protium (or H,) is liberated more readily as 
compared to deuterium (D,) due to the ae 
a. HÊ is smaller in size as compared to D®, hence H® 
more mobility or speed as compared to DÊ, 


b. Discharge potential of HÊ is less than discharge potential 
of DS hence He ions are discharged at cathode more 


feaitily than D® ions. > 


has 
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c. Hydrogen atoms combine more readily to form 
molecular hydrogen as compared to deuterium 


atoms, which combine less readily to form molecular 
deuterium. 


Due to the above reasons, as the electrolysis continues, the 
concentration of heavy water in ordinary water gradually 
increases. If electrolysis is continued till only a small volume 
of the water remains, then almost pure D,O is obtained. 
Approximately, 29000 litres of water is electrolysed to get 
1 L of 99% pure D,O. 
The electrolytic cell used for the preparation of heavy water 
is shown in Fig. 3.8, and it was designed by Brown, Degget 
and Urey. It consists of a steel cell whose dimensions are 45 
cm long and 10 cm in diameter. The steel cell itself acts as 


cathode, while a perforated cylindrical sheet of nickel acts 
as an anode. 


S (+) Anode 
Cathode (—) 


— > Gases (H3 and O2) 


Steel cell cathode 


Ordinary water 


Nickel anode (—) 
Fig. 3.8 Electrolytic cell for the preparation of heavy water 


The electrolysis is completed in seven stages and in actual 
practice a large number of such cells are employed. In India, 
heavy water is manufactured by electrolysis of ordinary 
water at: 
i. Nangal in Punjab 
ii. Bhabha Atomic Research Centre (BARC), Trombay, 
in Bombay (Maharashtra) 

. By fractional distillation of ordinary water: The boiling 
points of ordinary and heavy water are 373.42 K (or 
101.42°C) respectively at normal atmospheric pressure. This 
difference in the boiling point forms the basis of preparation 
of heavy water by fractional distillation of ordinary water. 
Since the difference in boiling point is very small, a very 
long, i.e. 13 m, fractionating column is employed for 
fractional distillation. 


. By fractional freezing of ordinary water: The freezing 
points of ordinary and heavy water are 0°C and 3.82°C 
respectively. Due to the difference in their freezing points, 
they are separated by the fractional freezing. The process 
is repeated a number of times. 


3.8.2 PROPERTIES OF HEAVY WATER 


3.8.2.1 Physical Properties 
The physical properties of heavy water are as follows: 


1. Heavy water is colourless, odourless and tasteless mobile 
liquid like ordinary water but it is heavier than ordinary 
water. 


2. There is marked difference in the molecular mass of ording 
water and heavy water. Heavy water has greater molecular 
mass as compared to heavy water and thus a marked 
compared to heavy water and thus a marked difference in 
physical properties of the two liquids has been observeq 


Furthermore, the dielectric constant of heavy water is lower 
than that of ordinary water, hence ionic constants are lesg 
soluble in heavy water. 


3.8.2.2 Chemical Properties 

Heavy water behaves like ordinary water in most of the chemical 
properties. However, heavy water, D,O, reacts more slowly than 
ordinary water, H,O. Some important chemical properties of D,O 
are as follows: 

1. Electrolysis: The solution of D,O containing PO, or 
Na,CO, on electrolysis gives D, at cathode and O, at anode. 
Addition of small amount of PO, or Na,CO, to D,O makes 
its electrical conductor. 


2D, O Electrolysis 2D, J O, 


(At cathode) (At anode) 


2. Reaction with alkali and alkaline earth metals: D,O, on 
reaction with alkali and alkaline earth metals produce D, 


and heavy alkalis. 

2Na + 2D,0 —> 2NaOD + D, 
Sodium 
deuteroxide 


Ca + 2D,0 —> Ca(OD), + D, 


Calcium 
deuteroxide 


(heavy alkalis) 
3. Reaction with metallic oxides: D,O reacts slowly with 
metallic oxides (i.e. basic oxides) such as Na,O, CaO ete. 
to form heavy alkalis. i 
Na,O + D,O —> 2NaOD 
Sodium deuteroxide 


CaO + D,O —> Ca(OD), 


Calcium deuteroxide 


4. Reaction with non-metallic oxides: D,O reacts slowly with 
non-material oxides (i.e. acidic oxides) such as N,O;, SO; 


etc. to form deutero-acids. ), 
N,O, + D,O —> 2DNO, 

Dinitrogen Deuteronitric acid 

pentoxide 

Sulphur Deuterosulphuric acid 

trioxide 

Phosphorous Deuterophosphoric acid 

pentoxide 


‘ ides 
5. Reaction with metallic nitrides, phosphides, ar se E 
and carbides: D,O reacts with metallic nitrides, phosP N 


arsenides and carbides to give corresponding deutero 
compounds. 


Mg,N, + 6D,O —> 3Mg(OD), + ND, 


Magnesium Magnesium  Deuteroammonia 
nitride deuteroxide 

2AIN + 6D,0 —> 2Al(OD), + 2ND, 
Aluminium Aluminum Deutero ammonia 
nitride deuteroxide 


Cal, 6D,0 —> 3Ca(OD), + 2PD, 


Colca Me alcium . ié Deuterophosphine 
Na, As + 3D,0 —> 3 NaOD + AsD, 

Sodium Sodium Deuteroarsine 
arsenide deuteroxide 

CaC, + 2D,0 —> Ca(OD), + C,D, 

Calcium carbide P Seu Deuteroacetylene 


AL,C, + 12 D,0 —> 4Al(OD), + 2CD, 

Aluminium carbide Deuteromethane 

6. Exchange reactions: D,O reacts with a number of 
compounds containing labile hydrogen atoms, in such 
reactions, H atoms are completely or partially replaced by 
D. Hence these reactions are known as exchange reactions. 
Ifthe compound contains ionic (i.e. polar) hydrogen atoms, 
the exchange reaction occurs more readily. For example 
NaOH + D,O = NaOD + HOD 
HCI + D,O = DCI + HOD 
NH,CI + D,O = ND,Cl + 4HOD 
The exchange reactions between NH,Cl and D,O takes place 
in the following steps: 


NH,CIl+D,0 = NH,DCI + HOD | 
NH,DCI + D,O = NH,D,Cl + HOD 
NELD,CI + D,O = NHD,C1 + HOD 
NHD,Cl + D,O = ND,Cl + HOD 


_NHD,CI+D,0 = ND,CI+HOD 


If the compound contains non-ionic hydrogen atom, a 
exchange reaction takes place slowly and requires 
presence of a catalyst, For example 


Ni on Kieselguhr 


WC CDe +3H20 
CoH i se “Hexadeutero 
benzene 


: vc of certain 
7. Deuterolysis: As water brings hydrolysis °° ae 
inorganic chlorides and some other salts, 1n a $ 


ions ag deuterolysis. 
deuterium also gives same reactions, known a6 de 


AICI, + 3D,0 —> Al(OD), + 3DCI 
SiCl, + 4D,0 —> D,SiO, + 4DC] 
BiCl, + D,O —> BiOCI + 2DC1 
BaS + 2D,0 —> Ba(OD), + D,S 


; associated 
8. Formation of Deuterates: Ordinary water gets 


drates. 
with salts to form the crystalline soe eo as 
Similarly heavy water also gets associate 


ee Hydrogen, Water and Hydrogen Peroxide 3.27 
crystalline salts known as deuterates or deutero-hydrates. 


For example, BeCl,:4D,0, C ' 
, 27 4D,0, CuSO; 5D,0, COCL,-6D,0 
MgSO,-7D,0 etc. O? a 


- Physiological effects: It has been established that heavy 
water of high concentration retards the growth of plants and 
animals. Few examples are: 


a. Lewis has shown that tobacco seeds do not grow in heavy 


water, but under similar conditions, they develop well 
in ordinary water. 


b. Mice and rats on drinking D,O feel more and more 
thirsty. 


c. Pure D,O kills small fish, tadpoles and mice, when fed 
on them. 


Taylor has shown that heavy water has germicide and bactericide 
properties. Water containing small amount of D,O acts as a tonic 
and stimulates vegetable growth. Although D,O is injurious to 
health, certain moulds have been found to develop better in heavy 
water than in ordinary water. 


Heavy water is injurious to human beings, animals and plants, 
since it slows down the reactions occurring in them. Hence heavy 
water does not support life as ordinary water. 


3.8.3 USES 


1. As a tracer compound: D,O is widely used as a tracer 
compound to study the reaction mechanism in organic 
chemistry. D,O has also been used to study the structure of 
some oxyacids of phosphorous such as H;PO, and H,PO, 
by finding the number of ionic hydrogen atoms in these 
compounds. 


2. As a moderator: Substances which are used to slow down 
the speed of neutrons are called moderators. The speed of 
neutrons is slowed down by passing them through D,O, and 
hence D,O acts as a moderator. 


3. For the preparation of deuterium: D, can be prepared as 
follows: 
a. Electrolysis of D,O 
2D,0—> 2D, + O, 
b. By the action of sodium metal on D,O 


2D,0 + INa—— 2NaOH + D, 


a. What does [H, 0° stand for? Draw its structure. 

b. Can sodium bicarbonate make water hard? 

e. Hard water is softened before using in boilers. Why? 

d. What is sequestration? How is hard water made soft by 
sequestration? 


a. (H,O,)” stands for hydrated proton. In [H,0,]°, H® is 
tetrahedrally surrounded by four water molecules. 


H fi ® 
O 
l 
[l 
l 
| 
HHO 
O° `O 
H~ Nuy 
a 
H H 


b. Hardness of water can be created due to sodium bicarbonate 

because soaps themselves are sodium salts of fatty acids 
which are soluble in water. 

Hard water on boiling gives white precipitate of MgCO,, 
CaCO, and CaSO, w hich form scales in boilers. The 
formation of these boiler scales causes rapid deterioration 
of the boiler due to over heating. Further, boiler scales are 
non-conducting. Hence, more fuel is consumed. Therefore, 
to prevent formation of boiler scales, hard water is softened 
before using in boilers. 


‘Sequestration’ means to render metecve. The hardness 
of water is due to the presence of Ca** and Mg” ions. 
These ions are rendered ineffective by treating with calgon, 
i.e.. sodium hexametaphosphate. On addition of calgon to 
hard water. the Ca?” and Mg” ions present in it, combines 
with calgon to form soluble compounds of calcium and 
magnesium salts. 


2CaCl, + Na,[Na,(PO3),] — Na [Ca (PO;)] + 4 NaCl 


Sodium Complex 
hexametaphosphate 
2MgSO, + Na, [Na,(PO,),] —> Na,[Mg,(PO3)¢] 
Complex 


+ 2Na,SO, 
These complex calcium and magnesium ions do not form 


any precipitate with soap and hence readily produces lather 
with soap solution. In this way, hard water is softened by 


sequestration. 


a. Water extinguishes most fires, but it does not extinguish 


petrol fires. Explain. 


b. Soft water lathers with soap, but not hard water. Why? 


a. Water extinguishes most fires by lowering down the 
temperature of the burning material. But in case of petrol 
fire, since petrol is Jighter than water, it floats over water 
and hence fire spreads instead of extinguishing. 

- Hard water contains calcium and magnesium salts. These 
react with soap to form insoluble calcium and magnesium 
Salts of fatty acids, i.e. form scum and not lather. 


2RCOONa + Ca** —+ (RCOO), Ca 4 + 2Na® 
2RCOONa + Mg**—> (RCOO), Mg } + 2Na® 


a. Asmall amount of acid or alkali is added before electr 
of water. Why? 

b. What happens when: 
i. Hydrolith is treated with water. 
ii. Heavy water reacts with aluminium carbide, 


a. Pure water being a weak electrolyte and feebly į ionis 
is a bad conductor of electricity. In order to make ; it pp 
conductor, a small amount of acid or alkali is added h efon 
electrolysis. 

b. i. Hydrolith, i.e. CaH, on hydrolysis gives calciun 

hydroxide, Ca(OH), with the evolution of dihydrogs, 
gas, H,. 
CaH, + 2H,O —> Ca(OH), + 2H,Î 


ii. Deuteromethane is evolved when heavy water reap, 
with aluminium carbide. | 


Al,C; + D,O —> 4AK(OH),+ + 3CD 


4 


Aluminium Heavy Deuteromethane 
carbide water 


a. Naturally hard water is usually preferred im drinking and 
soft water in working. Why? 

b. How many types of heavy water are possible? Write dows 
formulae of all possible heavy water molecules. 


a. Soft water is usually acidic and contains Na® ions in piac 
of di- and trivalent metal ions. An increased mtake ofNa’ 3 
known to be related to heart disease and moreover the 302 
soft water is more likely to attack metallic pipes. results 
in the solution of dangerous ions such as Pb”. One way? 
avoid Na® ions in drinking water and to use less soap WI 

washing would be to drink naturally hard water and 
in soft water. 


won 


; ; $ haè 
b. These are six possible heavy water molecules, which 
follows: 


18 1? lo 
O oO O 


H D H D H D 
Pd 
D D D D D D 


3.9 HYDROGEN PEROXIDE (H,02, 


Hydrogen peroxide (H,O,) occurs in minute amount in 


snow and juices of certain plants. Hydrogen peroxide ent" | 


prepared in 1818, by the French chemist, Louis Jacque 
by the action of dilute acids on barium peroxide. 


REPARATION 


oratory methods of preparation of H,O 
From sodium peroxide (Merck’s m 
gradually adding calculated amount of sod 
(Na,O,) to an ice-cold solution of H,SO 
Na,O, + H,SO, —> NaSO, + H,0, 

On cooling, Na,SO, separates out as N 
crystals and the resulting solution contain 


ethod): By 
ium peroxide 
4 (20%). 


a,S0,°10H,O 
s ~ 30% H,O.. 
A pure sample of H,O, can be obtained by vacuum 
distillation. 

From barium peroxide: 


i. By passing CO, through a thin paste of BaO 
cold water. 
BaO, + CO, + H,O —> BaCO, 4 + HO, 


On filtration, white precipitate of barium carbonate, 


BaCO, separates out leaving behind a solution of 
H,O.. 


2 In ice- 


ii. By the action of cold dilute sulphuric acid on hydrated 
barium peroxide. 
Ba0O7'8H,O + H,SO, — BaSO, } + H,O, + 8H,O 

Barium sulphate 

The white precipitate of BaSO, is removed by 
filtration thus leaving behind a solution of H,O, 
(5%). 
In this method, BaO 2`8H,0 is used instead of BaO m 
the white ppt. of BaSO, formed deposits on BaO,, 
thus forming a protective layer and hence prevent 
any further reaction between BaO, and H,SO,. 
Limitation of this method: H,O, prepared by this 
method cannot be stored for long time, as it contains 
appreciable amount of Ba? ions in the form of 
dissolved barium persulphate, which catalyses the 
decomposition of H,O,. Decomposition of H,O, 
is also catalysed by H,SO,, hence weaker acid like 
CO, should be used. 


iii. By the action of phosphoric acid (HPO 4) on hydrated 
barium peroxide. 


4 
3(BaO,- 8H,0) + 2H,PO, — Ba; (PO4), 
+3H,O, + 24H,O 


ies 
Barium phosphate, Ba,(PO4)2 p 
decomposed by dil H,SO, to BIve H,PO,, W 

be reused. 


Ba, (PO,), + 3H,SO, — ABa 


in preparation of 
iv. H PO, is preferred over H,SO, in P 


A ppa for the decomposition of 
t fo 
H,SO, acts as a catalys mer 0, 
H,O,. Therefore, some weaker ac : 
ide. 
for preparation of H,O, from — ae 
3BaO, + 2H,PO, — Bas(POa)2 * 22-2 
(Insoluble) 
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c. By the hydrolysis of Caro’s acid: 


H,SO; + HO —> H,SO, + H,O, 


Peroxomono sulphuric acid or Caro’s acid 
2. Industrial methods of preparation of H,O, 


a. By the electrolysis of 50% solution of H,SO,: On 
electrolysis cold 50% solution of H,SO, at high current 
density in an electrolytic cell using platinum wire as 


anode and graphite as cathode, the following reactions 
take place: 


H,SO, = 2H® + H SOP (Ionisation) 
At cathode: 2H® + 2e° —_ Harp) (Reduction) ...(3.1) 


At anode: 2HSO,; —-> H,S,0, + 2e° (Oxidation) 
(32) 


I 
H,O —> 2H+ 5 O2 + 2e” (Oxidation) ---(3-3) 


Note: With high conc 1’ H,SO,, Eq. (3.2) is preferred and with 
very dilute H,SO, Eq. (3.3) is preferred but with 50% aqueous 


H,SO, both Eq. (3.2) and (3.3) occur at anode, so O, is produced 
as by product. 


Peroxodisulphuric acid or Marshall’s acid (H,S,0,) 

formed at anode is withdrawn and distilled with dil. 
H,SO, under reduced pressure. 
dil H2SO4 _ 

H,S,0, + H,O Shes) 5 H SO, + HSO, 


Peroxodisulphuric acid Peroxomono 


-sulphuric acid 
Complete 


H,SO, + H,O —“““**_, H SO, + H,O, 


By electrolysis of equimolar mixture of ammonium 
sulphate in H,SO, : By this method, a more concentrated 
solution of H,O, is obtained as compared to electrolysis 
of 50% solution of H,SO ve 

(NH,),SO, + H,SO, ——> 2NH,HSO, 
Ammonium 


Ammonium 
sulphate 


hydrogensulphate 
2NH,HSO, ——— 2H® + 2NH,SOS 


At anode: 2NH,S07 —> (NH), 8,0, + 2e“ 
Ammonium (Oxidation) 
persulphate 

At cathode: 2H® + 2e° +H, (Reduction) 


Ammonium persulphate formed at anode is distilled 
with water to give H,O,, 

(NH,).S,0, + 2H,0 ——> 2NH,HSO, + H,O, 
This method is now used for the laboratory preparation 
of D,O). 

K,S,0, + 2D,0 —> 2KDSO, + D,O, 


c. By auto-oxidation of 2-ethylanthraquinol: The process 


involves a cycle of reactions. The net reaction is the 
union of H, and O, to yield H,0.. 


fe A 


bad 


OH O 
C2H5 C2H5 
O,(air) +O 
‘H, | Pd Tai 
OH O 
2-Ethylanthraquinol 2-Ethylanthraquinone Hydrogen 


peroxide 


The H,O, (~1%) thus formed is extracted with water 


and concentrated to ~ 30% (by weight) by distillation 
under reduced pressure. It can be further concentrated to 
~85% by careful distillation under reduced pressure. The 
remaining water can be frozen out to give pure HO). 
d. By the oxidation of 2-propanol: On oxidation at high 
pressure, 2-propanol gives acetone and hydrogen 


peroxide. 
H;C H,C 
CH: OH+0=0 —> C= 0+ H0 
H.C H;C | 
2-Propanol Acetone Hydrogen 
peroxide 


3.9.2 METHODS FOR CONCENTRATING H,O, 
SOLUTION 

Hydrogen peroxide, obtained by any of the above-mentioned 
methods is in the form of dilute solution. The concentration of 
H,O, is quite dangerous, due to its explosive decomposition into 
H-O and O,. 

It cannot be concentrated by distillation, as it decomposes much 
below its boiling point. 


2H,05;, —> 2H,0y + 0.) 


Further, this decomposition is catalysed by impurities particulary 
heavy metal ions, dust or rough surfaces. 
The dilute H,O, solution is concentrated as follows: 

1. By careful evaporation of the solution: The dilute H,O, 
solution is carefully evaporated on a water bath, preferably 
under reduced pressure and using a fractionating column. 
As water is more volatile than hydrogen peroxide, water is 
evaporated first til] a 20% H,O, solution is obtained. Since 
this also results in concentration of impurities in the product 
and many of these impurities catalyse decomposition. 
Further, concentration of H,O, beyond 30% evaporation is 
not advisable. 

2. Distillation under reduced pressure: The above solution 
is heated in a distillation flask up to 31% K under reduced 
pressure (15 mm). At first water, being more volatile, comes 
out, at ~343 K, H,O, begins to distil out. The solution thus 
obtained is ~90% pure. 


3. By crystallisation: Last traces of water in hydrogen 


peroxide are removed by using freezing mixture comprising 
solid carbon dioxide (or dry ice) and ether. The whole 
mass first freezes, but on addition of little frozen solid into 


concentrated hydrogen peroxide solution i | 


crystals of 100% pure hydrogen peroxide se Sedle.gh, > | 


d 
Parate oy Dy 


3.9.3 STRUCTURE OF H,O, 
Hydrogen peroxide, H,O,, has a non-planar and n 
structure (as indicated by its high dipole moment value M-line, | 


X-ray studies of solid H,O, molecule has also indicates 
that y, 


H,O, molecule has a non-planar and non-linear Structure; 
. €j 

the two H-O bonds are asymmetrically distributed hes a 
. == NCCOrdin 

X-ray studies, the H,O, molecule can be best picturi a 


l) 
è è ‘ 5 aS 5 7 
in Fig. 3.9, in which the two O-atoms can be conside how, 


red ty, 
(dihedr, 
olid Phas 


lying on the spine of a book opened at an angle of 90.2 


angle). The molecular dimensions in the gas phase and, 
are shown in Fig. 3.9. 


(a) Gas phase 


(b) Solid phase 


Fig. 3.9 (a) H,0, structure (gas phase) dihedral angle 111.5” ana 
(b) H,0, (solid phase at 110 K) 
Lewis structure of H,O, molecule indicates that each of ż: 


two O-atoms is linked with H-atoms by o-bond and has two par 
on it. 


CHE Diese 


The O-O o bond results from head to head overlap of w0“ 
hybrid orbitals on both the O-atoms and the O-H g bors * 
formed by remaining sp? hybrid orbital of O-atom with l ome 
of H-atoms as shown in Fig. 3.10. 


Lone pair (lp) 
\ T spè? —s o-bond 


P 


AF = i 

PLY (se ls 
U, i re — 

Op & spi O7 lP OR 


f 


(a 


ly 


H 
yp} — sp} o-bond 
SP? -s o-bond 


p 

Fig. 3.10 Structure of H 0, showing sp? hybridisation of bote i 
. ( e i 
Repulsion between the two lone pairs on each O-atom ap p 
OH: ` use af 
H and O-O bonds to come closer to each other and t Ti 


the H-O-O-H bonds angles (= 90.2°) is below the tetrahe b wë 


(=109.5°). There is also a possibility of some repulsio” 
we lection pairs on O-atom and those on the other we jen! 
this repulsion may account for the fact that O-O 


p 


- 
jistan 


O-atom. 


59.4 PHYSICAL PROPERTIES OF H,0, 


1. 


v 


to 


Anhydrous H,O, is a colourless syrupy 
layers, it gives a blue tinge. 

Hydrogen peroxide is more dense and m 
less volatile as compared to water. H,O 
associated via hydrogen bonding, since 
through hydrogen bonding is more am 
peroxide molecules as compared to water 
is more dense and viscous as compared t 


liquid, in thick 


ore viscous or 
2 Molecules are 
the association 
ongst hydrogen 
molecules. H,0, 
o water. 


. H,O, produces blisters in contact with skin. 
_ H,O, boils at 150°C with decomposition, 


2H,0, —> 2H,0 +0, 


but it can be distilled under reduced pressure. Since H,O, 
decomposes on heating, it is not possible to determine its 
boiling point at atmospheric pressure. But its boiling point 
has been determined by extrapolation method. 


. H,O, is miscible with water, alcohol and ether in all 


proportions. With water, it forms a hydrate, H,0,-H,O (mp. 
221 K). A 3% solution is marketed as 100 volume hydrogen 
peroxide, indicating that at STP, 10 volumes of oxygen 
are liberated per mL of the solution. Commercial H,O,, 
marketed as ‘100 volume’ peroxide contains 3% H,O.. 


3.9.5 CHEMICAL PROPERTIES OF H,O, 


l. 


Xr 


Decomposition: Pure H,O, is not very stable and 


decomposes in the presence of light or on standing or 
heating. 


E 2) ©) 
HO.) —> H,0,) + On, 


The oxidation state of oxygen in H,O, is —1, it is oxidised to 
oxidation state of zero in O, and is reduced to an oxidation 
State of —2 in H,O. Thus, this decomposition is an example 
of auto oxidation—reduction reaction or disproportionation 
reaction. 


Decomposition of H,O, occurs slowly, but the pe 
of finely divided metals, traces of alkali rs nce act 
Containers) accelerates the decomposition, ep 
as positive catalysts. Dust (even 1n very i ce hand 
induces explosive decomposition. On the lerates the 
traces of acid, acetanilide, or alcohol ee $ negative 
decomposition or act as stabilisers. Thus, they act as neg 


catalysis. 


decomposed by alkali oxides present in glass. 


j els 
, , or plastic vess 
. wax-lined glass 
Hence, H „Q, is stored in 


in the presence of stabilisers like urea. Da 7 
as a powerful oxidising age 


Oxidising agent: H,O, acts kaline medium. 


idi d al 
electron acceptor both in the acidic an 


<8 pm) is greater than the calculated single bond O-O ae 
r , which is equal to double the radius of 


a. In acidic medium: 


H,O, — Réduction H,O + [O] 
Or 


HO, + 2H" +2952  E®=+1.77V 


(O=-1) 


(O =-2) 


Some typical reactions in acidic medium are as follows: 


i. H,O, oxidises lead sulphide, PbS, to lead sulphate, 


iv. 


Vv 


a a 


PbSO,. 

S* + 4H,0, —> S02 +4H,0 

Or 

PbS + 4H,0) —> PbSO,,) + 4H,0,, 
Black White 


This reaction is employed to restore the colour of 
old oil paintings, which turn black due to formation 
of. PbS, by the action of atmospheric HLS on the 


white pigment, consisting of basic lead carbonate. 
PbCO, Pb(OH), 


- H,O, oxidises arsenites, AsO, (As = +3) to 


arsenates AsO;- (As = + 5). 
(+3) (+5) 


AsO,” + H,O, — AsO} + H,O 

Arsenite ion Arsenate ion 

Or 

Na, AsO, + H,O, — Na, AsO, + HLO 
Sodium arsenite Sodium arsenate 
H,O, oxidises nitrite, NO,” (N = +3) to nitrite, NOS 
N =+ 5). 

© ©) 

NO,° + H,O, — H,O +NO; 

Nitrite ion Nitrate ion 

Or 

KNO, + H,O, —> KNO, + H,O 
Potassium potassium 

nitrite nitrate 


H,O, oxidises sulphite, SO, (S = + 4) to sulphate, 
SO,” (S=+ 6). 


SO; + H,O, —> so? + H,O 


Sulphite ion Sulphate ion 
Or 
Na,SO, + H,O, —> H,O + Na,SO, 
Sodium Sodium 
sulphite sulphate 
- H,O, oxidises sulphide, g= (S = -2) to sulphur, S 
(S=0). 
H,O, + S* + 2H? —> S + 2H,O 
Or 


H,O, + H,S —> S + 2H,0 


- H,O, oxidises acidified solution of ferrous, Fe?* 


(Fe = +2) to ferric, Fe** (Fe = +3). 
H,O, + 2Fe*" + 2H? —> 2H,0 + 2Fe3* 


Ferrous ion 


Ferric ion 
Or 
H,O, + H,SO, + 2FeSO, —> Fe,(SO,), + 2H,0 
Ferrous Ferric 
sulphate sulphate 


3.32 Inorganic Chemistry 
ii. H,O, oxidises chromium (III) salts to chromate... 


Or 
H,O, + H,SO, + 2(NH,),SO, ° FeSO,'6H,O 
(Mohr’s salt) 
— Fe, (SO,), +2(NH,),SO, + 8H, O 
vii.H,O, oxidises acidified solution of iodide, 
J” NG = —1) to iodine, I, (I= 0). 
H,O, + 21° + 2H? — I, + 2H,0 


lodide ion Iodine 


Or 
H,O, + 2KI + H,SO, —— K,SO, + I, + 2H,O 
Potassium Iodine 

lodide 
viii. H,O, oxidises acidified solution of ferrocyanide, 


[Fe(CN)]+ (Fe = +2) to ferricyanide, [Fe(CN),]° ~ (Fe 


= +3). 

2[Fe(CN),J* + H,O, + 2H? —> 2[Fe(CN),]” 
+ 2H,O 

Or 


2K, [Fe(CN),] + HSO, + H,O — 2K,[Fe(CN),] 


Potassium Potassium 
ferrocyanide Ferricyanide 
+K,SO, + 2H,O 


ix. H,O, oxidises benzene, C,H, to phenol, C,H.OH in 
presence of FeSO,. 
(Note: H,O, + FeSO, is called Fenton’s reagent) 


C,H, + H,O, #84 , C.H,OH + H,O 


x. H,O, oxidises hydrazine, N,H, (N =—2) to nitrogen, 
N, (N= 0) in the presence of Cu(II) catalyst. 


3.N,H,+2H,0, Cu catalyst y N, + 4H,O + Heat 


xi. H,O, oxidises mercury, Hg (Hg = 0) to mercurous 
are HgO (Hg = +2) in the presence of H,SO,. 


Hg + H,O, "> HgO + H,O 


b. In alkaline medium: 
(-1) (—2) 
H,O, + 2e* —>» 20H 9 =+ 0.87 V 
Sometimes H,O, is reduced to H, 
H0; —> H, + 2[0] 
Thus H,O, oxidises formaldehyde, HCHO to formic 
acid, HCOOH in the presence of pyrogallol. 
HLO, —~H,+2[0] 
2[0] +2HCHO —— 2HCOOH 
2HCHO + H,O, —> H, + 2HCOOH 
In the dark, this reaction is accompanied by the emission 
of light, i.e. chemiluminescence. 
Some typical reactions in alkaline medium are as 
follows: 
i. H,O, oxidises ferrous, F e** (Fe = +2) to ferric, Fe** 
(Fe e= +3). 
2Fe?* + H,O, —> 2Fe** + 20H 


Cr* + 3H,0, + 100H —> 2C10/" + 8H o Salts 


Or 
Cr,(SO,), + 3H,O + 10NaOH —-» 


Chromium 

sulphate 
2Na,CrO, + 3Na,So + 
Sodium 4 Ho 
chromate 


iii. H,O, oxidises sae IJ) salts to manganese dioxide 


Mn? "+ HO, + 20H — MnO, + 2H,0 


Or 
MnSO, + H,O, + 2NaOH —> Na,So, | 
Manganese 
sulphate š 
MnO, + 2H. 0 
Mangimi 
dioxide 


iv. H,O, oxidises ferrous salts to ferric salts, 
2Fe?* + H,O, —> 2Fe™ + 20H 


3. Reducing agent: H,O, also acts as reducing agent (electron | 
donor) in acidic as well as alkaline medium. | 


a. In acidic medium: 


Oxidation 
H,O, —“——> 0, + 2[H] 


Or 
Ho, —““"> 0, + 2H® + 2e 
(0=-1) (0=0) 


Some typical examples in acidic medium are as follows 
i. H,O, reduces hydroxylamine, NH,OH (N=-l)2 
ammonia, NH, (N = —3). 
H,O, + NH,OH —> O, + NH, + H,O 
ii. H,O, reduces ozone, O, to O,. In this reaction. H.0. 
is oxidised to O, and O, is reduced to H,O. 


(-1) (0) (-2) 
H,O, + O, —> H, O+ 20, 


i. H,O, reduces halogens, e.g. Cl,, Br, te respect"? 
alge acid, HCl, HBr. 


H,O, +X, — 0, +2X°+2H® (X= CB 
Or i ; 
H,O, + X, —> 2HX + O, 

iv. H,O, reduces acidified solt 
dioxide, MnO, (Mn = +4) to Mn(ID) salt. 
H,O, + MnO, + 2H® —» Mn? + 2H,0 +°: 
Or l 
MnO, + H,SO, + H,O, —> MnSO, 


g anes? 
ition of mang?" 


0 
+ 2H,0 
83) 


z 
S 
a 


v. H,O, reduces acidified solution of Pb,04 (Pb7 
to Pb(II) salt. 
H,O, + Pb,O, + 6H® —> 3Pb?* + 4H,0* 
Or 


H,O, + Pb,O, + 64NO, —> 3Pb(NO3)2 


pi 


vi. H,O, reduces acidified potassium dj 

K,Cr,0, (Cr=+6) to chromium(III) Salt. 
colour of K,Cr,O, changes to green co 
formation of Cr(IIT) salt. 


CO7 +8H°+3H,0, — 20,3 


chromate, 
The orange 
lour due to 


+ 
+ 7H,0 + 30, 

Or 

K,Cr,0, + 4H,SO, + 3H Op K,SO, 

+ Cr(SO,), + 7H,O +30, 

(green) 

vii. H,O, reduces acidified potassium permanganate, 
KMnO, Cin = É to Mn(II) salt. The pink colour 
of KMnO, is discharged due to the formation of 
colourless Mn(II) salt. 

© ® 
2MnO,' + 6H" + 5H,O, —> 2Mn™ + 8H,0 + 50, 
Or 
2KMnO, + 3H,SO, + 5H,0, —> K,SO, 
+ 2MnSO, + 8H,O + 50, 

viiiLH,O, reduces Ag,O (Ag = +1) to Ag (Ag = 0). 
Ag,O + H,O, —> 2Ag + H,O + O, 

ix. H,O, reduces PbO, (Pb = +4) to Pb (Pb = 0). 

PbO, + 2H,0, —> Pb + 2H,0 + 20, 

x. H,O, reduces hypochlorite, ClO° (Cl = +1) and 
hypobromite, BrO® (Br = +1) to their corresponding 
halide, CI° and Br? (X = —1). 

H,O, + ClO° —> O, + CI° + H,O 

Or 

H,O, + NaOCl —> HCI + H,O + O, 
Since, H,O + Bro? —> O, + Br? + H,O 
Or 

H,O, + NaOBr —— HBr + H,O + 0; 

b. In alkaline medium: : 

H,0, + 20H —> 2H,0 + O, + 2¢ 

+[O] —> H,O+ 0, 
Or HO, i J l m e medium are as follows: 
Some typical reactions 1n alkali anate, KMnO, 
i. H,O, reduces potassium Pods MO (Mn = +4). 
(Mn = +7) to manganese ere! © Í 

OH + 30, + 2H,0 

2MnO +20H 2 2 

2MnO f + 3H,0,—* i 

Or 


-30 
0, + 2KOH +277 
2KMnO, + 35,0, —? 2M? + 2H,0 


ü. H,O i ide to otassium 
li duces potassium ferricyanide p 
- H-0, re uc 


ferrocyanide. 2H,0 + O, 


+ afFe(CN)sl 


3- ___-» 
H,O, + 20H + 2[Fe(CN)s) 


> 2H,9 


Or 2 
cael j 2K ,[Fe(CN)s) 


H,O, + 2KOH + 2K; 
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tii. H,O, reduces silver oxide to silver. 

(1+) 
Ag,O + H,O, —> 


Silver oxide 


(0) 
2Ag + H,O 4 O, 
Silver 


iv. H,0, reduces lead dioxide to lead monoxide. 


(2+) (1+) 

PbO, + H,O —> PbO + H,O + 0, 
Lead Lead 

dioxide monoxide 


v. H0, reduces hypochlorites and hypobromites to 
chlorides and bromides respectivity. 


CaOCl, + H,O —> CaCl, + H,O + O, 
NaOBr + H,O, —> NaBr + H,O + O, 
vi. H,O, reduces iodine to iodide ion. 
O ‘i 
I, + H,O, + 20H —> 21° + 2H,0 + O, 
4. Acidic nature: The aqueous solution of H,O, acts as a weak 

acid. It ionises in water in the following two steps: 
H,O, + H,O = H,0® + HOF (hydroperoxide ion)...(3.4) 
HOF + H,O = H,OÊ + O,” (peroxide ion) (3.5) 
Equations (3.4) and (3.5) can also be written as Eqs. (3.6) 
and (3.7), respectively. 
H,O, = H® + HO; (3.6) 
HOS =H? +077 ...(3.7) 
The above equations indicate that H,O, acts as a dibasic acid 
and hence gives two types of salts viz. hydroperoxide (e.g. 
NaHO,) and peroxide (e.g. Na,O.,). The acidic character of 
the aqueous solution of H,O, is confirmed by the fact that 


it reacts with bases such as NaOH, Ba(OH),. Na,CO, ete., 
to form the salt (peroxide). 


Acid Base Salt (peroxide) 
H,O, + 2NaOH —> Na,O, + 2H,O 
H,O, + Ba(OH), —> BaO, + 2H,O 
H,O, + Na,CO, —> Na O, + H,O + CO, 


5, Reaction with chlorosulphonic acid , CISO,OH: 
a. One mole of anhydrous H,O, reacts with one mole of 
chlorosulphonic acid to give peroxodisulphuric acid or 
Caro 5 acid, H,SO;. 


O O 
=} Il Il 
P i + S SS + HCl 
o-a ar Il son —, Ho—o Il Son 
O C 
Chlorosulphonic H>SOs 


acid 


b. One mole of anhydrous H,O, reacts with two moles of 
chlorosulphonic acid to give peroxodisulphuric acid or 
Marshalls acid, H,S,Og. 
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O O 
| E |l 


S + S 
no” II [er mpo -0 ET c 


O O 
ll l amci 
k 
no” IDo—o Il OH 
H2520g 


6. Reaction with Caro’s acid (H,,SO,): H,SO, when warmed 
with H,O,, loses O, and is converted to H,SO,. 


H,SO, + H,O, —™ H,SO, + H,O + oT 

. Reaction with sulphur trioxide (SO,): SO, on reaction 
with anhydrous H,O, gives Caro’s acid. 

H,O, + SO, —> H,SO, 

_ Reaction with titanium dioxide (TiO,) in conc H,SO, 
or titanium sulphate, Ti(SO,),: On addition of H,O, to 
the solution of TiO, in conc H,SO, or to the solution of 
Ti(SO,),, a blue-coloured solution is obtained due to the 
formation of pertitanic acid, H,TiO,. H,TiO, being unstable, 
decomposes to give bright yellow titanium trioxide, TiO}. 

Ti(SO,), + H,O, + 2H,0 — H,Ti0, + 2H,SO, 

Or 

Ti* + H,O, + 2H,0 —> H,TiO, + 4H? 

> TiO, + H,O. 

This reaction is used as a test of H,O,. 

. Reaction with acidic solution of K,CrO, or k,Cr,0,: 

On addition of H,O, to a solution of K,CrO, or K,Cr,0, 
containing dilute H,SO 4 and small amount of ether, ethereal 
layer turns intense blue in colour. This is due to the formation 


of chromium diperoxide [or chromic peroxide], CrO, or 
Cr(O,,),0. 


K,CrO, + H,SO, + 2H,0, ma s K SO, + CrO, 

ae + 3H,O 
Cro2- +2H® + 2H,O, ——=> CrO; + 3H,0 

K,Cr,0, + H,SO, + 2H,0, —“"> K,S0, + 2Cr0, 
Potassium + 5H,O 
dichromate 


Or 
CrO% + 2H® + 4H,0, —*> 2C10, + SH,O 
OSs l ZO 
bo 
O 
Note: CrO, is known as butterfly structure. 


This reaction is used as a test for H,O.. 


10. Reaction with alkenes: H,O, reacts with a 


Ik = 
glycols. (addition reaction) enes to fom 


H)C = CH3 + H202 —> H2C — CH, 


Ethylene 
r OH OH 
Ethylene 
glycol 


11. Addition compounds: Hydrogen peroxide forms 4 
compounds with certain inorganic salts, and few 
compounds. 

For example, Na,HPO,-H,9,, (NH,),SO,-H 
Co(NH,)-H,0, (Trade name ortizon or hyperol) 
H,O, on reacting with water. 


Aditi, 
Organic 


29, and 
' They Biye 


3.9.6 USES OF H,O, 


The uses of H,O, are as follows: 

1. H,O, is used in the industries as a bleaching agent fy 
textiles, paper, leather, straw, fats, oils etc. 

2. Domestically, it is used as a hair bleach and as a mili 
disinfectant (for washing wounds, teeth and ears). 

3. In laboratory, it is used as an oxidising agent. 

4. H,O, is extensively used to manufacture chemicals suci 
as sodium perborate and percarbonate which are important 
constituents of high-quality detergents. 

5. H,O, is used for the production of epoxides, propylene oxice 
and polyurethans. 

6. H,O, is also used in the synthesis of hydroquinone. 
pharmaceuticals (cephalosporins), tartaric acid and few foot 
products. 

7. A fast growing use of H,O, is in environmental (ge 
chemistry, for example: E 
a. In the pollution control treatment of domestic 2° 

industrial effluents. 
b. Oxidation of cyanides. 
c. restoration of aerobic conditions to sewage wastes 

8. For restoring the colour of blackened lead paintings 


9. As a propellant or fuel in submarines and rockets. 


3.9.7 STRENGTH OF H,O, SOLUTION l 
, O" T L 
Strength or concentration of H,O, solution 1s expressed 
following ways: E 
1. Interms of volume of O, gas: The volume (i 
produced at STP on heating one volume (OF 
solution is known as the concentration of H, i 
The commercial samples are marked as +10 vol 
volume’, ‘30 volume’, etc. 


we 
) 


nmL)o! 0; 0. | 


E i to! 
-Q|U 
sor 
we | 


P ol 
a. 10 volume means that one volume of H,0)°" 
heating at STP produces 10 volume of 
of H,O, solution on heating at STP produce 


O, gas. 


Ni | 
Ay 


ga» 
2” 0 ml o 


4 similarly, 10 mL of 10 volume solution of H,O, will 
give, 10 x 10 = 100 mL of O, gas at STP. 


10 mL of 20 volume solution of H,O, will give 
10 x 20 = 200 mL of O, gas at STP. 


Thus the strength of 10 volume and 20 volume H,0, 
solution is 10 mL and 20 mL respectively. 


2. In terms of percentage weight: The weight of pure HLO, 

in a given sample of H,O, may be expressed in terms of 

percentage weight, i.e. g 100 mL! or gL '. Thus 5% H,O, 

solution (w/v) means that 5 g of H,O, is present in 100 mL 

of solution. 

a. The concentration of a ‘10 volume’ solution of H,O, 
in terms of percentage weight and in g L`! is 3.035% 


and 30.35 g L`™ respectively. This can be calculated as 
follows: 


2H,0, —— 2H,0 + O, 


2(34) g 32 g at STP 
=68 g or 22400 mL at STP 


22400 mL of O, gas is obtained at NTP from 68 g of 
H,O, 


-. 10 mL of O, gas is obtained at NTP from 


S400 * 10 g of H,O, = 0.03035 g of H3O, 


1 mL of H,O, contains 0.03035 g of H,O, 

100 mL of H,O, contains 0.3035 x 100 = 3.035 g of 
ELO, 

Hence, concentration of ‘ 10 volume’ of H,O, solution 
is 3.035% (w/v) or concentration or strength of pP 
volume’ of H,O, solution is 3.035 x10 = 30.35gL . 
3. In terms of normality: To know the normality, equivalent 
weight of H,O, should be known, and this can be calculated 
as follows: 


2H,0, —> 2H,O0 + O, 
(2734) 322g 
= 68 g 


32 parts by weight of O, are obtained from 68 parts by 


weight O 
igh of H, 7 68x 8 


32 


-. 8 parts by weight of O, are obtained from 


= 7 parts by weight of HO, 


<. Equivalent weight of H,O, 7 17. 


=i 
IN=17gL 
O, solution 


; -] 
soln in g L _ 30.35 


———— 


17 


A 


Normality of 10 volume H, 


_ Strength of 10 volume H202 
p Equivalent weight of H,02 


= 1.785 N 
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2H,0, —> 2H,0 + O, 
2 mol 1 mol 

2 mol of H,O; = 22.4 L of O, 

| mol of H,0, = 11.2 L of O, 

IM H,0, = 11.2L of O, 

IN H,O; = 5.6 L of O, = 5.6 volume of O, 
Alternatively: 

2H,0,—~ 2H,0 + O, 

2 x 34 gL! = 22.4 L of O, at STP 

17 gL' = 1N = 5.6 g L of O, 
Alternatively: 

H,O, = O, 


] equivalent = equivalent (224 L=5.6 L | 


1.7% of H,O, = 17 gL! of H,0, = 5.6 Lof O, = 8 gof O, 
(1L = 1000 mL of H,O, = 17 g of H,O, 
100 mL of H,O, = 1.7 g of H,O, = 1.7% of H,O,) 
General formula of volume strength of H,O, 


a. 1.7% of H,O, = 17 gL! of H,O, = 5.6 L of O, at STP 
= 8 g of O, at STP 


b. Volume strength of H,O, x Volume of H,O, = Volume 
of O, at STP 


c. 3% solution of H,O, is marked as 10 volume H,O, 
d. 30% solution of H,O, is marked as 100 volume H,O, 


3.9.8 USE OF LIQUID HYDROGEN AS FUEL 


Liquid hydrogen has already been used as rocket fuel. The chemical 
reaction involved is: 
l 

wat > Ore) 

Both reactants H, and O, are stored as liquids in separate tanks. 
The hydrogen tank holds 1.5 x 10° L of liquid hydrogen. The 
oxygen tank carries 5.4 * 10° L of liquid oxygen. During the “lift 
off’ operations, these propellants power the shuttle’s main engine 
for about 8.5 min. Here, liquid hydrogen is consumed at the rate 
of nearly 3000 L sec |. 


Hydrazone or Triatomic hydrogen (H,) 
The existence of H, was proposed by J.J. Thomson (1920) in his 
experiments on cathode rays. lt can be prepared by the action 
of X-rays from radium on ordinary hydrogen. It can also be 
prepared by passing silent electric discharge (app. 20,000 V) 
through ordinary hydrogen, The yield of H, is 0.02% 

e IL, is highly unstable having very short lifespan. 


H —> H,O + 286 kJ 


e H, rapidly changes into ordinary hydrogen and cannot be 
stored as such. 


Calculate (a) normality, (b) molarity, (c) strength in or and 
(d) percentage strength of 10 volume H,O,. 
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a. 5.6 volume strength of H,O, = IN 


10 
10 volume strength of H,O, = 56 N= 1.785 N 


b. Molarity 
M= Se = = (° n-factor of H,O, = 2) 
n-factor 2 
= 0.89 M 
c. 5.6 volume strength of H,O, = 17 g P 
17x10 -] 
10 volume strength of H,O, = Era = 30.35 gL 
d. 5.6 volume strength of H,O, = 1.7% 
1.7 x10 
10 volume strength of H,O, = ~ = 3.03% 


Calculate the number of moles and weight of O, produced on 
heating 1.12 L of 10 volume strength of H,O, at STP. 
ISSP Volume of O, at STP 


= volume of H,O, x volume strength of H,O, 
=1.12Lx10=11.2L 


11.2 L 
Moles of O, at STP = ——— = 0.5 
oles of O, a AL 0.5 mol 


Weight of O, = 0.5 x 32 = 16.0 g 


10 ml of H,O, liberates 12.7 g of iodine from an acidic KI 


solution. Calculate (a) normality, (b) molarity, (c) volume 
strength. (d) strength and (e) percentage strength of H,O,. 


a. MW (L)=2x 127=254¢ 
254 
iy =e 


(> U —4 L + 2e°, n=2) 
H,O, =KI =], 
l mEq = | mEq = I mEq 


N,V, (mL) = 3 
ee” Ewa) ~ 10° (mEq) 
1n 
127 


N; of H,O, = 10N 


b. Molarity ofH0,=—N  _10 _ 

2-2 n-factor 2 5M 
= 5.6 volume strength of H,O 
10N of H,O, = 5.6 x 


c. 1N ofH,0, 

2 

10 = 56 volume strength of H,O 
2 


d. 1N ofH,0, = 17 gL” 

10 N of H,O, = 17 x 10 = 170 gL" 
e. 1 N of H,O, = 1.7% 

10 N of H,O, = 17% 


A solution of K,Cr,O;} containing 4.9 gL is used to titrate H 0 
solution containing 3.4 gL! in acidic medium. What volume of 
K,Cr,O;, will be required to react with 20 mL of H,O, solution? 
Also calculate the strength of H,O, in terms of available Oxygen 


Sol. | Strength = Normality x Equivalent weight = Ņ x pw 


39x2+52+2+16x7 294 


EW (K,Cr,0,) = F == 49.02 


-: In acidic medium, 
Cr,0,7 + 14H® + 6e° — 2Cr" + 7H,O, n-factor = 6 


4, 
Strength : 4.9 -01N 
EW 49 


Strength 3.4 
—— = — =0.2N 
EW 17 


N (K,Cr,0,) = 
N (H,0,) = 


H,O, —> O, +2H® +2e° (n=2) 


EW=—=17¢ 


C07 =H,0, 
mEq of Cr,07- = mEq of H,O, 
N,V, =N,V, 
0.1 x V| =0.2 x 20 
0.2x20 _ 


V,= = 
1 01 40 mL 


Volume strength of H,O, 

1 N = 5.6 L of O, (Volume strength of H,O,) 
0.2 N = 5.6 x 0.2 = 1.12 L of H,O, o 
It is written as 1.12 volume of H,O.. 


When 100 mL ofan aqueous solution of H,O, is titrated with 3 
excess of KI solution in dilute H,O,, the liberated I, required 50 
mLof0.1 MNa, S,0, solution for complete reaction. Calcula® 
the percentage strength and volume strength of H,O, solution 


| Sol. | Reactions involved are as follows: 
2 4 eae re 
H,0, —> 2H,0 
+ 2HY —+ L + H,O 
2 4 L — 21° m 
28,07 — S O02 + 26% ia 


28,05" + L —> sS 40, +2 


2H® + pr + 


H,O, + 215 


2 
ror Eq: (V) n-factor = = = 1 
H,O, = = L= S,0;- 
‘neq of H302 = mEq of I° = mEq of L = mEq of 3,07 
N,V, (mL) = N,V, (mL) 

N, x 100=0.1 x 1(n-factor) x 50 mL 
0.1x1x50 
100 

IN H,O, = 1.7% of H,O, 

0.05 N H,O, = 1.7 x 0.05 = 0.085% of H,O, 

1 N H,O, = 5.6 volume of O, 

0.05 N H,O, = 5.6 x 0.05 = 0.28 volume of O, 
Volume strength of H,O, = 0.28 volume 


Calculate the volume strength of H,O, solution if 50 mL of H,O, 
solution is diluted with 50 mL of H,O. 20 mL of this diluted 
solution required 40 mL of M/60 K,Cr,O, solution in presence 
of H,SO, for complete reaction. 


ED 1,0,= Cr,0;" 


N (H,0,) = =0.05N 


(n=2) (n=6) 
mEq = mEq 
N,V, =N,V, 


1 
N, x 20= — x6 40 
60 


= SA =| E 100 mi of 8,6, on dilation 
60 20 


The normality of the 50 mL of H,O, should be twice the 


N; 


- Rormality of 20 mL of the diluted solution of H,O,, since the 


a 


Volume of H,O, solution has doubled. 
(50 mL of H,O, + 50 mL of H,O = 100 mL of solution of H,O,) 
~ NV, =N,V, 
0.2 x 100 mL = N, x 50 mL 
N, = 0.4N 
“. Volume strength of H,O, = 5.6 x 0.4 
= 2.24 volume of O, 


50 mL of ozone, O, at STP was passed through p eA a 
> volume’ H,O, solution. What is the volume strength of H,O, 
after the reaction? 


(i) 
mo O,+0O 


wi ii) 
H,O, —> H,O +O „lii 
O + O—>0, 
(A vol) (%2 vol) (1 vol) ‘11 produce 
From Eqs. (i) and (ii), we get 50 mL of O; at sak Sale 
ML of molecular O, as such and 50 mL of oxyg 
after reaction with H,O,. 
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This new volume of 50 m 


with H,O, is contributed e 
of oxygen has been contri 


L of molecular oxygen after reaction 
qually by O, and H,O,. Thus, 25 mL 
buted by H,O,, 
Volume of HO, x volume strength of H,O, 

= Volume of O, at STP 
50 mL x 5V H,O, = 250 mL of O, at STP. 


After utilisation of 25 mL of O,, according to Eq. (iii), the 
balance (250 — 25) mL = 225 mL of O 


of H,0,. 
Hence, volume strength of H,O,, after reaction is 
Volume of O, at STP 225 

Volume of H,O, 50 


2 İs still available by 50 mL 


-. Volume strength = 4.5 


5.1 g sample of H,O, solution containing x% H,O, by weight 
requires x mL of K,Cr,0, solution for complete oxidation under 
acidic condition. What is the molarity of K,Cr,0, solution? 


Sok” 100 g of H,O, solution contains = x g of H,O, 


xx5.] 
5.1 g of H,O, solution contains = = g of LO, 
= Weight of H,O, 
Weight of H,O, x10 
mEq of H,O, = ——-—__+-2 ———_ 
T9 MaMa EW (H,0,) 


5. lx 3 ] 
— x10" x — = 3x mE 
100 p mem 


oH 
Cr,0?" = H,O, 


mEq = mEq 
N,V, = 3x 
Nix x =3x 


N(K,Cr,0,) = 3 N 


N 3 7 
M (K,Cr,0,) = = = a 0.5 M 


200 mL of acidified 3 N H,O, is reacted with KMnO 
till there is a light tinge of purple colour. 
of O, produced at STP. 
Sol.) N of H,O, = 5.6 volume of O, 
3 N of H,O, = 3 x 5.6 = 16.8 


4 solution 
Calculate the volume 


volume of O, (volume Strength 


of H,O,) 
Volume of O, produced by H,O, at STP 


Volume of O, x Volume strength of H.O, 
= 200 mL x 16.8 = 3360 mL 
Same volume will be produced by KMnO, 


= 3360 mL 
Total volume of O, produced = 3360 + 336 


0 = 6720 mL 
= 6.72 L 


a > ae 


3.38 Inorganic Chemistry 


a. When HO; is added to blood, rapid evolution of a gas 


occurs. Why? 
b. Hydrogen peroxide acts both as an oxidising and as a 


reducing agent in alkaline solution towards certain first row 
transition metal ions. Illustrate both these properties of H,O, 
using chemical equations. 


a. The enzyme present in the blood catalyses the oxidation of 
H,O, and hence rapid evolution of O, takes place. 


Enzyme 
2 H,O, —Tin blood) 2H,O + 0,7 


b. As oxidising agent in basic medium: Chromium hydroxide 
is oxidized by H,O, in presence of NaOH into sodium 
chromate. 

[H,O, — H,O + [O]] x3 
2Cr (OH), + NaOH + 3[0] —> 2Na,CrO, + 5H,O 


2Cr (OH), + 4NaOH + 3H,0, —> 2Na,CrO, + 8H,O 


What happens when: 

a. Chromium hydrogen is treated with hydrogen peroxide in 
the presence of sodium hydroxide. 

b. Hydrogen peroxide is added to ferrous ammonium sulphate 
solution. 

c. Hydrogen peroxide, is added to acidified potassium 
permanganate. 

d. An alkaline solution of potassium ferricyanide is reacted 
with H,O.. 


a. Chromium hydroxide is converted into soluble yellow 
sodium chromate. 
[H,0, — HO + [O]] x 3 
Cr(OH), + 4NaOH + 3[0] —> 2Na,CrO, + 5H,O 
2Cr(OH), + 4NaOH + 3H,0, —> 2Na,CrO, + 8H,O 
b. Ferrous ammonium sulphate is oxidised to ferric salt. 
H,O, —> H,O + [O] 
[O] + 2FeSO, + H,SO, —> Fe, (SO,), + H,O 
2FeSO, + H,SO, + H,O, —> Fe, (SO,), + 2H,O 
c. Potassium permanganate is decolourised. 
2KMnO,;, + H,SO, —> K,SO, + 2MnSO, + 3H,O + 5[0] 
[H,O, + [0] — H,O + O,] x 5 
2 KMnO; + 3H,SO, + 5H,0, —> K,SO, + 2MnSO, 
+ 8H,O + 5H,O 
d. Potassium ferricyanide is reduced to potassium ferrocyanide. 
2K,[Fe(CN),] + 2KOH —> 2K,[Fe(CN),] + H,O + [O] 
H,O, + [0] — H,O F O, 
2K, [Fe(CN);] + 2KOH + H,O, — 2K [Fe(CN),]+2H,0 + 0, 


There are three samples of H,O, labelled as 10 yo] 15 

20 vol. Half litres of each sample are mixed and there ie 
with equal volume of water. Calculate the volume strength 
resultant solution. of 


“Sol. | Volume strength = 5.6 x Normality 
Or 


1 | 
V=5.6 xN, Total volume = [3 +2 +4 eo ai 
2 2 2) 2 


10 15 20 
N= Ta sp 56 


N,V, + N,V, +N3V3=NpVp 
10 15 1 20 1 


ete ap eee rn 
56 2 56 2 56 2 


=> Ny = L339 
Volume strength = N, * 5.6 
= 1.339 x 5.6=7.5 


CONCEPT APPLICATION EXERCISE 3.2 


1. What do you understand by ‘Water gas shift reaction’ ? 
Discuss its use for the preparation of hydrogen. 

2. Hydrogen forms compounds with elements having atomic 
numbers: 9, 11, 12 and 17. What are their chemical 
formulas? Compare their chemical behaviour. 

3. What are metallic/interstitial hydrides? How do they 
differ from molecular hydrides? 

4. Complete the following reactions: 

a. CaO,,) + H,0,,, > 


(1) 
b. Na,0,,) + H-O) 


5. Explain why hydrogen peroxide is stored in coloured 
plastic bottles? 
6. Describe the industrial applications of hydros*® 
dependent on: ! 
a. the heat liberated when its atoms are made to combi? 
on the surface of a metal. 
b. its effect on unsaturated organic systems in presents 
of a catalyst. sft, 
e. its ability to combine with nitrogen under spel" 
conditions. 
7. How is dihydrogen prepared 
a. from water by using a reducing agent? 
b. in the laboratory in pure form? 
c. from hydrocarbons? 
8. Complete the following: 
a. Fe) + HO p) -> | 


b. PbS.) + HOgy > | 


© 
f MnO, (aq) + H Oz (9) => 
9. Discuss the importance of heavy water in nuclear : 
10. How is heavy water prepared from normal water’ 


—> 


react 


A 


1. 


12. 


13. 


14. 


|15. 


16. 
|17. 
18. 


19. 


20. 


29, 


30. 


explain why water has high boiling and melting points as 
compared to H,S. 
Distinguish between: 

a. Hard water and soft water 

p. Temporary hardness and permanent hardness 
Explain the correct context in which the following terms 
are used: 

a. Diprotium b. Dihydrogen 

c. Proton d. Hydron 
Is it correct to say that hydrogen can behave as a metal? 
State the conditions under which such behaviour can be 
possible. 
Name the isotopes of hydrogen. What is the importance 
of the heavier isotopes of hydrogen? 
How many allotropes of dihydrogen are known? What is 
their importance? 
Name the class of hydrides to which H,O, B,H,, NaH and 
LaH, belong. What is understood by ‘hydride gap’? 
Hydrogen forms three types of bonds in its compounds. 
Describe each type of bonding using suitable examples. 
Elements with atomic numbers 17 and 20 form compounds 
with hydrogen. Write the formula of these two compounds 
and compare their chemical behaviour in water. 
Complete the following reactions: 

a. CuO... + H 


b. CO.) +H 


Xg) ? 


2(g) re 


. Describe some unusual properties of water. 

. What is the difference between hydrolysis and hydration? 
. What is understood by hydrogenation? 

. What are the advantages in using hydrogen as a fuel? 

. Ionic hydrides are frequently used to remove traces of 


water from organic compounds. What is the underlying 
basis of this process? 


- Although D,O resembles H,O chemically yet it is a toxic 


substance. Explain. 


. Why do lakes freeze from water top towards bottom? 
28. 


Why is ice dense than water and what kind of attractive 
forces must be overcome to melt ice? | | 
A white solid is either Na,O or Na,O,. A piece of red 
litmus paper turns white when it is dipped into a freshly 
made aqueous solution of the white solid. | 
a. Identify the substance and explain with 
equation. 
b. Explain what would happen to t 
white solid were the other compou 
Explain the following: 
a. Hydrated barium pero 
of H,O, instead of anhydrous 
b. Phosphoric acid is preferred t 
preparation of H,O, from bari 
c. Hydrogen is not prepared by ac 
sulphuric acid on zinc. 


balanced 


he red litmus if the 
nd. 


xide is used in the preparation 
barium peroxide. 

o sulphuric acid in the 
um peroxide. 

tion of concentrated 


oes —— Hydrogen, Water and Hydrogen Peroxide 3.39 


d. A solution of ferric chloride is unaffected when 
hydrogen is bubbled through it, but gets reduced 
when zinc is added to the same acidified solution. 

31. An element has the minimum and maximum oxidation 
States as —X and +X respectively. It does not have the 
possibility of undergoing disproportionation in any of its 
compounds. What is the value of X ? 

32. Give reason for the following: 


| te a 
a. The process 5 Haig) tE —~+» H”(,, is endothermic, 


yet ionic hydrides are known. | 
b. A mixture of hydrazine and H,O, with Cu(II) catalyst | 
is used as a rocket propellant. 
c. It is possible to remove completely the temporary 
hardness caused due to Mg(HCO,), by boiling. 


33. The degree of hardness of a given sample of hard water 
is 40 ppm. If the entire hardness is due to MgSO,, how 
much of MgSO, is present per kg of water? 


[Solved Examples | 


A 5.0 mL of solution of H,O, liberates 0.508 g of iodine from 
acidified KI solution. Calculate the strength of H,O, solution 
in terms of volume strength at STP. 


0.508 
NSE) mEq of l= x 1000 
2 127 


0.508 

mEq of KI = x 1000 

27 

0.508 
mEq of H,O, = — 1000 
0.503 1000 

Normality of H,O, = aa 

=? 127 5 


For H,O,, 
5.6 x Normality = Volume strength 
i 0.508 x 1000 
*. Volume strength = 5.6 >` —— 
127x $ 


= 4S V 


To a 25 mL H,O, solution, excess of an aciditied solution of 
potassium iodine was added. The iodine liberated required 20 
mL of 0.3 N sodium thiosulphate solution. Calculate the volume 
strength of H,O, solution, 


AD mtg of Na,S,0,~ 20 x 0.3 =6 
mEq of L, = 6 


mEq of H,O, = 6 


3.40 Inorganic Chemistry 


Normality of H,O, = N 


For H,O,, 5.6 x Normality = Volume strength 


6 
z. Volume strength = 5.6 x 35 = 1.344 


Element (A) burns in nitrogen to give an ionic compound, (B) 
reacts with water to give (C) and (D). A solution of (C) becomes 
milky on bubbling carbon dioxide. Identify (A), (B), (C) and (D). 


a. Since element (A) burns in nitrogen to give an ionic 
compound, therefore (B) must be a metal nitride 

b. Since (B), a metal nitride reacts with water, (B) is ionic 
nitride and the product formed, i.e. (C) and (D) are metal 
hydroxides and ammonia, (NH;). 

c Since (C) becomes milky on bubbling CO,, (C) must by 
calcium hydroxide, Ca(OH),. 
All reactions involved in the question can be explained as 
follows: 

A 

3Ca + Nog ——? CaN, (5) 


Calcium nitride 


(A) (B) 
Ca,N, + 6H,0 — Ca (OH), + 2NH; ¢) 
(B) Calcium Ammonia (D) 
hydroxide(C) 
Ca(OH), + CO, —> CaCO, + H,O 
Calcium 
carbonate 
(milkiness) 


(D) 
Thus, (A) = Ca, (B) = Ca,N,, (C) = Ca(OH), (D) = NH, 


Calculate the volume of 10 volume H,O, solution that will react 
with 200 mL of 2 N KMnO; in acidic medium. 


Volume strength 10 


=—N 
5.6 5.6 


Sol Normality of 10 volume H,O, = 


Applying normality equation, 
N,V, = N,V, 
(H,0,) (KMn0,) 


_ 2% 200% 5.6 
10 


An aqueous compound of an inorganic compound (X) shows 

the following reactions: 

a. It decolourises an acidified KMnO, solution accompanied 
by the evolution of oxygen. 


= 224 mL 


b. It liberates I, from an acidified KI solution. 
c. It gives a brown precipitate with alkaline KMno 
with evolution of oxygen. 
d. It removes black stains from old oil paintings, 
Identify (X) and give chemical equations for the react 
at steps (a) to (d). 
| Sol.’ In reactions (a) and (c), (X) acts as a reducing agent whi 
in (b), it acts as an oxidising agent. Thus these reactions in Ha 
that (X) is H,O, which is further confirmed from reaction d ate 
a. 2KMnO, + 3H,SO, + 5H,0, —> K,SO, + 2MnS0, 
Purple Coliniien 
coloured 
+ 8H,O +50 
b. 2KI+H,SO, + H,O, —> K,SO, + I, + 2H,0 
c. 2KMnO, + 3H,0, — 2KOH + 2Mn0, + 2H,0 + 30, | 


Brown 


d. PbS + 4H,O, —> PbSO, + 4H,O 
Black White 


3.4 g sample of H,O, solution containing x% H,O, by weight 
requires x mL of a KMnO, solution for complete oxidation 
under acidic condition. The normality of KMnO, solution is: 
a. 1 N b.2 N e3 N d. 0.5 N 


FSA 100 g of H,O, sample contains = ‘x’ g H,O, 


3.4 g of H,O, sample solution contains = x3.4¢g | 


3.4x | 
Weight of H,O, = —— i 

em ew 2 100 | 
3.4x 1 
——_ X — 
100 17 

3.4x <10 34x > 
100x17 17 
mEq of KMnO, = x x N 

x*xN=2% 
N=2 

Hence, the correct option is (b). | 


mes O 


. 0 
If 100 mL of acidified 2N H,O, is allowed to react with KM > 


PR Ne: , nlume % 
solution till there is light tinge of purple colour, the volum 


Eq of H,O, = 


mEq of H,O, = 


oxygen produced at STP is: 
a, 2.24 L b. 1.12 L 


n 
|Sol Volume of O, at STP = 100 mL x 11.2 volume streng 
=1120mLofO,atSTP gh 
= 11.2 volume sire 


336L aiast 


(Since IN = 5.6 volume strength; 2N 
of H,O,) 

Volume of O, produced by H,O, = 1120 mL dt 

Same volume of O, produced by KMnO; = 1120 


> 


volume of O2 = 2240 mL = 2.24 L 


ence the correct option is (a). 


: 
p ym burns in nitrogen to produce a white powder which 


calci l 
gissolves in sufficient water to produce a gas (A) and alkaline 
‘on. The solution on exposure to air produces a thin solid 


e surface. Identify the compounds (A) and (B). 


A , 
(sa Cat+No— ? white powder 
H,O 


Gas (A) + alkaline solution 
air 
thin solid layer 
(B) 
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Ca on heating with N, produces calcium nitride, Ca,N,, 4 
white powder. Ca,N, on reacting with water produces ammonia 
gas (NH,), i.e. (A) and alkaline solution, Ca (OH),. Ca (OH), on 
exposure to air, reacts with atmospheric CO, to give insoluble 
CaCO,. 

Hence, (A) = NH,, (B) = CaCO,. 


3Ca +N, —— CaN, 
Ca,N, + 6H,O—> 3Ca (OH), + 2NH; 
(A) 


Calcium 
hydroxide 
(alkaline solution) 
Ca (OH), + CO, —> CaCO; 1 +H,O 
(air) (B) 


\ 


B Exercises 


EEE, 


Single Correct Answer Type il 


Hydrogen and Hydrides 


1. Which ofthe following process uses water gas shift reaction? 
(1) Merck’s process (2) Lane’s process 
(3) Permutit process (4) Bosch’s process 


2. In which of the following compound does hydrogen exhibit 
a negative oxidation state: 


(1) LiH (2) H,O 

(3) HCl (4) none of these 
3. The number of neutrons in deuterium is 

(1)2 (2) 3 

(3) 1 (4) 0 


4. In which of the following reaction dihydron acts as an 
oxidising agent? 


(1) Ca + H, —> CaH, 
(3) H, + F, —> 2HF 


(2) 2H, 7.0, 2H,O 
(4) CuO +H, —> Cu + H,O 


5. Which of the following metal does not produce dihydrogen 
gas with dilute hydrochloric acid? 


(1) Mg (2) Zn 
(3) Ag (4) Ba 
6. Which oxide cannot be reduced by H,? 
(1) ALO, (2) CuO 
(3) ZnO (4) All of these 


7. Ortho- and para-hydrogen differ in 
(1) atomic number 
(2) mass number 
(3) electron spin in two atoms 
(4) nuclear spin in two atoms 

8. Nascent hydrogen consists of 
(1) hydrogen ions in the excited state 
(2) hydrogen molecules with excess energy 
(3) solvated protons 
(4) hydrogen atoms with excess energy 

9. The hydride ion H” is a stronger base than hydroxide ion. 


Which of the following reaction would occur if NaH is 
dissolved in water 


(1) H? ag + H,0q, — H,0” 
(2) HP 


(aq) (aq) 


+ HLO p — ÔH ag + H, 


(aq) (aq) 
(3) H? + H,O —> No reaction 
(4) none of the above 

10. Which of the following pair of substances will not evolve H, 
gas 


(1) Iron and aqueous H,SO, (2) Copper and HCl, 
(3) Sodium and ethanol ' 


(4) Iron and steam 


11. H, molecule has two electrons and two nuclei. In wh 


of hydrogen the spin of electrons and also the spin Ich fy 


are in opposite directions. OF nc 
(1) orthohydrogen (2) parahydrogen 
(3) metahydrogen (4) B-hydrogen 


12. What is false about Lane’s process? 
(1) Method is used for manufacture of dihydrogen 
(2) It involves the oxidation of iron by steam 
(3) It involves the reduction of H,O, j by iron 
(4) It involves the oxidation of water gas 
13. Which of the following hydrides are generally hon. 
stoichiometric in nature? 
(1) Ionic hydrogen (2) Molecular hydrides 
(3) Interstitial hydrides (4) All of these 
14. Dihydrogen gas may be prepared by heating caustic soda on 


(1) Cu (2) Zn 
(3) Na (4) Ag 
15. Hydrogen can react with the following even in dark: 
(DL (2) Cl, 
(3) F, (4) Br, 


16. Hydrogen has the tendency to gain one electron to acquire 
helium configuration, in this respect, it resembles: 
(1) alkali metals (2) carbon 
(3) alkaline earth metals (4) halogens 


17. Which of the following is used as rocket fuel? 


(1) Liquid O, (2) Liquid NH, 
(3) Liquid N, (4) Liquid H, 

18. On burning hydrogen in air the colour of flame is 
(1) green (2) light bluish 
(3) yellow (4) none of these 


19. When electric current is passed through an ionic hydride ” 
molten state: 
(1) hydrogen is liberated at anode 
(2) hydrogen is liberated at cathode 
(3) hydride ion migrates towards cathode 
(4) hydride ion remains in solution 

20. Among CaH,, NH;, NaH and B,H, which a m 
hydrides? 
(1) NH, and B,H, (2) NaH and CaH, ` 
(3) NaH and NH, (4) CaH, and BH, 

21. Which of the following is correct for hydrogen” ; 
(1) It can form bonds in +1 as well as —! oxidation sia 
(2) It is collected at cathode. 
(3) It has a very high ionisation potential. 
(4) All of the above 

22. Hydrogen can be placed in group 17 of the pe 


because 


gler 


. rable 
riod} ” | 


(1) hydrogen forms hydrides like NaH 
(2) hydrogen has isotopes D and T 


| 
| 


Why drogen combines with halogens 
Consider LiH, MgH, and CuH: 
t (1) all are ionic ie 
0) LiH, MgH, are ionic, whereas CuH is covalent 
(3) all are covalent l 
(4) LiH is ionic, MgH, is covalent and CuH is metallic 


14 Select the incorrect statement 


(1) Bosch method for the preparation of H,(g) involves coal 
gasification followed by water-gas shift reaction 


(2) Group 7 to 9 elements are referred as h 
elements 


(3) Metallic hydrides are known as non-stoichiometric 
hydrides 


(4) Cu dissolves in dil. H,SO, and gives H,(g) 


ydrogen gap 


25, Select the incorrect statements 


(1) Ortho hydrogen has more thermal conductivity than para 
hydrogen 

(2) Ionic hydride ion (H°) is a strong Lewis base and thus it 
reacts H,O easily 


(3) Ionic hydrides are used to remove traces of water from 
organic compounds 

(4) In the conversion of atomic hydrogen into ordinary 
hydrogen, bond formation is exothermic 


26. Select the incorrect statement 


(1) The basic property of H, that it can be converted into 
liquid by cooling under pressure is useful for hydrogen 
economy 

(2) From the study of isotopes of H, molecules, eight 
different types of hydrogen molecules are possible. 

(3) Density of ionic hydrides is greater than metals from 
which they are formed. 

(4) MgH, and CuH are intermediate hydrides 


27. Select the incorrect statement 


(1) Occlusion is shown by covalent hydrides 

(2) Complex hydrides are good reducing agents | 

(3) Polymeric hydrides are stable upto 525 K and above this 
temperature they evolve H,(g) E 

(4) In solid state NaH does not conduct electricity but on 
electrolysis of molten state of NaH, Na 1s formed at 
cathode and H, is evolved at anode. 


Water 


9 
28. Which of the following represents the heavy water: 


(1) water at 277 K ees 

(2) water containing large contamination of lead sa 

(3) deuterium oxide 

(4) protium oxide E , 
2. Hardness of water is due to dissolved impurities ol 

(1) calcium and magnesium salts 

(2) barium and magnesium salts 

(3) calcium and strontium salts 

(4) Sodium and potassium salts 


31. 


32. 


33. 


`c light Hydrogen, Water and Hydrogen Peroxide 3.43 
(3) it is lig 30 


- When water is dropped over sodium peroxide, the colourless 


gas produced is 

(1) dinitrogen (2) dioxygen 

(3) dihydrogen (4) hydrogen peroxide 

When a sample of hard water is passed through the layer of 


sodium zeolite resulting which of the following ions will not 
be present in the resulting sample of water obtained? 


(1) Mg** and Ca2* (2) Ca? and Na? 

(3) Mg** and CO2- (4) CO?-and Cl® 

One part of heavy water is present in X parts of ordinary 
water. Here X is 

(1) 10 (2) 60 

(3) 6000 (4) 600000 


When zeolite, which is hydrated sodium aluminium silicate 
is treated with hard water, the sodium ions (Na®”) are 
exchanged with 


(1) H® ions (2) Ca** ions 
- (3) SO? ions (4) OH ions 


34. 


35. 


36. 


37. 


38. 


39. 


40. 


4l. 


10 L of hard water required 0.56 g of lime ( CaO) for 
removing hardness. Hence, temporary hardness in ppm (part 
per million, 10°) of CaCO, is 

(1) 100 (2) 200 

(3) 10 (4) 20 

Heavy water is qualified as heavy liquid as it is. 

(1) a heavy liquid 

(2) an oxide of heavier isotope of oxygen 

(3) an oxide of deuterium 

(4) denser than water 

Number of H-bonds formed by a water molecule is: 

(1)2 (2)8 

(3) 1 (4) 4 

Surface water contains. 

(1) suspended impurities (2) organic impurities 

(3) salt (4) salt and organic compound 
Which of the following is not a water softener? 

(1) Calgon (2) Permutit 

(3) Na,SO, (4) Na,CO, 

Calgon is an industrial name given to 

(1) normal sodium phosphate 

(2) sodium meta-aluminate 

(3) sodium hexametaphosphate 

(4) hydrated sodium aluminium silicate 

Both temporary and permanent hardness is removed on 
boiling with 

(1) Ca (OH), (2) Na,CO, 
(3) CaCO, (4) CaO 
The exhausted permutit is generally 
percolating through it a solution of 

(1) sodium chloride 

(3) magnesium chloride 


regenerated by 


(2) calcium chloride 
(4) barium chloride 


fy 


= ae E 


3.44 Inorganic Chemistry 52. H,O, is reduced by 

42. Heavy water is (1) O, , 
(1) H,O (2) acidic KMnO, solution | 
(2) D,O (3) lead sulphide suspension ın water 
(3) Water at 4°C (4) none of these 


(4) water obtained by repeated distillation 
43. The shape of water molecule is same as that of 
(1) C,H, (2) CO, 
(3) NH, (4) CLO | Na 
44. Given colourless liquid will be determined whether it 1s 
water or not? 
(1) By smelling 
(2) By tasting 
(3) By phenolphthalein 
(4) By adding a pinch of anhydrous CuSO, 


. Heavy water is used in atomic reactor as 


da 
74) 


(1) coolant 
(2) moderator 
(3) both coolant and moderator 
(4) neither coolant nor moderator 

46. Water softening by Clarke’s process uses 
(1) calcium bicarbonate 
(3) potash alum 


(2) calcium hydroxide 
(4) sodium bicarbonate 
47. Hard water is not fit for washing clothes because 
(1) it contains Na,SO, and KC] 
(2) it gives precipitate 
(3) it contains impurities 
(4) it is acidic in nature 
48. Select the correct statement. 
(1) Melting point of HLO is greater than that of D,O 
(2) The presence of H,O can be detected by using anhydrous 
CoCL, 
(3) Marine species can survive in distilled water 
(4) A sample of hard water is passed through the cation 
exchange resin, will not produce lather with soap. 
49. Select the incorrect statement 
(1) Permanent hardness is due to soluble sulphates, chlorides 
and nitrates of Ca and Mg 
(2) Hardness of water depends on the soap Consuming power 


(3) Bond energy of covalent (O-H) bond in water is greater 
than bond energy of hydrogen bond 
(4) K and KO, on reaction with H,O wi 


I] produce the same 
gaseous product 


Hydrogen peroxide 
50. Ethylene and H,O, react to give 
(1) CO,, H,O (2) CO, H,O 
(3) Ethylene oxide (4) Ethylene glycol 
51. H,O, cannot act as 
(1) oxidising agent (2) dehydrating agent 
(3) reducing agent (4) acid 


a 


53. 


55. 


56. 


57. 


58. 


59. 


60. 


61. 


62. 


63. 


. The compound which gives H,O, on treatment with dilute } 


30-volume hydrogen peroxide means 

(1) 30% of H,O, by volume | 

(2) 30 g of H,O, solution contains le of H,O 

(3) 1 cm? of solution liberates 30 cm” of dioxygen gas at STP 
(4) 30 cm? of the solution contains one mole of H,0, 


acid is 

(1) PbO, (2) MnO, 

(3) TiO, (4) KO, | 
Hydrolysis of one mole of peroxodisulphuric acid produces 


(1) two moles of sulphuric acid and hydrogen peroxide 

(2) two moles of peroxomonosulphuric acid 

(3) one mole of sulphuric acid, one mole of peroxomono- 
sulphuric acid and one mole of hydrogen peroxide 

(4)one mole of sulphuric acid and one mole of 
peroxomonosulphuric acid 

Barium peroxide reacts with phosphoric acid to produce 

barium phosphate alongwith 

(1) water 


(2) hydrogen peroxide | 
(3) dioxygen | 


(4) phosphine 
The volume strength of 1.5 N H,O, solution is 
(1) 4.8 (2) 5.2 

(3) 8.8 (4) 8.4 


The volume of 10 volume H,O, required to liberate 500 mL 
of O, at STP is 


0 Š 
(1) 25 mL (2) 50 mL OR 
(3) 100 mL (4) 125 mL o 
Pure H,O, is ( 
(1) semi-solid (2) liquid 
(3) solid (4) gas ae Ls 
34 g of H,O, is present in 1120 mL of solution. This solution | 
is called 
x 
(1) 10 vol solution (2) 20 vol solution i 
(3) 34 vol solution (4) 32 vol solution ( 
A 5.0 mL solution of H,O, liberates 1.27 g of iodine from . 
acidified KI solution. The percentage strength of H,O; !S (3 
(1) 11.2 (2) 5.6 My 
(3) 1.7 (4) 3.4 | 
| ti hes > i f volum? h 
n Question 61, the strength of H,O, in terms 0 l 
strength is m l 
(1) 11.2 (2) 5.6 
(3) 1.7 (4) 3.4 co) p 
100 mL of ozone at STP was passed through 100 m 0; | . 
volume H,O, solution. What is the volume strength of +7 (l 
after the reaction? | y 
(1) 9.5 (2) 9.0 | 8) 
(3) 4.75 (4) 4.5 


vi samples of distilled water, tap water and boiled 
> er required, respectively, 1 mL, 13 mL and 5 mL o 
wa tion to form a permanent lather. The ratio of te 
ON manent hardness in the tap water is 
32 (2) 2:3 
a) 12 (4) 2:1 
34g sample of H,O, solution containing x% H,O, by weight 
5, requires x mL of a KMnO, solution for complete oxidation 
„nder acidic condition. The normality of KMnO 4 SOlution is 
(1) IN (2) 2N 
3) 3N (4) 0.5N 
g6. If 100 mL of acidified 2 N H,O, is allowed to react with 
KMnO; solution till there is a light tinge of purple colour. 
The volume of oxygen produced at STP is 
(1) 2.24 L (2) 1.12 L 
(3) 3.36 L (4) 4.48 L 
67. 100 mL of 0.01 M KMnO, oxidises 100 mL H,O, in acidic 
medium. Volume of the same KMnO, required in alkaline 
medium to oxidise 100 mL of the same H,O, will be (MnO © 
22 ( 4 


changes to Mn?* in acidic medium and to MnO, in alkaline 
medium) 


f soap 
mporary 


(1) mL (2) mL 
(3) mL (4) None 


68. 10 mL of H,O, solution (volume strength = x) requires 
10 mL of N/0.56 MnO solution in acidic medium. Hence 
xis 
(1) 0.56 (2) 5.6 
(3) 0.1 (4) 10 

69. The normality and volume strength of a solution made by 


mixing 1.0 L each of 5.6 volume and 11.2 volume H,O, 
solution are: 


(1) IN, 5.6 vol (2) 1.5 N, 5.6 vol 
(3) 1.5N, 8.4 vol (4) 1N, 8.4 vol 

10. 100 mL of H-O, is oxidised by 100 mL of 0.01 M KMnO, 
i a 2+), 100 mL of the 
In acidic medium (MnO reduced to Mn’ ). cee 
same H,O, is oxidised by V mL of 0.01 M KMnO; in basic 
medium. Hence V is 


(1) 500 (2) 100 
100 500 — 
(3) = 45 


85%. Calculate 


which requires 
n acidic medium 


71 The purity of H,O, in a given sample is 
the weight of impure sample of H,03 
10 mL of M/5 KMnO , solution in a titration | 
(l)2¢ (2) 0.2 g 
(3) 0.17 g (4) 0.15 g 

* Which is false about H,O,? 

(1) Acts both as an oxidising and reducing a 
(2) Two —OH bonds lie in the same plane. 
(3) Pale blue liquid. 
(4) Can be oxidised by O; 


gent. 


__ Hydrogen, Water and Hydrogen Peroxide 3.45 


73. 


74. 


75. 


76. 


77. 


78. 


79. 


80. 


81. 


82. 


The oxygen atoms in H,O, undergoes _ hybridisation. 

(1) sp? (2) sp? 

(3) sp (4) spd 

An orange coloured solution acidified with H,SO, and 


treated with a substance ‘X?’ gives a blue coloured solution of 
CrO,. The substance ‘X’ is . 


(1) H,O, (2) H,O 
(3) dil HCl (4) conc HCI 
Hydrogen peroxide was first time prepared by 


(1) Gay—Lussac (2) Priestley 

(3) Thenard (4) Bernard 

H,O, is a 

(1) monobasic acid (2) dibasic acid 

(3) neutral (4) weak alkali 

Which one of the following compounds is a peroxide? 
(1) KO, (2) BaO, 

(3) MnO, (4) NO, 


34 g of H,O, is present in H,O mL of solution. This solution 
is called: 


(1) 10 vol (2) 20 vol 

(3) 34 vol (4) 32 vol 

A 5.0 cm? solution of H,O, liberates 1.27 g of iodine 
from an acidified KI solution. The percentage strength of 
H,O, is . 

(1) 11.2 (2) 5.6 

(3) 1.7 (4) 3.4 

100 mL of ozone at STP was passed through 100 mL of ‘10 


volume’ H,O, solution. What is the volume strength of H-O, 
after reaction? 


(1) 9.5 

(3) 4.75 

Select the correct statement. 
(1) H,O, can be stored in glass bottles 

(2) Two (OH) groups in H,O, lie in the same plane. 

(3) Dilute solutions of H,O, is concentrated by heating 
(4) H,O, is used to clean oil painting 

Select the correct statement. 


(1) Marshall acid is obtained when H,O, reacts with one 
mole of CISO,H - 


(2) H,O, with moist Ag,O give silver peroxide 
(3) Decomposition of H,O, is accelerated by acetanilide. 


(4) When BaO, or Na,O, is reacted with dilute H,SO,, H,O, 
is obtained T 


(2)9.0 
(4) 4.5 


Multiple Correct Answers Type ill 


Hydrogen and Hydrides 


Which of the following is/are b 
(1) HCI 
(3) H,S 


asic hydride? 
(2) NH, 
(4) PH, 


Ay 


= c= a ee —_ 
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2. 


10. 


In which of the following property hydrogen does not 
resemble with halogen: 
(1) atomicity 

(3) reducing nature 

In the reaction of sodium hydride and water: 
(1) Sodium is reduced 

(2) Hydrogen is oxidised 

(3) Hydrogen is reduced 

(4) No element is oxidised or reduced 


(2) ionisation enthalpy 
(4) electropositive nature 


. Which of the following elements are oxidised when they 
react with dihydrogen? 
(1) Calcium (2) Sulphur 
(3) Lithium (4) Carbon 


What is true about saline hydrides? 

(1) They are binary compounds of hydrogen and metallic 
elements. 

(2) They are crystalline solids. 

(3) They are generally very soft. 

(4) Their common examples are, SiH,, CH, etc. 


. Among the hydrides given below which are reasonably good 


acids? 
(1) NH, (2) HF 
(3) HN, (4) NaH 


. In which of the following hydrides, hydrogen exists in 


negative oxidation state? 
(1) HCl 
(3) CaH, 


(2) NaH 
(4) HI 


. Which of the following metals on treatment with NaOH will 


liberate H, gas? 


(1) Zn (2) Sn 
(3) Al (4) Mg 
. Select correct statements 


(1) Para hydrogen has lower internal energy 

(2) Ortho hydrogen has singlet state whereas para hydrogen 
has triplet state 

(3) At absolute zero, hydrogen contains only Ortho form 

(4) At the temperature of liquefaction of air, the ratio of 
Ortho and Para form of hydrogen is 1 : 1 

Select incorrect statements 

(1) Nascent hydrogen is more active than ordinary H, 

(2) Occluded hydrogen is less active and a stronger reducing 
agent than ordinary H, 

(3) Atomic hydrogen is more reactive than ordinary H,, but 
less reactive than nascent and occluded (or adsorbed) 
hydrogen 

(4) Pure Ortho hydrogen cannot be obtained. 


Water 
11. Which is false about ice? 


(1) It has open cage-like structure. 

(2) It has more density than water. 

(3) Each O atom is surrounded by four H atoms. 
(4) Each O atom has four H-bonds around it. 


12. 


13. 


14. 


15. 


16. 


Hydrogen Peroxide 
17. 


18. 


ch aa hardness is due to CIP and soe of M 
Ca** and is removed by adding Na,CO,. 


CaSO, + NaCO, —> CaCO, + Na,SO, 

CaCl, + Na,CO, ——> CaCO, + 2NaCl 

Which of the following statements is/are correct? 

(1) If hardness is 100 ppm CaCO,, the amount of Na,c 
required to soften 10 L of hard water is 10.6 g, 

(2) If hardness is 100 ppm CaCO,, the amount of Na CO, 
required to soften 10 L of hard water is 10.6 g, 


(3) If hardness is 420 ppm MgCO,, the amount of Na C0, 
required to soften 10 L of hard water is 53.0 g. 


(4) If hardness is 420 ppm MgCO,, the amount of Na,CO, 
required to soften 10 L of hard water is 5.3 g. 


2+ 
g an 


The hardness of water due to HCO,’ is 122 pm. 

Select the correct statement(s). 

(1) The hardness of water in terms of CaCO, is 200 ppm. 

(2) The hardness of water in terms of CaCO, is 100 ppm. 

(3) The hardness of water in terms of CaCO, is 222 ppm. 

(4) The hardness of water in terms of CaCO, is 95 ppm. 

The reagent(s) used for softening the temporary hardness of 

water is (are): 

(1) Ca, (PO,), (2) Ca (OH), 

(3) Na,CO, (4) NaOCl 

When zeolite, which is hydrated sodium aluminate silicate, 

is treated with hard water, the sodium ions are exchanged 

with: 

(1) cl? 

(3) Ca” 

Select the correct statement 

(1) Degree of hardness in a water sample containing 111 ppm 
of CaCl, is 100 (tae 

(2) Mg” sad Ca2* ions can be detected and estimated in 
hard water by titrating with disodium salt of EDTA using 
eriochrome black-T indicator 

(3) Green vitriol contains 5 moles of H,O coordinated with 
Fe?* ion | 

R ; 2+: hard | 

(4) Sequestration is process of removing Ca” 100S from | 

water 


(2) S0% 
(4) Mg” 


Which of the following statements about the follow™s 


reaction is/are not correct? 

Cr LOŽ + 3H,0, + 8H? —> 2Cr** + 7H,0 + 30, 
(1) H,O, is oxidised to O,. 

(2) H,O is reduced to H,O. 

(3) The oxidation number of chromium ato 
(4) Hydrogen ions are oxidised to H,O. 
Which of the following statements is/are correct a 
strength of H,O,. | 
(1) Its normality is 4N. | 
(2) Its molarity is 2M. | 
(3) Its volume strength is 22.4V. | | 


(4) Volume strength = 11.2 x M. : 


m changes by 3. 


bout 6.8% 


a 


H0; requires 100 mL of M/5 KMnO, in a titration in 


M 18° ution paving pOH = 1.0 
whi ich of the following is/are correct? 
( 1) The value of x is 1.7 g. 
0 9) The value of x is 0.34 g. 
6 3) MnO, ; changes to MnO,” 
(4) Hy O, changes to O,. 
p. 20mL of H,O; is reacted completely with acidified K CrO, 
uin: 40 mL of K,Cr,O, solution is required to oxidise 
the H, 0 completely. Also. 2.0 mL of the same K „Cr 20} 


solution is required to oxidise 5.0 mL of a 1.0M H C, ‘0, 


solution to reach equivalence point. Which of the following 
statements is/are correct? 


(1) The H,O, solution is 5M. 
(2) The volume strength of H,O, is 56V. 
(3) The volume strength of H,O, is 112V. 


(4) If 40 mL more 5M/8H,0O, is further added to the 10 mL 


more H,O, solution, itis volume strength of the resulting 
solution is changed to 16.8 V. 


21. The oxidation states of the most electronegative element in 
the products of the reaction between BaO, with dilute H,SO, 


are 
(1)-1 (2) +1 
(3) -2 (4) 0 

2. The oxides which give H,O, on treatment with dilute acid 
are: 
(1) PbO, (2) MnO, 
(3) NaO, (4) BaO, 

23. Which of the following equation shows the oxidizing nature 
of 1L0,? 


3— 
(1) 2[Fe(CN),J* + H,O, + 2H? —> 2[Fe(CN)]" + 2H,0 


(2) 3N,H, + 2H,O _ a, N, + 4H,O 


Catalyst 
(3) Hg + HO aa HgO + H,O 


H2504 


(4) AsO ; +H O, — AsO, 3- + H,O 


i Which of the following equation shows the reducing nature 
of HO, 9 
| ) H,O, + NH,OH —> O, + NH, + H,O 
(2) H,0, + 0, —> HO + 20, 
I~! 0+ O,- 
| (3) H,O, + Pb,O, + 6H? —> 3Pb” + 4H, > 
| (4) Mno, =f + 6H® + 5H, O, — IMn’ H gHLO | 50, 
2 
ý 1,0, can be prepared by the action of 
| (D MnO, + dil. HCI —> 
| @ BaO, + Cold H,PO,— 
L B) BaO, +Cold HO, — 
(4) MgO, + Cold H,SO,— 


| + before it can be used 


Hydrogen, Water and Hydrogen Peroxide 3. 47 


BL ries consehesonye |) 


Paragraph 1 


H,O, is reduced rapidly by Sn?" to give H,O and Snt". H,O; is 
decomposed slowly at room temperature to yield O, and H, O. 
136 g of 10% by mass of H,O, in water is treated with 


100 mL of 3 M Sn?" and then a mixture is allowed to stand until 
no further reaction occurs. 


The reactions involved are: 
2H® + H,O, + Snt —+ Sn’ 
2H,0, —> 2H,O + O, 


"+2440 


1. The equivalent of H,O, reacted with Sn?” is 


L 02 (2)0.3 
Cine (4) 0.6 
2. The equivalent of H,O, left after reacting with Sn’ is 
(1) 0.1 (2) 0.2 
(3) 0.3 (4) 0.4 


3. The volume strength of H,O, left after reacting with Sn is 
(1) 1.12 V (2) 11.2 V 
(3) 2.24 V (4) 22.4 V 

4. Calculate the volume of O, produced at 27°C and 1 atm 
after H,O, is reacted with Sn?" and the mixture is allowed to 


stand. 
(1) 2.46 L (2) 4.92 L 
(3) 1.23 L (4)7.38 L 


Paragraph 2 
Hydrogen accounts for approximately 75% of the mass of the 
universe. Hydrogen serves as the nuclear fuel of our Sun and other 
stars, and these are mainly composed of hydrogen. On the earth. 
though hydrogen is rarely found in the uncombined state. Since the 
earth’s gravity is too weak to hold such light molecules. nearly al! 
the H, originally present in the earth’s atmosphere has been lost to 
space. In the earth’s crust and oceans, hydrogen is found in water 
petroleum, proteins, carbohydrates and other compounds and it is 
the ninth most abundant element on a mass basis. 

Hydrogen has three isotopes: hydrogen or protium (, 'H), 
deuterium or heavy hydrogen (D or cH, ), mtium (T or H). 


The physical properties of the three isotopes are 


diftere “nt due 
to the difference in their masses, i.e. isotope 


etteet The chemical 
properties of the three isotopes are similar as they have the same 
electronic configuration. Reaction between hydrogen 


and oxygen 
is highly exothermic, and gas mixtures that contain 


as httle as 4o 
by volume hydrogen in oxy Ben (or in ar) are Mghly tlammable 
and potentially explosive 

p) i p. ' 

2Hayy t Or) ALO \H 484 kJmol | 
en is environmentally clean it is an enormously 
attractive fuel ‘Hydrogen economy is: an emerging 
itis thought that our energ 


and solid hydrogen 


As hydrop 


field in Which 
y Needs can be met by gaseous, liquid 


As hydrogen ts not a natur ally vecurring substance such as e val, 
Q 


oil or natural gas, energy must be expanded to produce hy drogen 


E 


| 
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14. In which of the following reactions, H,0, 


. If an isotope of hydrogen has one neutron in its atom, its 


5 a dua red, 7 
atomic number and atomic mass will respectively be: agent? Ucing 
(1)1,2 (2) 1,3 (1) 2KI + H,O, —> 2KOH + L, 

Q)iJ (4) 2, | (2) KNO, + H,O, ——> KNO, + H,O 
6. ue the following fuel produces least environmental (3) Na,SO, + H,O, —— Na,SO, + H,O 
pollution’ 
4) PbO, + H,O, —— PbO + H,O + 
(1) Hydrogen (2) Coal 15 ) hi i f i e , a K 
(3) Wood (4) Gasoline ' mite ttie totowing reactions, H,O, acts as an oxidising 

7. Which of the following is radioactive in it (1) 21° + H,0, + HP L + 2H,0 

(1) Hydrogen only (2) Deuterium only 6 z 
a. ; , - (2) 10; + H,O, —> IO,’ + H,0 + O, 
(3) Tritium only (4) Deuterium and tritium 


(3) Ag,O + H,O, —— 2Ag + H,O +0, 
(4) 2MnO,’ + 6H® + SH,O, — 2Mn” + 81,0 + 50, 


os) 


. Hydrogen, H,, is very less abundant in the atmosphere due to 
(1) inflammable nature of H, 
(2) weak earth’s gravity which is not able to hold light H, Paragraph 4 
molecules Red hot coke + Steam —“* > (X) =E (Z) +H 


(3) diatomic nature of hydrogen weenie) 2 
(4) very rapid reaction between hydrogen and atmospheric t 
oxygen Steam 
9. Liquid H, has been used as rocket fuel as 16. The above sequence refers to 
(1) its reaction with oxygen is highly exothermic (1) Lane’s process (2) Bosch’s process 
(2) it occupies small space (3) Ostwald’s process (4) Haber’s process 
(3) it has high thrust 17. ‘X’ is 
(4) all of the above (1) water gas (2) producer gas 
10. Which of the following is the lightest gas? (3) coal gas (4) oil gas 
(1) Hydrogen (2) Oxygen 18. ‘Z is 
(3) Nitrogen (4) Helium (1) CO (2) CO, 
Paragraph 3 (3) O, (4) H,O 
Hydrogen peroxide is a powerful oxidising agent, both in the acidic 19. Catalyst “Y? is 
and alkaline medium. (1) V20; (2) Cr,O, 
In acidic medium: H,O, + 2H® + 2e° —> 2H,O (3) Fe,0, (4) Fe,O; + Cr,0; 


© i . : p 
: PEEN © r 20. ‘Z’ is removed by passing the gaseous mixture throug 
In alkaline medium: HLO, + 2e“ —> 20H yp g g 


Hydrogen peroxide acts as a reducing agent towards powerful 
oxidising agents. 


In acidic medium: H,O, — 2H® + O, + 2e° 


(1) acidic solution 
(2) alkaline solution 
(3) water under high pressure of 25 atm 


: , , (4) an organic solvent 
In alkaline medium, however, its reducing nature is more 


effective. | 
H,O, + 20H —> 2H,0 + O, + 2e” Matrix Match Type 
11. On addition of H,O, to acidified KMnO,, KMnO, gets This section contains questions each with two columns l i 
l ay | ai 
decolourised due to Match the items given in column I with that in the colum a 


(1) oxidation of KMnO, 
(2) reduction of KMnO, 
(3) both oxidation and reduction a, | Calgon 
(4) none of the above of KMnO, 


Column 


| 
j 
| 


l, Column | 

i. More reactive form 0! to 
d (S 

hydrogen as compared 


H, 


12. H,O, behaves as a bleaching agent due to ucture 
(1) oxidising nature (2) reducing nature b DO ii. Open book-type č R nd 
(3) acidic nature (4) unstable nature | ë | Nascent iii, Sodium polymeta- 

13. In the reaction, H,O, + 0, ——> H,O | 20,, H0, behaves hydrogen phosphate l cee 
a . -a 
(1) an oxidising agent (2) a reducing agent |_d | H,0, DET Hea WOR a 
(3) acid (4) base 


_ 


Metallic hydride 


iii. | Tonic hydride 


ii. | Mixed oxide, formed as one 
product in Lane’s process 


Covalent hydride 


stoichiometric 
compound 


- 4. Column I 


Covalent iii. | Hydrolith 


Sodium ion in zeolite gets 
exchanged with 


iv. | Hydrogen compounds of 


non-metals Hardness 


iii.| Ca(HCO,), 


hardness 
Column II Temporary hardness 


ee 
i. | Complex hydride 


Permanent hardness 


5, Match the items given in Column I with that in Column II and HI. 


Column I TA | Column II 
Ortho-hydrogen i. | Spins of the nuclei in opposite 


7 ic direction conductivity 
b. | Para-hydrogen ii. | Atomic hydrogen Reduction of Fe Cl, (yellow) to Fe C L 


(faint green) 


More reactive than various forms of 
hydrogen 


......s. 


[e | Zn + 2Na0H — Na,Zn0, + 


Spins of the nuclei in the same 
direction 


d. | H, is heated with tungten or 
platinum wire by an electric current 


it gives ......... es ies | 


6. Match the items given in Column I with that in Column II and III. 


Column I 
a. | Hydride gap elements 
b. | Metallic hydride or interstitial 
hydrides 
|€ | Electron-deficient molecular 
| hydrides a 
d. | Electron-rich molecular hydrides ie | B, He, B4H;o 


Nascent hydrogen More stable. Less thermal conductivity 


Column Il 


Group 15 to 17 


AAA 


Group 7 to 9 Zr, 3.1.75 VHo 56 


Exist as associated molecules due to 
| intermolecular H-bonds 


Numerical Value Type IH] eae soda, what is hardness of water in terms of ppm of 
aCO,’ 


L. What is the molarity of H,O, of the 11.2 V (volume strength)? 6. What is the sum of protons, electrons and neutrons in the 
2. A bottle of H.O. is labelled as 10 vol H,O,. 112 mL of this heaviest isotope of hydrogen? 
a2 pa : : , 
solution of H,O, is titrated against 0.04 M acidified goluhon 7. What is the sum of protons, electrons and neutrons in the 
of KMnO ete the volume of KMnO; in terms of litre. lightest isotope of hydrogen? 
4° ; ` . 
3, What is the oxidation state of oxygen of H,O, 1n the final 8. How many moles of ammonia are produced when one mole 


S of calcium nitride reacts with water? 

Products when it reacts with ClO; ? 

ret a e final 9. How many moles of phosphine are produced when one of 
t is the oxidation state of oxyge 272 the calcium phosphides reacts with Water? 


. : 9 , 
Products when it reacts with As,03! 10. What is the molarity of a commerci 


3 . e AA A p) J 
5, Washing soda (Na,CO,: 10H,O) 1s widely used in cui! hydrogen peroxide solution? 
of hard water. If 1 L of hard water requires 0.01458 


a a + C 


al sample of 33.6 volume 


3.50 


| 


i 
Bp 
— 


—————— 


Inorganic Chemistry 


JEE MAIN 


Single Correct Answer Type 


i 


Ortho and para hydrogen have 

(1) identical chemical properties. but 
properties | 

(2) identical physical and chemical properties | 

physical properties but different chemical 


different physical 


(3) identical 
properties | | 
(4) different physical and chemical properties 
(AIEEE 2009) 
2. CO+H, —200-200at™_y CH,OH 
“ X (Catalyst) 
The catalyst ‘X?’ is 
(1) Fe (2) Cr,0,/ZnO 
Yves (4)ALO, (AIEEE 2009) 


3. Which of the following undergoes reduction with H,O, in an 


alkaline medium? 


(1) Mn” (2) HOC! 

(3) PbS (4) Fe? (AIEEE 2010) 
4. In the reaction, 

H,S+H,O, —>S+2H,0 


(1) H,S is an acid and H,O, is a base 

(2) H,S is a base and H,O, is an acid 

(3) H,S is an oxidizing agent and H,O, is a reducing agent 

(4) HS is a reducing agent and H,O, is an oxidizing agent 
(AIEEE 2010) 


5. Very pure hydrogen (99.9%) can be made by which of the 


following processes? 

(1) Mixing natural hydrocarbons of high molecular weight 
(2) Electrolysis of water 

(3) Reaction of salt like hydrides with water 


(4) Reaction of methane with steam (AIEEE 2012) 


6. In the reaction, 


2FeSO, +H,SO, +H,0, > Fe,(SO,), +2H,O 
The oxidizing agent is: 
(1) FeSO, 


(2)H,SO, 
(3) H,O, 


(4) both H,SO, and H,O, 
(JEE Main 2013) 


7. The molecular formula of a commercial resin used for 


exchanging ions in water softening is C,H-SO,Na (Mol. wt 


a 


Archives 


- Hydrogen peroxide in its reaction with KIO, and 


sean 
A 


206). What would be the maximum uptake of Ca? ; 


i lo 
the resin when expressed in mole per gram resin? Us by 
l 
| "ES 
(1) TT (2) IT 
- (4) ORE Ma 
©) 309 412 Main 2015 


_ From the following statements regarding H,0,, choose the 


incorrect statement: 

(1) It can act only as an oxidizing agent 

(2) It decomposed on exposure to light 

(3) It has to be stored in plastic or wax lined glass bottles 7 
dark 


(4) It has to be kept away from dust (JEE Main 2015) 


. Hydrogen peroxide oxidises [Fe(CN),]* to [Fe(CN) a 


acidic medium but reduces [Fe(CN)] to [Fe(CN)} 
in alkaline medium. The other products formed ar | 
respectively: 

(1) (H,O + O,) and (H,O + OH) 

(2) H,O and (H,O + O,) 

(3) H,O and (H,O + OH ) 


(4) (H,O + O,) and H,O (JEE Main 201) 


JEE ADVANCED 


Single Correct Answer Type 
1. The reagent used for softening the temporary hardness 


water is/are 
(1) Ca,(PO,), 
(3) Na,CO, 


(2) Ca(OH), 
(4) NaOCl sa 
(IIT-JEE 2 


Multiple Correct Answers Type 
1. The reagent (s) used for softening the temporary hardn 


a 
water is(are), 
(1) Ca,(PO,), (2) Ca(OH), 


(3) Na,CO, (4NaOCL pgm 


net 
respectively, is acting as a | 
(1) reducing agent, Oxidising agent | 
(2) reducing agent, reducing agent | 
(3) oxidising agent, oxidising agent 
(4) oxidising agent, reducing agent a 


| 


ERCISES 


ngle correct Answer Type 
1.(4) 2.(1) 3. (3) 
6.(1) 7. (4) 8. (4) 


11.(2) 12. (4) 13. (3) 
16.(4) 17. (4) 18. (2) 
1.(1) 22. (1) 23. (4) 
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A 


1; Alkali Metals 


1, General electronic configuration: ns’. 


Group 


2. Highly reactive and hence do not occur in the free state but 
widely distributed in nature in the combined form as halides, 
oxides, silicates, borates and nitrates. 


3. They are called alkali metals because they dissolve in water 
and produce hydroxides which are basic or alkaline in nature. 
They have metallic properties. 


4. They have similar chemical properties but they do not occur 
together due to the different sizes of their ions. 


. Na is 7th, K is the 8th and Li is the 35th most abundant 
element by weight in the earth’s crust. 


. Na and Mg are also present in relatively large amounts in 
sea water, brine wells and a few salt lakes. 


cm 


NN 


7. Kand Ca also occur to smaller extent in sea water. 


8. NaandK are almost equally abundant (2.83% Naand2.59%K) 


in the earth’s crust, but sea water contains 2.8% NaCl and 
only 0.8% KCl. 


Itis due to that much of K that appears in ground water from 


dissolved minerals is taken up preferentially by plants while 
Na® ion goes to the sea water. 


- The remaining elements are much less abundant, i.e. Rb is 
the ar Cs is the 46" most abundant element by weight 
in the earth’s crust, while Fr is extremely rare and is 
radioactive. Frwas discovered by Pierre (1939), at the Curie 


Institute, Paris. Isotope of Fr, i.e. Fr” have the longest half 
life of 21 minutes. 


10. Li mainly occurs in the form of silicates, i.e. spodumene 


ILiAl(SiO,),] and lepidolite [(Li, Na, K),Al,(SiO,),F(OH),] 
and amblygonite [LiAl(PO,)F]. 

Important minerals of Na are rock salt (NaCl), borax 
(Na,B,0, -10H,0), trona (Na,CO,: NaHCO; 2H,0), chile 
“alt petre (NaNO,) and mirabilite (Na,SO,). 

12. K mainly occurs as sylvite/sylvine (KCI), carnalite 
(KCI-MgC1,-6H,0) and feldspar (K,O:Al,0,6SiO,). 
The following properties decrease down the group ($): 

à IE,, IE,, EN, melting and boiling points 

: Hydration enthalpy and lattice enthalpy 

Charge density and polarising power 

- Reactivity towards hydrogen 


1. 


13, 


a Ka 


14. 


15. 


16. 


17. 


18. 


The following properties increase down the group (J): 
a. Atomic number and atomic mass 
b. Metallic radius and ionic radius ( MË) 


c. Density (g cm?) (exception, density of K < density of 
Na) 


Reactivity towards water and oxygen 


d. 

Flame colouration: 

Meat [ti e 
Red 
pe 1 


a 
Colour | Crimson | Yellow | Pale 
violet 


Heat from the flame excites the outermost orbital electron to 
a higher energy level. When these e’s return to the ground 
state, there is emission of radiation in the visible region. 


Li is the strongest reducing agent in aqueous solution. 
Since Li has the most negative standard reduction potential 
(E°=23':04 V). Moreover, the high IE, of lithium is more 
than compensated by the hi gh (negative) hydration enthalpy. 
The decreasing order of reducing character in aqueous 
solution is Li > Cs > Rb > K > Na. 

Reactivity towards oxygen increases down 


Li forms monoxide (Li O), Na forms peroxide (Na,O,), 
while K, Rb and Cs form superoxides (MO,, where M = K, 
Rb and Cs) at similar condition. i 

This is due to the fact that com 
the strongest lattice. 


the group (4): 


parable sizes of the ions form 


Solubility in liquid ammonia: They dissolv 
ammonia (up to 5 M) giving 
solution, due to the formati 
The solution contains also a 
concentration of NH 
and when the concen 
colour ch 


e in liquid 
highly conducting deep blue 
on of ammoniated electrons. 
mmoniated cations. Up to 3M 
3 the solution is dark blue in colour 
tration of NH, is greater than 3M, the 
anges to copper-bronze and the solution acquires 
metallic lusture due to the formation of metal ion cluster. 
The blue-coloured Solutions are paramagnetic due to the 
presence of large number of unpaired electrons but bronze 
solutions are diamagnetic due to the formation of electron 
clusters in which ammoniated electrons with opposite spin 
group together, i.e. 


2e° (NH3),, > [Tee (NH), [ve (NH3),J 


a = 


4.2 Inorganic Chemistry 


19. 


20. 


21. 


The solution of alkali metals in liquid NH, has proved to 
be a good conductor of electricity due to the presence of 
ammoniated electrons and ammoniated cations. 

But the conductivity decreases as the concentration of NH, 
increases. This is due to the fact that the ammoniated metal 
cations are bounded by the free unpaired electrons and this 
situation is referred to as expanded metals. 

Basic strength of hydroxides of alkali metals: Basic 
strength of alkali metals increase down the group (4) due 
to their low IE’s. 

All hydroxides of alkali metals are highly soluble in water 
and thermally stable except LiOH which decomposes on 
heating to give Li,O. 


2LiOH —— Li,O + H,O 


Reactivity towards halogens 


Reactivity of alkali met- F, 
als with particular halo- Cl, 


Reactivity of halogens 
with particular alkali 
Br, | metal decreases 

I 

2 


gens increases 


For any given alkali metals, the reactivity decreases in the 
order: 


Fluoride > Chloride > Bromide > Iodide 


Thus, fluorides are the most stable while iodides are least 

stable, because A,H® values for fluorides become less and 

less negative down the group (1). Whereas for chlorides, 

bromides and iodides, A-H© value becomes more and more 

negative down the group (4). 

Lattice enthalpies (A,H°) and hydration enthalpies 

(Agya): Both lattice and hydration enthalpies decrease 

down the group (J). 

a. Greater (more negative) the lattice enthalpy, higher is the 
melting point of the alkali metal halides and lower is its 
solubility in water. 


b. Greater (more negative) the hydration enthalpy (i.e. sum 
of the hydration enthalpies of cations and anions), greater 
is the solubility of the compound in water. 

c. The ionic mobilities of alkali metal ions in aqueous 
solution should be: Li > Na? > K® > Rb® > Cs® due to 
the decreasing order of charge densities (ionic charge/ 
ionic size). But the observed order is reverse of the above, 
i.e. Li? < Na? <K® < Rb? < Cs®, due to the decreasing 
order of extent of hydration. 

d. Similarly, the order of hydrated radius (in pm) of alkali 
metal ions is Li*(340) > Na® (276) > K® (232) > Rb® 
(228) > Cs® (226). 

e. Solubility of LiF in H,O is low due to its high lattice 
enthalpy whereas the low solubility of CsI is due to less 
(negative) value of the hydration enthalpies of two ions 
(-670 kJ mol). 

f. The solubility of most of alkali metal halides (except 
those of fluorides) decreases down the group (4). 


22. 


23. 


It is due to the fact that decrease in hydration enthal 
is more than the corresponding decrease in its lattice 
enthalpy. 

g. Thus NaCl is more soluble in H,O than KCI, becasue the 
difference in lattice enthalpy between NaCl and KCI iş 
68 kJ mol! but the difference in hydration entha 
Na and KÊ ions is 75 kJ mol’. 

h. The solubility of alkali metal fluorides increases from LiF 
to CsF, because the decrease in lattice enthalpy is more 
than compensates the decrease in hydration enthalpy, 


Ipy of 


Ionic and covalent character of alkali metal halides 

(polarisation effect): According to Fajans’ rule, polarising 

power (covalent character) « smaller cation « larger anion 

o greater charge on cation or anions œ pseudo noble gas 

configuration, i.e. having 18 e ’s in the outermost shell. For 

example: 

a. The covalent character decreases as the size of the cation 
increases, i.e. LiCl > NaCl > KCI > RbCI > CsC], Thus, 
LiCl is more covalent than KCl. 

b. The covalent character decreases as the size of anion 
decreases, i.e. Lil > LiBr > LiCl > LiF. That is why the 
dipole moment (u) of LiF (11.6D) is greater than the 
dipole moment (u) of Lil (6.26D). 

c. The covalent character of some of the halides decreases 
in the order as the charge on the cation decreases (charge 
on anion is constant), 

+3 -1x3 +2 -lx2 +1 -l 
Al Br, > Mg Br, > Na Br 

d. The covalent character of some of the compounds of alkali 
metal decreases in the order as the charge on the anion 
decreases (charge on cation is constant). 


+1x3 -3 +1x2 —2 +1 —1 
K, PO, > K, SO, > KCl 

e. CuBr is more covalent than NaBr, although Cu and Na? 
have the same charge +1, and nearly the same size. 1.è. 
Cu® (0.96 A) and Na®(1.02 A). This is due to the fact 
that Cu® ion has a pseudo noble gas configuration, 1. 
having 18 e ’s in the outermost shell. 


Melting point: 


a. For the same alkali metal, the melting points decrease in 
the order: 


Fluoride > chloride > bromide > iodide 

This is due to the decrease in lattice enthalpies as the size 
of the halide ion increases (size of cation is constant), &-& 
NaF(1261K) > NaCl(1084K) > NaBr > NaBr(1028K) ” 
Nal(944K) 

b. For the same halide ion, the melting points decreas¢ aow” 
the group (J), i.e. from Na to Cs, due to the decreas n 
lattice enthalpies as size of cation increases. 

NaCl (1085 K) > KCI (1040 K) > RbCI (1000 K)> 
csc! (928K) 


s-Block Group 1 Elements: Alkali Metals 4.3 


te: The melting point of lithium halides is lower than b. Hydroxides of both decompose on heating to Li,O and 
other alkali metal halides. MgO, respectively. 
i nelting point of LiCl (887 K) is lower than NaC] c. Compounds of both are deliquescent and form hydrates 
it K), because LiCl is covalent and NaC} is ionic in (LiCl, H,O and MgCl,-6H,0). 
arate (small size of cation, i.e. size of Li® < size of Na®), d. Both do not form solid bicarbonates. 
4, Salts of oxoacids: Alkali metal hydroxides are strong bases e. Both form oxides with O, (Li,O and MgO, respectively). 


and hence they form salt with all oxoacids (HNO,, HNO,, f 


- Nitrates of both decompose on heating to give their oxides 
HS0% H,CO;, H,PO,). They are generally soluble in H,O (Li,O and MgO, respectively) and NO, + O,. 
and stable towards heat. 


g. The hydroxides, carbonates and fluorides of both are 
sparingly soluble in H,O. 
. Extraction of alkali metals: 


15,4. Carbonates and bicarbonates: All of them are soluble 

-jn H,O and their solubilities increase down the group 28 
(J) because lattice enthalpies decrease more rapidly than 
their hydration enthalpies down the group H). 


b. The carbonates of alkali metals (M,CO,) are stable up 
to 1275 K, above which they decompose to form oxides. 


a. They are strong reducing agents and hence cannot be 
extracted by reduction of their oxides and chlorides. 

b. They cannot be obtained by the electrolysis of aqueous 
solutions of their salts since £? red of H,O is greater than 

to give E® red of alkali metals. So, Hy) is obtained at cathode. 


c. They cannot be displaced from the aqueous solution of 


c Li,CO, is less stable and decomposes readily 
(Li,O + CO,). 


d. No other metals form solid bicarbonates except alkali their salts by other metals due to their high electropositive 
metals, though NH,HCO, also exists as a solid. character. 

Exception: Lithium does not form solid bicarbonates d. That is why they are obtained by the electrolysis of their 
p y 
but exists in solution. molten (fused) salts usually chlorides. 

e. All the alkali metal bicarbonates on heating decomposes e. Melting points of their chlorides are very high, so some 
to give carbonates, CO, and HO: suitable salts (e.g. CaF,, KF etc.) are added to lower down 
2MHCO. —S M.CO. + CO. + H.O the melting points of their chlorides. 

3 / aa pn , N : ; 

26. Anomalous behaviour of lithium: Due to its small size, 29. Extraction of Li: It is obtained by electrolysis of a fused 
high charge density (charge/size ratio), high IE, non- mixture of dry LiCl (55%) and KCI (45%). It cannot be 
availability of d-orbitals in its valence shell, and strong stored in kerosene oil since it floats on the surface because 
intermetallic bonding, some of the properties of Li differ ofits very low density. It is the lightest metal known (density 
from the other members of its group, e.g. = 0.53 g cm”). 

a. It forms nitrides with N}. Uses: 

b. LiOH and Li,CO, decompose on heating to give Li,O. a. In the preparation of alloys: 

à . . i. 1 ae o . 

¢. LiNO, decomposes on heating to give Li,O + NO,* O,, a war ia (or Li—Pb) alloy (0.05% Li) 

while others give MnO, + O,. eee one l 
d. LiCl is deliquescent and forms hydrate (LiCl-2H,0), or Mg alloys (14% Li) 
while others do not form hydrates. b. To make electrochemical cells. 

è  LiOH is a weaker base than others. 30. Extraction of Na and its uses: It is obtained by the 

electrolysis of fused mixture of NaC] (40%) + CaCl,(60% 

f. i i i covalent. , l / (60%) 

nee of Li (e.g. LiCl) are hile others react to in a Down’s cell at 873 K using graphite anode and iron 

& Li does not react with acetylene w : e vith C, forms cathode. 

form metal acetylide. But Li, on heating eact with C Uses: 


PEI : p rs do not r . 
rein acetylide while othe a. It is used to make tetraethyl lead Pb(C,H,),, which is 
Irectly. used as anti-knocking agent Jor gasoline. 


h. LiHCO, does not form a solig b. Used in sodium vapour lamps. 
i Li® ion is the largest hydrated i bateron. ¢. Used as a reducing agent in the extraction of B and Si. 
l- Liis harder and have higher melting and 00 d. Used as a reagent in Wurtz reaction and in the synthesis 
k. Lif Li-O, while Na forms Na,0, and others form of many organic compounds. 
. orms Li 
2? , i : : 
Superoxides (KO,) with O,. a, 31. Extraction of K and its uses: It cannot be obtained by the 
a Diagonal relati hip of Li with Mg: Due to the similarity electrolysis i fused KCI because K metal is more soluble 
: al relations , they therefore it is obtai . 
in charge densities (charge/size ratio) of Li and Mg in KCI, ained by the electrolysis of fuseq 


resemble i f their properties e.g. KOH, K is obtained at cathode and O, at anode. It 
emble in some o > 


. ; N,). 
a. Both form nitrides with N, (Li,N and Mg,N> "ia 


can also 


b. The compounds of the first and second Broups are 
colourless (unless anion is coloured like Mno ¢ 

2- 4 

and Cr,0," , due to the charge anner theory) and 
diamagnetic, because their ions M and M?" have nobl 

gas configuration with no unpaired electrons, ° 


4.4 Inorganic Chemistry 7 
be obtained by the reduction of KCI with Na vapours at 


about 1130 K ina large fractionating column. 
Uses: K plays a very vital role in biological system. 


32. a. Compounds of Na: 


+ Sodium carbonate (washing soda) Na, CO, 10H,0. It 


, 2 
Peroxides (O3 ) of the first group are colourless ang 


is prepared by Solvay-ammonia process. c. ' 02 
Raw materals used: Brine (NaCl) solution saturated sae a superoxides (2 ) are coloured and 
with NH, and CaCO, (for the production of CO,). ae j l 
l a Lae d. i. The first group metals can be induced to for 
It is used for softening of hard water. Á , , J. m 
normal oxides, i.e. monoxides (O° ), peroxides 
ii. K,CO, cannot be prepared by the Solvay process. O2- ) and superoxides (OÊ) by dissolvi 
NaHCO, is sparingly soluble in H,O, while KHCO, tie ) ap "3 N2 ) ng metals 
wa A 4 in liquid NH, and passing appropriate amount of O 
is fairly soluble in H,O. So, NaHCO, is precipitated se a aa o pe eae eee 2" 
whereas KHCO, does not precipitate when CO, is il. Except su", HOHORITE Ss B10, NEO, 
K,O and Rb,O have antifluorite structures. Cs, has 
passed through an ammonical solution of KCI. 2 2 
- anti CdCl, layer structure. 
b. Sodium chloride (common salt or table salt) NaCl: . l , , , 
It is produced by solar evaporation of sea water. Crude ll. Fotassui superoxide (KO,) combines directly with 
NaCl obtained by crystallisation of brine solution contains CO, forming K,CO, and with CO, and the moisture 
impurities of Na,SO,, CaSO,, CaCl, and MgCl,. forming KHCO,, e.g. 
The pure NaCl is obtained by passing HCI gas through 4KO, + 2CO, —> 2K,CO, + 30, 
the aqueous solution of crude NaCl. It is used in the 4KO, + 4CO, + 2H,0 —> 4KHCO, + 30, 
preparation of Na,CO3. ica: and NaOH. l e. Both KO, and Na,O, are used as a source of oxygen 
Caustic soda (NaOH): lt is peep ared by the electrolysis (or for the purification of air) in confined space such as 
opan P spat of NaCl using mercury cathode and submarines, space shuttles and in emergency breathing 
graphite anode in a vessel called Castner and Kellner’s i : Piy 
i thode cell instrument such as oxygen masks. The moisture of the 
a or m i a breath reacts with KO, or Na,O, to liberate O, and 
agai ae ee percep simultaneously KOH and NaOH formed remove CO, 
eae . y ae a = apes a i as it is exhaled, thereby allowing the atmosphere in the 
CO,. Due to its less solubility in H,O, white crystals of . 
in ve mask to be continuously regenerated. 
NaHCO, are precipitated. = 
Na,CO, + H,O + CO, —> 2NaHCO, AKO) + 2H0 p > 4KOH aq) + 302) 
It is used in the preparation of baking powder, which is 2Na Oris) 7 2H,0 o) >? 4NaOH ag) i Orio 
a mixture of NaHCO, (30%), starch (40%), Ca(H,PO,)» KOH (4) or NaOH ag) + CO,,.) = KHCO,,., 
4 : 0 “AS 1 
a ple e ai i NaA E SO,)» or NaHCO; 
sodium aluminium sulphate . It 1s used as an ; . a 
P ° f. LiOH is also used to remove CO, trom exhaled air n 


antacid. 
33. Biological importance of Na and K: Na’ ions are found 
outside the cell in blood plasma and other interstitial fluids, 
KĈ ions are present inside the cell. These ions help in 
regulating the flow of water across the cell membrane, in 
transmission of nerve signals, and in the transport of sugars 
and amino acids into the cell. 


confined space such as submarines and space shuttles. 

g. Potassium ozonide (KO,) is an orange-coloured solid 
and contains paramagnetic Oy ion and is prepared b} 
passing O, through KOH solution. 

h. All metals of the first group exist as bee structure with 
a coordination number of 8. 

i. Li does not form alums due to its very small size. 

j. Group | metals combine with Hg to form amalgams 

with the release of energy. 

Alkali metals react with halogens and interhaloge 

form ionic polyhalide compounds, e.g. 

Nal + l,— Nal, 

NaBr + ICl— Na [Br ICI] 

NaF + BrF,— Na [BrF,] 

Lithia water is an aqueous solution of LIHCO; 

used for the treatment of gout. 


K® ions activate many enzymes and participate in the 
oxidation of glucose to ATP. Due to different concentration 
of Na® and K® ions on the opposite sides of cell membrane k 
so Na-K pump operates across the cell which consumes 


more than one-third of the ATP used by a resting human 
being. 


ns to 


34. Some important information: 


a. Liis not used in photoelectric cell because of highest l. and iS 


IE among alkali metals. 


\ a 


The gè 


ents as arranged in the modern periodic table have 
rhe €! ie d into four blocks, namely s-, p-, d- and f-block. This 
peel ivi w has been done on the basis of the nature of the sub- 
passif which the differentiating electron, i.e. the last electron 
shell e elements in which the last electron enters the s-orbital 
ear ed s-block elements. As s-orbital can accommodate only 
“yectrOns: hence it has two groups: 
two Group | elements or alkali metals and 

i Group 2 elements or alkaline earth metals 
“neral electronic configuration of s-block elements is m, 

Group | consists of the elements: lithium, sodium, potassium, 
aibidium, caesium and francium. They are collectively known as 
he alkali metals after the Arabic word al-qis meaning plant ashes 
hecause ashes of plants are particularly rich in the carbonates 
af sodium and potassium. The elements of group 2 include 
penllium, magnesium, calcium, strontium, barium and radium. 
These elements with the exception of beryllium are commonly 
known as the alkaline earth metals. 

A regular trend is observed in the physical and chemical 
properties of group 1 elements with increasing atomic number. The 
loosely held ns-electrons in these elements make them the most 
lectropositive elements, forming M® ion. The same relationship 
is observed in group 2 elements also. Group 2 elements with two 
electrons in the valence shell are highly electropositive and form 


M” ions. 


4.1.1 ANOMALOUS BEHAVIOUR OF HEAD 
ELEMENTS 

The elements belonging to the second period (lithium, beryllium 
etc.) are sometimes called head elements of their respective 
sroups. The first element in groups 1, 2, 13, 14, 15, 16 and 17 
exhibits certain properties which are different from that of other 
elements in respective groups. This anomalous behaviour of the 
first element in each group can be attributed to: 

¢ Small size of the atoms and ions. 

¢ High ionisation energy and electronegativity. 

¢ High polarising power of ions. 

* Absence of d-orbitals in the valence shells. 


4.1.2 DIAGONAL RELATIONSHIP 
In addition to the group and period relationships, the elements of 
5- and p-block elements also exhibit a diagonal relationship. On 
Moving diagonally across the periodic table, the elements show 
certain similarities which are however far less pronounced than 
the similarities within a group. The diagonal relationship is 
Particularly noticeable in the elements of the second and third 
periods of the periodic table. The most important diagonal pairs 
are lithium and magnesium, beryllium and aluminium, and boron 
and silicon. 
Period P 1 Group 2 ki 13 p 14 
1 e 

Period3 Na Me SAL Si 
Main r easons for the diagonal relationship: 

l. Along the period (—>), the size of the element decreases, 


Whereas down the group (Y 


), the size of the element 


1 INTRODUCTION increases. The size of diagonally placed elements of the 
4 


second and third periods will therefore be similar. 

2. Along the period (—), the electronegativity and ionisation 
energy increases, whereas down the group (+), both these 
properties decrease. Hence, diagonally placed elements will 
have identical electronegativity and ionisation energy. 

3. Along the period (—>), the charge density (charge/radius 
ratio) and polarising power [ionic charge/(ionic radius) 
ratio] increase due to the decrease in size and the increase 
in charge. However, down the group ( 1), the charge density 
and polarising power decrease due to the increase in size. 
On moving diagonally, these two effects almost balance 
each other, resulting in similar charge density and polarising 
power of the elements. 

All the physical and chemical properties of the elements 

depend upon the above three factors. Hence, the diagonally 

placed elements exhibit similarity in their properties. 

a. Similarity in the properties of Li and Mg is mainly due 
to similar charge density. 

b. Similarity in the properties of Be and Al is due to the 
same charge density and electronegativity. 


c. Similarity in the properties of B and Si is due to similar 
size, ionisation energy and electronegativity. 


4.2 GROUP 1 ELEMENTS: ALKALI 


METALS 


Group 1 consists of lithium (Li), sodium (Na), potassium (K), 
rubidium (Rb), caesium (Cs) and francium (Fr). Group 1 elements 
are also known as alkali metals, since all the elements are metallic 
in character and their oxides react with water to give hydroxides 
which are strong alkalis or bases. 

Origin of the name: 


1. The name lithium is derived from the Greek word “lithos’ 


which means stone. 


2. The name sodium is derived from the word *soda*, which 
itself is derived from an Arabic word meaning “to split apart’, 
since it was first used as a remedy for splitting headache. 


3. The name potassium is derived from the word ‘potash’ which 
means ‘ash of plants’ because they are rich in potassium 
carbonate (K,CO,). 


4. The name rubidium is derived from the Latin word ‘rubidus’ 
which means bright red. Rubidium was given this name after 
two bright red lines were observed in its spectra. 

5. The name caesium is derived from the Latin word ‘caesius’ 
which means bluish grey. It was given this name when blue 
lines were observed in its spectra. 

6. Francium was discovered in 1939 by M. Perey at Curie 


Institute, Paris. At her suggestion, the element was named 
as ‘Francium’, after her native land France. 
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4.6 Inorganic Chemistry Soluble potassium salts are collectively called potash. 
4.3 ABUNDANCE AND OCCU RRENCE There is no convenient source of rubidium. Only one 
sodium and potassium are abundant, source of caesium is present. These elements are obtained ag 


song, the alkali metals, , > p i 
rie have much low raios a by-products from lithium processing. 


ithi idi esium 

lithium, rubidium and ca | l 
abundance. Francium is radioactive [all the elements eae 
than bismuth (atomic number 83) are radioactive] and is forme 


in the natural radioactive decay and in nuclear reactions. All its 
active; the longest lived isotope eget has a How many water mole 


cules of crystallisation are present in @ 
trona, (b) borax and (c) carnallite? 


isotopes are radio 


| half-life of only 21 minutes. 
22 227 
yh — “e +N (beta decay) wor 
AC = Het are (alpha decay) i Formula 
= = 0e t beta deca u is 
Fr +» ‘e+ yRa ( y) = CO NaHCO, 2H,0 


b. Borax Na,B,0,'10H,0 
c. Carnallite KCI-MgCl,6H,0 


| (Half-life = 21 min) 
; All these elements are highly reactive and hence d 
; in fee state (i.e. native state). Being strongly electropositive 


5 elements, these occur in nature in the form of ionic compounds, ee ee 
= lides, oxides, silicates, borates 4. 4 GEN ER AL TRE N DS | N ATO MIC 


i.e. exist in combined state as ha 


o not occur 


3 > 4.4 GENERAL IBE N corice 
Z and nitrates. 
Lithium is the 35th most abundant element by weight in AND PHYSICAL PROPERTIES 

metals exhibit a striking resemblance in their physical 


the earth’s crust (lithosphere) and mainly occurs in the form of All the alkali 


silicates: and chemical properties with increasing atomic numbers due to 
Spodumene LiAl(SiO,), or LiAl SiO% their similar electronic configuration. ; 
Lepidolite Li, Al, (SiO,), (FOH), The trends obtained in the variation of different atomic and | 


Sodium and potassium are the seventh and eighth most physical properties are gwen pedeieee 


abundant elements by weight in the earth’s crust. NaCl and KCl 4.4.1 ELECTRONIC CON FIGURATION | 


occur in large amounts in sea water. Some 1 i : . . 
n as follows: ome important minerals of The electronic configuration of alkali metals consists of a noble 
aed gas core with a single valence electron in ns-orbital (Table 4.2). 
ock salt NaCl Jpen ote the general electronic configuration of alkali metals 
Borax Na, B 407 10H,O is ns' (where n = 2-7). Since all the alkali metals have identical 
Saltpetre NaNO, configuration, ns! in their valence shell, they have similar physical 
Mirabilite Na,SO, and chemical properties. 
= Na,CO,‘NaHCO,-2H,O 4.4.2 ATOMIC AND JONIC RADII 
ee many occurs as: Statement: The atoms of alkali metals have the largest size in thelt 
wane or Sylvine KCl respective periods. The atomic radii increases down the group (~) 
F Sylvinite Mixture of KC] and NaCl among the alkali metals (Table 4.1). | 
Camallite KCI-MgCl,-6H,0 Explanation: In alkali metals, there is only one electron in the 
outermost shell and the noble gas core shields this electron quits 


effectively from the nuclear charge. 


Table 4.1 Atornic and physical properties of alkali metals 


bec; 
hep (at low 
temperature 
Nestle gay |e | ae 
Covalent radii (pm) 

2 203 


Ionic radii, M’(pm) 
102 


Manic mobility at infinite 
o conduction 


` 


Bri, 


on ic configuration pg 


rancium (Fr) 


Due to small effective nuclear charge experienced by the valence 
shell electron, the atoms of alkali metals have the largest size in 
ter respective periods. 


Down the group (|), as the atomic number increases, there is a 
*ogressive addition of one new energy shell at every step. As a 
sult, the screening effect caused by the inner-filled shells on the 
valence s electron increases and electron cloud tends to expand. 
n other words, the force of attraction between the nuclei and 
‘dence shell electron decreases due to the increase in screening 
effect, resulting in an increase in the atomic size 

However, along the period (—) with an increase in the atomic 
ten 3 ia charge also increases. This leads to decrease in 

Mic radii because of the increase in the force of attraction 
m the nuclei ang the valence shell electron. But the effect + 
lo the jia the screening effect is more predominant as ss 7 
radii otal of increase in nuclear charge and hence the atomic 

Li<N ali metals increase from lithium to caesium. 

Alkali me i Enaco tie 
lone jalen j change into positively charged ion by lonng aa 
Mcrease <a ee electron. Within the group, the ionic 1 
tatemen ts a Wersase in atomic numbers. l en 
atomic ; e tonic radii are much smaller as compare 

of the corresponding atom. 


Bor 
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Red violet 


Explanation: This can be explained as follows: 
e When the valence shell electron (ns!) is removed to get 


unipostive ion (M®), the cation formed has one shell less 
than the corresponding atom. 


e With the loss of valence shell electron, the effective nuclear 
charge, Z* or Z increases, which leads to an increased 
force of attraction between nuclei and remaining electrons, 
resulting in further decrease in the radii. 


Hence, positive ions or cations are always smaller than the 
parent atom (M® <M). 


4.4.3 CRYSTAL STRUCTURE 


In the solid state, alkali metals normally adopt body-centred 
cubic (bcc) structure in which the metal atoms are surrounded 
by eight equidistant neighbours, although at low temperatures 
lithium forms hexagonal closed packed (hcp) structure. The 
Li atoms in each layer have six neighbours in the same place 
arranged at the corners of a regular hexagon; alternate layers are 
staggered relative to each other, so that any one lithium atom 
also has three near neighbours in both the adjacent layers giving 
a coordination number of 12 to Li. 


4.4.4 IONISATION ENERGY OR ENTHALPYy 
Statement: The first ionisation energy of alkali metals is quite 
low as compared to the elements of other groups belonging to 
the same period. | 
Explanation: The atoms of the alkali metals are the largest in their 
respective periods, T herefore, the single electron present in the 
outermost shell (ns!) is far away from the nucleus and is effectively 
shielded by the electrons present in the noble gas Core. Hence, the 
valence shell electron experiences less force ot attraction from the 
nucleus and hence can be easily removed by providing a small 
amount of energy. 
® 4, 

Mp ~M wt! E Ena 
Statement: The ionisation energy of the alkalı metals decreases 
down the group (¥), from Li to Cs. 


{=} 
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og rou 
Explanation: The ionisation energy decreases down the group 


(J), i.e. 
Li>Na>K>Rb>Cs. | | 
The decrease in the ionisation energy is due to the increase in 
the size of alkali metals and the increase in the magnitude of the 
screening effect is due to the increase in the number of celts 
electrons (i.e. the electrons present in between the nucleus an 
valence shell electron). As a result, the force of attraction between 
nucleus and valence shell electron decreases, hence the ionisation 
energy decreases. 
Statement: The second ionisation energy ofa 
high. 
Explanation: After the removal of the first electron, the re 
monovalent cation formed has noble gas configuration. For 


example, 


Ikali metals is quite 


sulting 


Na > Na® 
[NeBs! [Ne] 
Stable noble gas configuration 

The second electron has to be removed from noble gas core, 
which is highly stable and thus requires larger amount of energy. 
Thus. the second ionisation energy of alkali metals is quite high. 
Hence, in great majority of their compounds, alkali metals exist 
as unipositve ions. The second ionisation energy of alkali metals, 
like the first ionisation energy, also deceases down the group (4). 


4.4.5 ELECTROPOSITIVE CHARACTER 
Statement: Alkali metals are highly electropositive and their 
electropositivity increases from Li to Cs. 
Explanation: On account of their low ionisation energies, alkali 
metals have a strong tendency to lose their valence electron and 
are strongly electropositive. 
Mg— M? e re 

Since the ionisation energy decreases down the group (J), the 
tendency to lose the valence shell electron increases down the 
group (1) and hence the electropositive character increases from 
Li to Cs: 
Electropositive character: Li < Na < K < Rb < Cs 
Caesium is the most electropositive element. 


4.4.6 METALLIC CHARACTER 


Statement: Alkali metals are typical metals and the metallic 
character increases down the group (J). 


Explanation: The metallic character of an element is its tendency 
to lose the valence electron and form cation. 
M—> M® +e 


Due to the low ionisation energy, alkali metals have a’ strong 
tendency to lose the valence electron and hence ar 


a {t b ai 
metals. Down the group (1), e typical 


the ionisation ener i 

gy decreases, i.e. 
the tendency to lose the valence electron increases and hence the 
metallic character increases from Li to Cs; 


Li<Na<K <Rb< Cs 


4.4.7 OXIDATION STATE 


Statement: Alkali metals exhibit +1 o 


compounds. xidation state in their 


nz On account of the low ionisation energy of alla 
ve a strong tendency to lose their single Valence 
d change into unipositive ion. e 


Explanatio 
metals, they ha 
electron (ns!) an 
Na —> NaÊ+ e? 


y Me+]e 
M [Ne]3s' [Ne] 


[Noble gas] ns! [Noble gas] 
By losing the solitary valence electron, alkali metals acquire 
the stable configuration of the nearest noble Bas. Therefore 
these elements have a strong tendency to form M” ion in their 
compounds and thus exhibit an oxidation state of +1 and form 


ionic compounds. | 
After the removal of the first electron, alkali metals acquire 


noble gas configuration which is highly stable. The second 
electron has to be removed from the noble gas core, and thus, the 
second ionisation energy is quite high and is not available under 
the conditions of the formation of chemical bonds. Hence, alkali 
metals do not form M? ion in any of their compounds. Alkali 
metals are thus univalent and form ionic compounds. 


4.4.8 ELECTRONEGATIVITY 
Statement: The electronegativity values of alkali metals are very 
low. 
Explanation: This is because of the fact that the outermost orbit 
is a long way from the nucleus and the effective nuclear charge 
on them is low, i.e. alkali metals have very less tendency to gain 
an electron. 
Statement: The value of electronegativity decreases from 
lithium to caesium. 
Explanation: On moving down the group (1), from lithium to 
caesium, because of the increase in size and thereby the decrease 
in effective nuclear charge, the tendency to gain an electron 
decreases and hence electronegativity decreases from lithium to 
caesium. Thus, 

Li<Na<K<Rb<Cs 


4.4.9 PHYSICAL PROPERTIES 
Some of the characteristic physical properties of alkali metals 
are as follows: 

e Alkali metals are soft in nature (except lithium) and can be 

easily cut with a knife. 

e They have silvery lustre. 

e They are malleable and ductile. 

e They are good conductors of electricity. 

e They are good conductors of heat (thermal conductivity) 
Alkali metals exhibit photoelectric effect. 
Alkali metals have low melting and boiling points. 
Alkali metals have low density. 

All the above-mentioned properties increase from Li to csan? 
can be explained on the basis of metallic bonding. 
Explanation: A theory, known as the electron pool ot € 
gas or electron cloud theory, was proposed by Drude (190 
later on developed by Lorentz (1916) to explain metallic ; 


| in a 
1.e. the nature of forces holding the metal atoms together '™ 
metal lattice or crystal. 


Jectron 
0) and 
ond, 


is have low ionisation energies, they easily lose 
cinc? met jectrOns to form metal ions, also known as positive 
eo “al These free electrons move through the empty 
yt ke! ked metal ions and are shared simultaneously 
goer coms together by a characteristic type of bond known 
‘llic bond. The free electrons now belong to the crystal 
hemele nd not to any individual metal atom. Due to the 
x A whole i of electrons, the kernels remain fixed in the crystal 
an e delocalised electrons move freely in the vacant 
hus, ON the basis of this theory, a metal is considered to be a 

e kernels or positive metal ions packed together as closely 
group na in a regular geometric pattern and immersed in a sea of 
soi called electron pool or electron gas or electron cloud, 
pe nave about freely in vacant valence orbitals. 
yen force of attraction that binds the metal ions to free electrons 
x called the metallic bond, and this force of attraction holds the 
oms together. 

Down the group (4), as the size of the metal atom increases, 
ae force of attraction that binds the metal ions to valence 
jectrons decreases. The repulsive force between positive metal 
ions increases due to the increase in the number of non-bonding 
electrons. As a result, the forces holding atoms or ions together in a 
lattice structure decrease and the metallic bond strength decreases. 

Li<Na<K<Rb<Cs 


44.9.1 Nature of Alkali Metals 


Mentioned below are the explanations of the above-mentioned 
physical properties of the alkali metals. 

Statement: Alkali metals are soft in nature and can be easily cut 
with a knife. 

Explanation: Since alkali metals have large size and single 
electron in the valence shell, metallic bonding is weak. As a 
result, alkali metals are soft and can be easily cut with a knife. As 
the metal lattice is changed from Li to Cs, due to decrease in the 
force of attraction between positive metal ion and freely moving 
electron, the strength of the metallic bond decreases from Li to 
Cs, i.e. Li is the hardest of all the alkali metals and cannot be cut 
with a knife, Because of the continuous decrease in the metallic 
bond strength, on account of increase in atomic size, the softness 
increases with increase in atomic number. 


44.9.2 Metallic Lustre 

tatement: Alkali metals have silvery lustre. 

Explanation: This can be explained on the basis of highly mobile 
è ĉctrons of metal lattice. When a light beam comprising photons 
Strikes the metal surface, the energy of photons (E = hv) interact 
with electrons on the surface and make them oscillate. Like 
ay other moving charged object, these moving electrons emit 
“lectromagnetic radiations in the form of light. This light appears 
0 be reflected from the surface of the metal, and hence the metal 
“Ppears to have silvery lustre. 


| 


O 
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4.4.9.3 Malleable or Ductile 

Statement: Alkali metals are malleable/plastic and ductile. 
Explanation: Alkali metals are malleable, i.e. when they are 


beaten by a hammer, they get converted into sheets. They are 


ductile as well, i.e. when they are drawn through a die, they are 
converted into thin wires. 


When a metal is beaten, one layer of positive metal ions moves 
along another layer through a distance and occupies a new position. 
Since the valence electrons forming the sea of electrons are mobile, 
they also move along with the positive metal ions and thus the 
structure of the metal is retained and the crystal structure is restored 
(Fig. 4.1). This results in the reduced thickness of the metal or the 
metal is converted into thin sheet or thin wires. 

2D @O@E o 9 ~ 
Hammered F se 6 eae of i aane D = 


®OOO®@ © Attractions bO® oat ® 
©) a Z 


O0®0@0GO 697008 
PO BEE SOS Bo @0o@eoed 
Positive Mobile 
Metal Electrons 
ions 


Fig. 4.1 Explanation of malleability and ductility of metals 


The malleabiiity and ductility decrease from Li to Cs, due to 
decrease in the metallic bond strength from Li to Cs. 


4.4.9.4 Electrical Conductivity 


Statement: Alkali metals are good conductors of electricity, and 
electrical conductivity increases from lithium to caesium. 
Explanation: The valence electrons form a sea of electron cloud 
which is spread throughout the lattice. Since these electrons are not 
fixed, thus when the electric field is applied, they can move freely 
throughout the lattice. The metals therefore are good conductors 
of electricity. Down the group (1), since the strength of metallic 
bond decreases, i.e. the force of attraction between positive metal 
ions and valence electrons decreases, therefore the electrical 
conductivity increases from Li to Cs. 


Electrical conductivity: Li<Na<K<Rb<Cs 


4.4.9.5 Thermal Conductivity 


Statement: Alkali metals are good conductors of heat (thermal 
conductivity) and thermal conductivity increases from lithium to 
caesium. 

Explanation: Thermal conductivity can be explained on the basis 
of mobile electrons present in the metal lattice. When a piece of 
metal is heated at one end, the free electrons absorb heat energy 
and move rapidly through the metallic lattice towards the cooler 
end. During this process, they collide with adjacent electrons and 
transfer their heat energy to them; and thus act as a good conductor 
of heat. Thermal conductivity also increases down the group (t) 
due to the decrease in the strength of metallic bond strength. 


Thermal conductivity: Li < Na < K < Rb < Cs. 
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4.4.9.6 Photoelectric Effect 

Statement: Alkali metals (except lithium) exh 
effect. 

Explanation: When a light beam, comprising photons str 
metal surface, the photons are completely absorbed by the surface 
and transfer their energy (E = hv) to the electrons on the surface. 
If the energy of the photon exceeds the ionisation energy of the 
metal, an electron is ejected from the surface along with a resultant 
decrease in the energy of the incident photon. 
Electron energy 
E'=hv' 


ibit photoelectric 


ike the 


where £ > IE 
Incident £ = hv E'<E 
Photon 


This phenomenon of ejection or emission of electrons from the 
metal surface when a beam of light having energy greater than the 
ionisation energy of metal is allowed to fall on the surface of metal 
is called photoelectric effect. The electrons that are emitted from 
the surface are called photoelectrons. The energy of photoelectrons 
is less than the energy of incident photons. 

Since alkali metals have low ionisation energy, when light 
beam strikes the metal surface, even the low energy photons 
easily eject electrons, especially in potassium and caesium. That 
is why alkali metals exhibit photoelectric effect. Therefore, alkali 
metals. especially caesium, can be used in photoelectric cells. 


Since lithium has the highest ionisation energy among the alkali 
metals, it does not show the phenomenon of photoelectric effect. 


4.4.9.7 Melting and Boiling Points 

Statement: Alkali metals have low melting and boiling points. 
Both melting points and boiling points decrease down the 
group ( J). 

Explanation: The low melting point is attributed to the larger 
atomic size of the alkali metals, due to which the binding energy 
of their atoms in crystal lattice are low. Further, on moving down 
the group (4), their atomic size increases and the strength of the 
metallic bond decreases, which causes decrease in melting points: 
Li<Na<K<Rb<Cs. 

The boiling points of alkali metals also follow the same order due 
to the same reasons. 


4.4.9.8 Density 

Statement: The densities of alkali metals are low and increase in 
different down the group (4). 

Explanation: The low density is attributed to the large atomic 
size and weak metallic bond of alkali metals. Down the group (4) 
from Li to Cs, both atomic size and atomic mass increase, But the 
corresponding increase in the atomic mass is not compensated b 
the increase in atomic volume. Hence, the ratio of atomic m i 
atomic volume, i.e. density, gradually increases (Table 4 3) os 
Table 4.3 Density of alkali metals B 


Density 0.53 


(g cm”) 


Statement: The density of potassium is lower than that ie 
sodium or rubidium. 

Explanation: This can be explained on the basis of r 
portionately larger metallic radius of potassium. At potaa 
3d and 4s have almost the same energy. Hence, the 4,! i ium, 
is free to move to 3d-orbital leading to an expansion in e on 
of the atom. Potassium atom has a metallic radius much nea, Size 
that of rubidium than to sodium. Since the alkali metals i i 0 
similar crystal structure (bcc), the disproportionately larger rs 
or volume of potassium atoms corresponds to the low densiy o 


cithe 


potassium. 
Lithium is the lightest metal having a density of 0.534 g om 
It cannot be stored in kerosene oil because it floats on the surface 


It is kept wrapped in paraffin wax. 


4.4.10 FLAME COLOURATION 
Statement: Alkali metals or their salts impart a characteristic 
colour to the Bunsen flame. 


$ vy 
$A 


babes, 


‘Colour Crimson Yellow | Violet Red Blue 
red violet 


amy [670.8 | 5892 | 7665 | 700 | aa 


Explanation: When alkali metals or their salts are heated in the 
Bunsen flame, they absorb energy from the flame and the outermost 
electron gets excited to higher energy levels. When the excited 
electrons fall back to their original energy level, the excess energy 
is emitted in the form of electromagnetic radiation (E = hv) which 
falls in the visible region, thereby imparting colour to the flame. 
When exposed to the same source of energy (i.e. the Bunsen fame) 
due to the difference in ionisation energies, the outermost electon 
in different atoms will be excited to different energy levels. i.e. the 
outermost electron in the atom having higher ionisation energy £ 
excited to lower level than an atom having lower ionisation energ: 
Thus, the frequency of radiation which depends upon the amount af 
energy (E = hy) will be different for different elements, i.e. different 
elements will impart characteristic colour to the Bunsen flame. 

The colour actually arises from the electronic transitions in 
short-lived species which are formed momentarily in the flame 
The flame is rich in electrons and, in case of sodium, the ions 3* 
temporarily reduced to atoms. 
Na® +e? — Na 

The sodium D-line (which is actually a doublet at 589.0 a 
and 589.6 nm) arises from the electronic transition 35° -> 3P ‘ 
Sodium atoms formed in the flame. The colours from differen! 
elements do not arise from the same transition or from the one 
LiOH species for red line for lithium arises from a short"? 

med in the flame. 


4.4.11 HYDRATION ENERGY OR ENTHALPY AND 
RADII OF HYDRATED ION 2 

pn i na hydration enthalpy of the alkali metal 105 
with the increase in ionic size from Li® ion t Cs 

Explanation: The hydration enthalpy is the amount of enet 


releas ; . water 
ed when one gram mole ofa gaseous ion is dissolved 3 


| 
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J? + Hydration enthalpy 
@ +X 
M w 


The pl 


H,O —* [M(H,0).. 


„enon of hydration can be explained in terms of 
em wis base interaction, i.e. water molecule donates 
ewis acid (Lewis base) to the metal ion (Lewis acid), thus 
an electron p lex. This interaction results in the evolution of 
forming ’ con A hydration enthalpy or hydration energy hence 
energy ae of ions is an exothermic process. 
he hydra s molecules touch the metal ion directly and bond to it 
nii of coordinate bond, thus forming a complex. These water 
by mene constitute primarv hydration sphere or primary shell 
g h In the primary shell, Li® ion is tetrahedrally surrounded 
sie water molecules forming [Li(H,0),]°. sp* hybridisation 
(tetrahedral). as : at, tae 

Due to the unavailability of low lying d-orbitals, lithium 
cannot expand its coordination number beyond four and hence 
rLi(H,0) Ay is formed. 

In other cases, due to the availability of low lying d-orbitals, 
higher coordination number is achieved, i.e. [M(H,0),]° 1S 
formed, e.g. [K(H,0) T d sp’ hybridisation (octahedral geometry) 

Because the water molecules in the primary hydration sphere 
are associated with a cation, they have strong tendency to further 
fom the hydrogen bond with other water molecules, thus forming 
secondary hydration sphere. Secondary hydration sphere thus 
further hydrates the [M(H,0),]© ion, though these are held by 
weak ion—dipole attractive forces (Fig. 4.2). The strength of these 
forces is inversely proportional to the size of the metal ion. 


Thus, the secondary hydration decreases from lithium to caesium 
and therefore Li® ion in aqueous medium is the most heavily 
hydrated ion, while Cs® ion is the least hydrated ion. : 


H H> 
-AN 6-4 
a A 
H HON BY 
H N g 4 rare H 


eag 
‘HO L i i . ; 
s DHO > Lie 0% <— Primary hydration 


HH’ 4 ~~ g- Hi sphere 
un ,H H7 <—— Secondary hydration 
He O T H / sphere 
S: 


Fig. 4.2 Hydrated Li? ions 


Degree of hydration depends on the (i) size of the ion and 
(ii) charge. 

On moving down the group, charge density (charge/radius 
ratio) decreases and hence the degree of hydration and hence the 
hydration energy decreases from Li® ion to Cs” ion. 

Degree of hydration is 


Li Meg > Na” ao) >K” >R >C 


(aq) (aq) (aq) 
© ® 
Hence the radii of hydrated ion decrease from Li” to Cs”. 


:® ® ® ® Ð 
Li (aq) 7 Na (aq) 7 K ag” RBD ag” CS aqy 


4.4.12 ELECTRICAL CONDUCTIVITY IN AQUEOUS 
SOLUTION 

Statement: In their aqueous solution, alkali metal salts conduct 

electricity. Li® ion, being the smallest ion, is expected to 

conduct electricity better than other larger ions, but the observed 

conductivity is in the order: 


:® 2 ® -yv® 2 p Z ® 
Li (aq) < Na (aq) <K (aq) -Rb (aq) ` Cs (aq) 


Explanation: This trend in conductivity is due to the fact that ions 
are hydrated in solution. 


The degree of hydration is directly proportional to charge density 
(charge/radius ratio). Although the size of Li? ion is smallest, the 


size of hydrated ion is the largest. The size of the hydrated ions 
decreases from Li® to Ce. i.e. 

Li ap? Na (aq) > K'ap” Rb? ag) > CSP ag 
As the size of the ion decreases, the mobility or movement of ions 
under the effect of electric current increases and hence the electrical 
conductivity in aqueous solution increases from Li? to Cs” a 


(aq) 
Electrical conductivity or ionic mobility at infinite dilution is : 


.® ® ® -pL ® 
Li (aq) < Na (aq) < K (aq) < Rb (ag) < CS (q 


4.4.13 REDUCING PROPERTY 

A reducing agent (atom ion or molecule) is a substance which 
reduces some other substance and itself gets oxidised to'a higher 
valency state by losing one or more electrons. 

Statement: Alkali metals act as strong reducing agents. 


y 


Explanation: Due to their low ionisation energy values, alkali 
metals have a strong tendency to lose their valence electron (ns'y 
and hence they act as strong reducing agents. 
M—> M®? +e 

The tendency of alkali metals to act as a strong reducing agent 
is evident from the fact that alkali metals can liberate H 
they react with water and acids. 
2M + 2H,O —> 2MOH + Hore) 
2M + 2HCI—-+> 2MCI + H 


2(g) 

The reducing tendency is measured in terms of standard 

electrode reduction potentials (Me +e = M; E`). These elements 

have high negative values of reduction potentials, as given in table. 

Statement: Despite the fact that lithium has the least tendency to 

lose the valence electron, it acts 
among alkali metals. 


, when 


as the strongest reducing agent 


Explanation: This statement can be expl 


ained on the basis of 
the fact that in 


a reduction reaction, other energy terms are also 


involved besides ionisation energy. Whereas the ionisation energy 


is only a measure of the conversion of neutral gaseous atom to 
the gaseous ion, 


(G2) 
+ 
Mw) >My te 


The reducing action of alkali metals in 
represented by 
Mis) — M” a +e | 
The process can be visualised to involve the following steps: 
1. Sublimation of M,,: 


Asub. H” 
Mis) = Me) 


This is an endothermic process. 


aqueous solution is 


{> 
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2. Ionisation of M o: 
IE ® 

Me) =M (g) 

This is also an endothermic process but Li has the highest IE, 


while Cs has least IE 
3. Hydration of the cation Ma: 


D ® © 
M (g) T H,O —> M (aq) Ahya =e 


Li® ion being the smallest in size has the highest charge 
density and gets hydrated to the maximum. Hence, Li® ion has 
the maximum hydration enthalpy value and this value decreases 
from lithium to caesium. 

The reducing character of the metal ion, i.e. the reduction 
potential depends on the sum of the three enthalpy terms, i.e. 
sublimation enthalpy, ionisation enthalpy and hydration enthalpy. 

Although the ionisation enthalpy of Li is the highest of all the 
alkali metals, its hydration enthalpy released is so high that it 
compensates more than for the high ionisation enthalpy required. 
Hence, lithium in aqueous solution is the strongest reducing agent 

(E° = -3.04 V). 

The reducing power increases from Na to Cs in accordance with 
the decrease in ionisation enthalpy values. 

Reducing character: Li > Cs > Rb > K > Na 


4.4.14 NATURE OF THE COMPOUNDS FORMED 
Statement: Alkali metals form ionic compounds. 

Explanation: Alkali metals have loosely bound (ns!) electron 
and this can be removed very easily to form M® ion and that is 
why alkali metals have highly electropositive character. Because 
of this, alkali metals readily react with elements having high 
electronegativity and form ionic compounds. 

Ionic compounds are formed because their heat of formation is 
negative. The reaction between sodium and chlorine takes place 
with the evolution of 395.8 kJ for each mole of sodium chloride 
formed. The reaction may be broken down theoretically into a 
cycle of fundamental energy processes such that the total energy 
in the cycle is equal to the heat of formation of sodium chloride 
(Born—Haber cycle). 


Nao + + Cheo- “74, Nacl, 


LAH l 
AH AH 
i e ——_> Cl (g) 
Í Ai 
V HE yN yt e 
sH Anh 


Lug HIE ApH + AH 


- are purely ionic in nature. 
pyran of alkali metals are purely ioni 


papit pensive, the Wguid metals, though predominantly 
in 4 small proportion of dimer molecules. 
hur the presence of a-bond between two 
f J fife | 
pesket than the corresponding bond in H, 
a fine ariang between the mner shell 


afa Eaa AN 


>. 


2. The diffuse nature of outer ns orbital resulting : 
A Do 


overlap. Or 
The strength of the bond in dimers will decrease from}; 
because both the above factors increase with the increa 
of the alkali metals. 
Statement: The compounds formed by the alkali m 
colourless and diamagnetic. 
Explanation: Alkali metal ions have noble gas conf 
which all the electrons are paired. Thus promoting a 
alkali metal ion requires energy to: 

e unpair the electron 

e break full shell of electrons 


e promote the electron to a higher level 


: § 
Sing Size 
etalg are 


n electron in 


The total energy required is very high and it is due to this fact 
that the electronic transitions within the metal ion cannot take 
place by the visible light, and the compounds are typically white 
Any transition which occurs will be of high energy and will appear 
in the UV region rather than in the visible region and will not be 
visible to the human eye. 

Compounds of alkali metals are typically white, except where 
the colour is the property of anion as in potassium dichromate 
(K,Cr,0,, orange), sodium chromate (Na,CrO,, yellow), 
potassium permanganate (KMnO,, purple). In these compounds, 
colour is due to the anions Cr,0,”, Cr10,"; MnO, and not because 
of alkali metal ions. 

When alkali metals form compounds, all the electrons are 
paired and hence alkali metal compounds are diamagnetic (except 
superoxides). 


4.4.15 SOLUBILITY 


Statement: Alkali metal salts (except lithium) are soluble in polar 
solvents and insoluble in non-polar solvents. 

Explanation: Alkali metal salts (except Li) are ionic in nature 
and hence soluble in polar solvents such as water, liquid ammonia 
etc. and insoluble in non-polar solvents. This can be explained as 
follows: 

1. Polar solvents have high dielectric constants. The 
electrostatic forces of attraction between cations and anions 
in an ionic solid are reduced by the high value of dieleci"" 
constant of the polar solvent. As a result, the ions move 
freely and interact with solvent molecules to form solvated 
ions, and thus ionic salts are soluble in polar solvents. 
Whereas the non-polar solvents cannot reduce thè 
electrostatic force of attraction between cations and anions 
in the ionic solids and thus ionic solids are insoluble in not 
polar solvents. 


Dielectric constant (€): It is the measure of a substan 
ability to separate charges from each other. It is taken o 
measure of solvent polarity. Higher dielectric constants n 
higher polarity and greater tendency to stabilise chat 


f pola 
2. Another way of explanation is by taking an example o!P 


ô- ative 
is the neg“ 
solvent, e.g. water nen where oxygen ! 


H+ H; _ j of 
negative © 


end and hydrogen is the positive end; the 
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“mol ecule interacts with the positive ion (cation) of the 
wate olidan d the positive end of water molecule interacts 
sonic ‘ve ion (anion) of the ionic solid. For example, 


i 

„p the negati . . 

ane the dissolution of NaCl in H,O (Fig. 4.3). 
con 


| interaction between ionic solid and polar solvent 
| jecules decreases the energy of the system and reduces 
| m0 ceo attraction between the cations and anions of the 
| the 10 d. and consequently the ions get solvated and the 
und dissolves in the polar solvent. 


The 


‘onic soli 
+ H,O (Polar solvent) 


Hydrated CI? ion 


Hydrated nÊ ion 


Fig. 4.3 Dissolution of NaCl in water 


3. Solubility of ionic solid in polar solvent can also be 
explained on the basis of relative values of lattice energy 
and hydration energy. 
lonic solid is soluble in polar solvent when the lattice 
energy of the compound is overcome by the solvation 
energy (or hydration energy), if water is solvent. That iS, 


ĖS 
e Ma a e a e a e m e 


Lattice energy of compound < Solvation energy 


The process of dissolution of alkali metal salts in a polar 
solvent involves: 


| a Separation of ionic compound, MX,,); into their 
| constituent ions in the gaseous state, namely 
| @ t X g which make up the lattice. 


The energy required for this process is called lattice 
energy, 

- The ions formed in step (a) get solvated (or hydrated). 

| The cations are attached to the negative end of the 

dipolar water molecules. The positive pole of water 

Molecules points towards the anion. The cations being 

Smaller as compared to anions, the interaction between 

aire molecule and a cation is much stronger than 

ao a water molecule and an anion. These 

ions result in the evolution of energy which is 

own as solvation energy (or hydration energy). 


® 
M” + x(soly) —> [M(solv),]® Aud” =-ve 


X® + (solv) —> [X(solv),]° Anya =-ve 

In general, an ionic solid will be soluble in polar solvent 
if the hydration or solvation energy overcome the 
lattice energy of the compound, which is responsible 
for holding the ions together in an ionic crystal. 
Non-polar or slightly polar solvents cannot exe 
necessary attractive force on the ions in the lattice, with 
the result that appreciable amounts of ionic compounds 
do not dissolve in them. 


On addition of conc HNO, to the aqueous solution of common 
salt, sodium chloride crystallises out. Give reason. 


rt the 


61 Aqueous sodium chloride solution contains 


NaCl(s) + H,O — |Na(H,0), | + [ci(H,0), 


Hydrated chloride 


Hydrated sodium 
i ion 


10n 


On addition of conc HNO,, the reaction between hydrated ions 
and conc HNO, takes place, thereby water molecules which were 
previously forming hydrated species are removed. The ions are 
thus unsolvated and hence reform the crystal lattice resulting in 
the crystallisation of sodium chloride (NaCl). 


Why formation of Na” ion is not possible? 


+IE D 
Na ——— Na 
1s72572p%3s! 


6 =e 


24.25 25.255 
Is~2s"2p ls~2s"2p 


After formation of Na®, the Na® ion has attained stable noble 
gas configuration and hence further removal of electrons will 
require high energy. 


Both sodium and potassium are present in equal abundance in 
the earth’s crust, but sodium is about 30 times as abundant as 
potassium in oceans. Give reasons, 


Sole! As compared to sodium, potassium is larger in size. 
Therefore, potassium salts with large anions are less soluble and are 
thus retained behind, while more soluble sodium salts are carried 
to the sea. Also potassium is strongly bound with complex silicates 
and aluminosilicates in the soil and are thus retained. Potassium 
ions are preferentially absorbed by plants whereas sodium ions 
proceed to the sea. 

Give reasons for the following: 

a. Alkali metals do not occur free in nature. 

b. Alkali metal salts impart characteristic colour to the flame. 


c. Caesium is used in photoelectric cell. 
d. Alkali metals are good reducing agents in aqueous medium. 


fF 


4.14 Inorganic Chemistry 


a. Alkali metals are highly reactive because of their large size 
and low ionisation enthalpy values and hence they do not 
occur free in nature. They readily combine with oxygen, 
moisture and carbon dioxide present in air. 

b. When alkali metal salts are heated in the Bunsen flame, 

they absorb energy. The valence shell electron gets excited 
to higher energy level. When the exited electron returns 
to its original energy level, excess energy is emitted in the 
form of electromagnetic radiation which falls in the visible 
region, thereby imparting colour to the flame. 
Since the ionisation energy dsecreases from Li to Cs, the 
amount of energy released increases from Li to Cs. Thus, 
the frequency of light emitted increases in accordance with 
the formula E = hv. Hence, different alkali metals impart 
characteristic colour to the flame. 

c. Because of low ionisation enthalpy, caesium is used in 
photoelectric cells, since low-energy photons (light) can 
eject electron(s) from the surface. 

d. Alkali metals are good reducing agents because they can 


lose electron(s) easily on account of low ionisation enthalpy 
values. 


Give reasons for the following: 
a. Alkali metals are soft and volatile. 
b. First ionisation enthalpies of alkali metals are low. 


a. Alkali metals have only one valence electron per metal atom. 
The binding energies in the closed packed metal lattice are 
weak. That is why alkali metals are soft and volatile. 

b. Alkali metals have large size and thus the valence shell 
electron (ns') is loosely bound and can be removed easily 


by providing low amount of energy. That is why the first 
ionisation enthalpies of alkali metals are low. 


IE _ 
| 
Moy M? te 


Explain the following: 


a. Despite the fact that Li? ion has the smallest size among 
alkali metals, it moves through a solution less rapidly than 
the others. 

b. LiF has the lowest solubility among group 1 metal halides. 


c. The softness of alkali metals increases with the increase in 
atomic number. 


a. Li® ion has the highest charge density ( charge/radius ratio) 
and hence it has maximum degree of hydration. As a result, 
the size of hydrated Li® ion is the largest and it moves less 
rapidly than the other smaller hydrated alkali metal ions 
through aqueous solution. 


b. LiF has very high lattice energy because of the small 
of both Li® and F° ions. This high lattice ener ii 
compensated by hydration energy of LiF and hence Lif 
the lowest solubility of group 1 metal halides. i 

ce. Alkali metals have only one electron per large-size 
atom and hence the strength of metallic bond is lo 
alkali metals are soft in nature . Down the group ( 
atomic number increases, the atomic size also į 
This leads to weakening of the strength of meta 


d mety 
W. Thus 
4), as the 
NCreases 


llic bond 
and hence softness increases. 


4.5 CHEMICAL PROPERTIES OF 
ALKALI METALS 


Alkali metals are highly reactive elements. The cause for their 
high chemical reactivity is due to: 

e Large size 

e Low ionisation enthalpy 

e Low heat of atomisation 
As the value of ionisation enthalpy decreases down the group, the 


reactivity of alkali metals increases from Li to Cs. Some typical 
reactions of group 1 elements are given in Table 4.4. 


Table 4.4 Some typical reactions of group 1 elements 


abi +O; => 21,0 With excess oxygen, = heating, 


Na + O, 5 Na,O, lithium reacts to form monoxide, 
sodium forms peroxide, and K. Rb, 
M'o, > MO, Cs form superoxide. 


(M =K, Rb, Cs) 
Li O SILO 
6Li + N, —> 2Li,N 
M +0, — M,O 

(M = Na, K, Rb, Cs) 


2M + 2H,O —> 
2MOH + H, 


With air, Li reacts with aerial O, and 
N, to form monoxide and nitride. 
whereas other alkali metals form 
only monoxide. 


Li is slowly hydrolysed by water. 
whereas Na reacts vigorously and K, 
Rb, Cs react explosively forming the 
corresponding metal hydroxide and 
liberating H, gas. The hydroxides 
are the strongest bases known. 


2M + H, —> 2MH 


2M + X, —> 2MX 
(X =F, Cl, Br, I) 


. rth he s 
All alkali metals react with baloes 
` ` ` P é. 
forming corresponding metal hali 


OLI + N, —> 2Li,N_ | Li is the only alkali metal to oe 
with N,. Reactivity increases Wit 
increase in temperature. 
Li and Na react to form aoe 
K, Rb, Cs react with C to give nO 


stoichiometric compounds. 


2M + 2C —> M,C, 


criviTy TOWARDS AIR 


ish in air. 
oo, alkali metals tarnish in air. 
j wc - Alkali metals tarnish in air due to the formation of 


| a nati action with oxygen), which in turn react with moisture 
‘des. These hydroxides further react with aerial 


| Oy alkali metals are preserved in a hydrocarbon solvent 
N 


rat cerosene oil which prevents the contact of alkali metal 
has KE 


. alt. . . or. E 

ment: When heated in excess of air, lithium forms monoxide 
wt sodium forms peroxide (Na,O,) and potassium, rubidium 
` gesium form superoxides (MO,, where M = K, Rb or Cs) 
i 88S 
dominantly. , 
| planation: Lithium when heated with oxygen at 200°C forms 


200C, LLO 
Lithium monoxide 


| dium when heated with oxygen at 300°C forms peroxide. 
(2Na® + 027) 


(2Li® + 07>) 


Bre: 
"2 


+0, — Na,0, 

| i Sodium peroxide 

| ooassium, rubidium and caesium react with oxygen to form 
speroxide. 

| +0, —> MO, (where M = K, Rb, Cs) (M® +09) 

| The reactivity of alkali metals with oxygen increases down the 

| gop. Further, as the size of alkali metal increases, the stability 

| of peroxide or superoxide also increases. This is due to the 

sabilisation of large anions by large cations because of their high 

alice energy. 

| This can also be explained as follows: Li® ion, because of 
i small size, has a strong positive field around it which on 
‘mbination with oxide (O°) ion restricts the spread of the 
iegative charge (electron cloud) towards another oxygen atom and 
fus prevents the formation of the O-O bond either in peroxide 
077) or superoxide (O. 


- ion is larger than Li® ion. Hence, the positive field around 
hie ís na song enough to prevent the formation of (~O =o ay 
xide but is strong enough to prevent the formation of 

™ 0)? in superoxide ion. 
co. alkali metals, namely K”, Rb? and Cs? are too large 
e E have low positive field around them. This small sen 
Na attract the electron cloud of O=O in oxygen molecu : 
n, an extent that the O-O bond cleaves completely to give 
reel a monoxide. These ions therefore prefer to form 

es by donating an electron to oxygen molecule. 
all these oxides, the oxidation state of alkali metal is +1. 


45 
2 REACTIVITY TOWARDS WATER 
a 'metals react with water to form their hydroxides and liberate 
Ogen gas (H,). 
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2M + 2H,O —> 2NaOH + H,Î 
Alkali metal hydroxide 
(M = Li, Na, K, Rb or Cs) 

Alkali metals have large negative reduction potential values 
(EP) and thus they are better reducing agents than hydrogen and 
react with compounds containing acidic hydrogen atoms such as 
H,O, alcohols (ROH), acetylene (HC = CH), hydrogen halides 
liberating hydrogen. 
2Na + 2H,O —> 2NaOH + H,7 
2Na + 2ROH —> 2NaOR + H,Î 


Sodium alkoxide 


2Na + HC = CH —> NaC = CNa + H,Î 


Sodium acetylide 


2Na + 2HX —> 2NaX + H,Î 
Sodium halide 


Statement: The reaction of alkali metals with water becomes 
more and more violent down the group ( 4), i.e. lithium reacts 
gently, sodium melts on the surface of water and the molten metal 
moves around vigorously and sometimes catches fire. Potassium. 
rubidium and caesium melt and always catch fire. 

Thus, lithium is the least reactive while the reactivity of other 
alkali metals towards the compounds containing acidic hydrogen 
(e.g. water, alcohol etc.) increases down the group (|). 
Explanation: This is due to the increase in the electropositive 
character on moving from lithium to caesium. The oxidation 
potential of lithium is the highest among alkali metals. i.e. free 
energy (AG)° released will be maximum for lithium. 

Li—> Li? +e; E° „= +3.04 
AG® =-nFE° x 

Taking this view into consideration, it looks rather surprising 
that lithium reacts gently with water whereas potassium, which 
liberates less energy, reacts violently and catches fire. The 
explanation lies in the kinetics (i.e. the rate at which the reaction 
proceeds) rather than in thermodynamics (i.e. the total amount of 
energy released). 

Lithium has the highest melting point, although the heat of 
reaction with water is high. It is not sufficient enough to melt the 
metal and hence the reaction proceeds gently. Sodium has low 
melting point as compared to lithium, as it reacts with water, the 
heat of reaction is sufficient to melt it or even vapourise it. The 
molten metal thus spreads out, exposing a larger surface to water. 
As aresult, Na reacts faster, gets hotter and catches fire. In case of 
K, Rb and Cs, they still have lower melting points and thus react 
explosively with water. 


4.5.3 REACTIVITY TOWARDS DIHYDROGEN 
All the alkali metals react with dihydrogen at ~673 K (lithium 
reacts at 1073 K) to form colourless, crystalline ionic hydrides, 
M°H”. 
2M + H, 
4.5.3.1 properties of Hydrides 

1. Alkali metal hydrides have sodium chloride type structure. 


2. These are salt-like compounds which are ionic in character 
l (M®H®S). These hydrides contain H® ion (which is not 


S_, 2MH (M= Li, Na, K, Rb or Cs) 


A T 
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commonly found). It has been experimentally proved by vigorously than sodium. On the other hand, reactivity of 

the electrolysis of fused LiH that hydrogen is the negative towards a particular alkali metal decreases from F, to] Beng 
component, as hydrogen is liberated at anode. Other F, > Cl, > Br, > l. d Le, 
hydrides decompose to metal and hydrogen before their Paap okt os ed 
melting points are reached. 


halo n 


3. The ionic character of the hydrides, MH, increases on 
moving from LiH to CsH. 
This can be explained on the basis of Fajans’ rule. On moving 
from Lif to Cs®. the size of the metal ion increases and its 
tendency to polarise the electron cloud of the anion (H™’) 
decreases. Hence, the covalent character decreases or the 
ionic character increases. 
Tonic character: LiH < NaH < KH < RbH < CsH 4.5.5 SOLUBILITY IN QUID AMMONIA 
Alkali metals are highly soluble in liquid ammonia ( solubilig 
may be as high as 5 M). } 


4. The stability of the hydrides decreases from Li to Cs. Down 
the group (+) from Li to Cs, the size of the alkali metal 


increases and hence the M-H bond becomes weaker and Sing wan ae eee l l 
their stability decreases. 1. As the concentration of alkali metal is increased, initially a 
Stability of the hydride: LiH > NaH > KH > RbH > CsH light blue-coloured solution is obtained which exhibits the 


- a3 bes following behaviour: 
5. The reactivity of the hydrides increases from Li to Cs. 


a. The density of the blue solution is less than that of liguig 


This is due to the decrease in the lattice energy of these arimonia self 


hydrides as the size of the cation increases [U x<I/(rg +r.)] 


and thus the reactivity increases or stability decreases. oe eae ponnani POTE as ‘true solution’ 
Alkali metal hydrides react with protonic solvents (proton i hl othe alkaimeta, bie colour of the aiim 
donor solvents such as water, alcohol, ammonia etc.) to ans 
liberate hydrogen (H>). d. Paramagnetic in nature. 
NaH + H,O —> NaOH +T e. Good conductor of electricity. 
Sodium i f. Strong reducing agent. 
eto oe Explanation: Solubility of alkali metal in liquid ammonia 
Sodin 2 due to the ionisation of alkali metal atom into ammoniaied 
alkoxide metal ion and ammoniated electron. 


NaH + NH, —> NaNH, + Hf 


Sodium amide 


My + (x + y)NH, — [M(NH,),]© + [NH] 


Ammoniated Ammoniated 
NaH + HC = CH —> NaC = CNa + 28,1 metal ion electron 


Sedium lal 
acetylide 


Alkali metal hydrides are strong reducing agents. Their 


reduci . . . . ` 
ucing character increases as their stability decreases. molecules round itself so that hydrogen points ©" 
This behaviour is illustrated by reaction with oxygen. LiH sctron 


i : the electron. Essentially, the electron has made iseli? 
is com a l : 
sale : eed a in dry air and reacts with oxygen cavity in the body of the solvent. The cavity model ¢! 
ei a hydride inflames in oxygen, at solvation of electron (Fig. 4.4) suggests that the volume 
as : . i — even at room temperature. of the solution will increase due to the cavity cre ; 
, : i . sty 0 
by the solvation of electrons and hence the density" 
the blue solution is less than that of ammonia itsell: 


a. The electron, being very small and, therefore. sters? 
polarising, is able to orientate the solvent ammon 


4.5.4 REACTIVITY TOWARDS HALOGENS 


Alkali metals react vigorously with halogens fi orming halides of 


th SO anionic eraai sN 
ree M”X Dy lonic crystalline solid (where M stands for ; ate | h ” 
alkali metal and X for halogen), H ee 
2M + X, — 2M°x® Tae © NP 
(where M = Li, Na, K, Rb or Cs and X = F, Cl, Br or | Sn È 
The vigour of th rapa THe 
| g ro t € reaction towards a particular halogen "aa | „Hs 
increases with an increasing atomic number of alkali metal. i.e i nN” 
from Li to Cs, due to the decrease in the ionisation enthalpy of > 


alkali metal. F ‘dj ; ' 
or example, rubidium reacts with chlorine more Fig. 4.4 Electron cavity model 


— 


Joured solution is a homogenous solution 

aa CU . $ i 

qhe plue of ammoniated metal ions and ammoniated 
sting O“ ; . 9 

onsi"! a with particle size less than 10’ m. Hence, 
qs O> 


ele? ai dered as ‘true solution’. 


= 


jue colour 
ns which absorb energy corresponding to the red 
stro a 


ie of the visible light. The transmitted light or 
ol n f . i 
eg colour is blue, which imparts the blue 


= 


cqmplimentary 
t 


lour tO the solution. 
co 


his can be also explained in another way. The 
this ¢ 


smoniated electron absorbs photons in the visible light 
r exhibits an absorption band that has a maximum 
p -15000 À. which corresponds to blue colour. Since 
te colour of the solution iS due to absorption by 
„mmoniated electron, hence irrespective of the alkali 
tal dissolved in liquid ammonia, the colour of the 
remains same, 1.€. blue. 


me 
solution 
The dilute solution contains a large number of unpaired 
or ammoniated electrons, and hence it is paramagnetic. 
The solution is a good conductor of electricity due to 
the presence of ammoniated metal ions and ammoniated 
electrons. 

f The blue solution acts as a good reducing agent due to 

the presence of ammoniated electrons. 


a As the concentration of the alkali metal is between 1 M 
and 3 M, phase separation occurs, i.e. bronzecoloured 
solution ficats on the biue solution formed previously. 


b. As the concentration is greater than 3 M, the solution 
acquires bronze colour. 


c The bronze-coloured solution is diamagnetic. 


Explanation: As the concentration of metal increases, 
solvated electrons undergo a pairing process. 


ENH) J? + [e (NH,),J° = [e9(NH,). (4.2) 
Also, the ammoniated metal ions and ammoniated electrons 


att appreciably associated to form aggregates. 
e 
X 


MINH,),]° + [ENH]? = [M(NH,),J°-[e°(NH,),] 
(4.3) 
ENH) J + [M(NH,),J° = [MNB] e NH] 
(44) 
(NH) + [MNH P fe (NH), J 5 

[e (NH,),] -[M(NH,),J°:[e (NH3),] 7° -.-(4.5) 

M ® — (~) 

MINE.) 1° + [MONH,) J-e NH), 

5 [MNH] [ANH] -[M(NH,),1° (4-6) 


_ © Product in Eq. (4.3) is a conventional non-conducting 


10 es j 
n, although it is paramagnetic. Some of these higher 


a , 
Setegates are conducting and diamagnetic, as in Eqs. (4.2) 


“ad (4.5), and i ic, as i 
3), and conducting and paramagnetic, as in Eqs. (4.4) 
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As the concentration of metal increases, the number of 
cavities increases. The cavities are maximum in bronze 
solution. This solution, therefore, has lower density than 
the blue solution and it floats on the blue solution. 


As the concentration 1s greater than 3 M, the system 
contains less and less free solvent and it takes on 
the general characteristic of molten metal due to the 
formation of metal ion clusters, 1.€. the colour of the 
solution changes to bronze and the solution acquires 


metallic lustre. 
c. Due to the formation of electron clusters, in which 
ammoniated electrons with opposite spin group together 
[Eq. (4.2)], the bronze-coloured solution is diamagnetic. 
3. The solution of alkali metal in liquid ammonia 1s unstable 
in the presence of impurities or catalysts (such as Fe), 1.e. 
the blue colour fades away. 
This is due to the formation of metal amide, along with the 
liberation of hydrogen. 


2[M(NH,),]° + 2[e (NH),]° —> 2M(NH,) + H,7 
+(x+y-—2)NH, 
or 
2M + 2NH, —> 2MNH, + H, 
However, under anhydrous conditions and in the absence 


of impurities and catalysts, this solution can be stored for 
many days. 


4.5.6 FORMATION OF ALUMS 


Alums, M! M”{(SO 4)>'12H,O, where M! denotes alkali metal and 
M" trivalent ion, represent one of the few cases where an alkali 
metal coordinates with six water molecules. 

Lithium does not form alums because the lithium ion. {[Li(H,O) Ae 
is too small to be accommodated into the alum crystal. 


4.5.7 COMPLEX FORMATION IN ALKALI METALS 


When a central metal atom or ion is bonded to a number of 
ligands [molecules/atoms/ions having donor atom(s)] by means 
of coordinate bond, the resulting species that is formed is known 
as complex or coordination compound. Complex formation ean 
also be explained in terms of Lewis ac; i i i 
p pi : Lewis acid—Lewis base interaction. 
Lewis acid Lewis base 
(ion-dipole interaction) 


Factors favouring complex formation are as follows: 


1. Small size of the metal atonv/ion 


2. High charge 
. Presence of vac: hj 
3 esence of vacant d-orbitals of low energy tor fi 
of bonds S~ ormation 


The chemistry of metal ions in solution is essenti 
ap S essenti 
of the complexes. As compared to other 
very little tendency to form complexes Becaus fthe | 
S. ause of the arge si 
size 


and single positive charge on the ion the ion-di , 
between the potential ligands and the cati Ipole Interaction 
“IONS IS Weak 


hydrates. 


ally the chemistry 
sroups, alkali metals have 


as in the 
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due to the i . ecreases 
~ to the increase in the size of the metal ion, charge-to-radius 
an 1.e. the charge density decreases and hence the ion—dipole 
interaction between the metal atom/ion and the ligand decreases 
down the group (4). 
Li>Na>K>Rb>Cs 


4.6 GENERAL CHARACTERISTICS OF 
COMPOUNDS OF ALKALI METAL 


4.6.1 OXIDES 

When heated in excess oxygen, lithium forms monoxide (Li,O), 
sodium forms peroxide (Na,O,) and potassium, rubidium and 
caesium form superoxide (MO,, where M = K, Rb, Cs). 

All the three types of oxides readily react with water to give 
hydroxides of the metals. 

M,0 + H,O — MOH (no H,O,; no O.) 

Monoxide 

M,O, + H,O —> MOH + H,O, (no O,) 

Peroxide 

MO, + H,O —> MOH + H,O, + O, 

Superoxide 

Statement: Whereas the reaction of alkali metal oxides with 
water is vigorous in case of Na, K, Rb and Cs, Li,O is only slowly 
hydrolysed. 

Explanation: This is due to the high lattice energy of Li,O as 
compared to the monoxide of Na and others. 

The peroxides and superoxides act as strong oxidising agents 
since they react with water to produce H,0,; H,O, and O, 
respectively. 

All the superoxides are yellow or orange-red in colour and are 
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wn the group (4), the tendency to form complex d 2. Sodium peroxide is yellow in colour probably due ; 

0 


paramagnetic. 
: : Q 
Superoxide ion has a three-electron bond [:6 = ö:] : 


i.e. ithas one unpaired electron, which makes it coloured. Because 
of the presence of the unpaired electron, all superoxides are 
coloured and paramagnetic. 

Configuration of superoxide ion (0,9) on the basis of MOT: 


n2p, oei arapi 


2 


ols? o* 1s? 02 0*23 odp 
] 
n2p;, «Zp, 


All peroxides and monoxides are diamagnetic due to the absence 
of any unpaired electron or al] the electrons are paired up. 
Configuration of peroxide ion ( 0 on the basis of MOT: 
2 2 
712 py la ” 


X 


015s? o* 1s? 6287 0*2 o2p, f 

mp? n*2p; 

The monoxides and peroxides of higher elements are colourless, 
but those of the heavier elements are coloured. For example, 

1. Monoxide of Li, Na, K is colourless but that of Rb,O 

and Cs,O is pale yellow and orange red, respectively. 

This is probably due to the presence of a small amount of 

superoxides RbO, and CsO,, respectively. 


presence of a small amount of sodium superoxide ie” 
tt, 


Reaction with ozone (O,): 

All alkali metals (except Li) form ozonides of 
MO, 
Mi» + Og — MO,,,) (where M = Na, K, Rb, Cs) 


Alkali metal ozonide 


the formula 


These ozonides are unstable and decompose on standi 
form alkali metal superoxide and oxygen. 
2MO,,,. —> 2MO,) + Org) 


Alkali metal superoxide 


Ng to 


Monoxides of all alkali metals are hydrolysed by water, bot 
lithium monoxide is slowly hydrolysed. Why? 

Predict the product of the hydrolysis of KO,. 

Which of the following is paramagnetic: 

K,O, K,0,, KO, 

Caesium oxide is expected to be strongly basic, weakly basic 
or acidic. 


a. Lithium monoxide is highly stable due to its high lattice 


energy (lattice energy « I/rg + ro). 


b. 2KO, + 2H,O —> 2KOH + H,O, + O, 
c. KO, is paramagnetic, due to the presence of an unpaired 


electron in oO,” (superoxide ion). 


. Caesium oxide is strongly basic. 


Calculate the change in oxidation state of the oxygen, on reaction 
with the following alkali metals on heating: (a) Li, (b) Na and 
(c) Rb. 


a. Li +O, 45 Li,O 


Cc. 


. Nais) +O; A y Na,O 


(excess) Lithium monoxide 
Let the oxidation state of O in Li,O =x 
Since the oxidation state of Li= +1 
241) +x=0 

x =-2 


, 
The change in the oxidation state of oxygen is from 0 107 


2(s) 
(excess) 

Let the oxidation state of ‘O° in Na,O, is X. 
Since the oxidation state of Na is +1. 

. 2(+1)+2x=0 - 

x =-l I. 

The Change in oxidation state of oxygen is from 0 t0 
Rb, +O, —4, RbO,(s) 

(excess) 


Let the oxidation state of oxygen in RbO, is x. 


“A 

3 
“hy 
the 
dèr 


G+ 2x=0 
1 
x= "2 
The oxidation state of O in RbO, is —1/2. The change in 
oxidation state of O is from 0 to —1/2. 


1,6.2 HYDROXIDES 


Alkali metals form ionic hydroxides, MOH. They can be obtained 
by dissolving the metals or their oxides in water followed by 
evaporation of the solution. 

M+2H,0 — 2MOH + H,t 

y,0+2H,0 —> 2MOH + H,f 

But this method is not suitable for the preparation of the 
hydroxides of elements other than lithium because of the reaction 
being extremely vigorous (and explosive in some cases). The 
hydroxides are better prepared by electrolysis of the chlorides in 
aqueous solution. 

The alkali metal hydroxides behave as strong bases. This is 
due to their low ionisation enthalpies. Due to the low ionisation 
enthalpy. the M—O bond is more polar as compared to the O-H 

| bond and the M—O bond in MOH breaks easily to give MÊ and 


{8 OH ions. 
(©) 
MOH —> M® + OH 
The strength of the base increases from LiOH to CsOH. 
= The strength of the base depends upon the ease with which the 


hydroxide ion (OH) can be separated from the metal ion. The 
Ə 


separation of the OH from MÊ ion depends on: 
1. The polarity of the M—OH bond 
2. The distance between M and OH in MOH 


The greater the polarity of the bond, the greater is the ease of 
ionisation and hence greater the base strength. In case of alkali 
_ metal hydroxide, ionisation enthalpy of alkali metal decreases 
down the group and hence polarity of the M-OH bond increases. 
Simultaneously, since the size of the alkali metal increases down 
the group ($), the strength of the M—OH bond decreases. 
AS a result, M-OH can be more and more easily cleaved and 
hence the basic strength increases from LiOH to CsOH. 
Basic strength: LiOH < NaOH < KOH < RbOH < CsOH 
; Solubility in water: LiOH is much less soluble in water than 
S other hydroxides of the group due to its high lattice energy. The 
solubility of the hydroxides in water increases down the group 
) Their concentrated solution is caustic or corrosive in nature. 
an they are known as caustic alkalis. 
ae, Stability: All the hydroxides are thermally stable, while 
~~ IS not, LiOH dissociates on heating to form Li,O. 
“OK Fs Li,O + H,O 
i! hi ee Li,O is more stable as compared to LiOH (becasue of its 
f | | Silattice energy), LiOH decomposes on heating. 


ection .. E 
i “ction with acids: Alkali metal hydroxides, being basic In 
ature, form 


Salts on reaction with acids. 


since the oxidation state of Rb is +1, 
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KOH + HCI —> KCl+ H,O 

2NaOH + H SO, —> Na,SO, + 2H,O 

The salts are colourless, ionic solids and are soluble in water. 


4.6.3 HALIDES 


The alkali metal halides MX (where M = Li, Na, K, Rb or Cs and 
X =F, Cl, Br or I) are all colourless, crystalline solids with high 
melting point. They can be prepared by the reaction of appropriate 
oxide, hydroxide or carbonate with aqueous hydrogen halide (HX). 
M,O0+2HX  —»2MX + H,O 
MOH +HX —>MX+ H,O 
M,CO, +2HX —> 2MX + CO, + H,O 

Halides of lithium crystallise from aqueous solution as hydrates, 
LiX.3H,O (where X = Cl, Br, [), whereas other alkali halides form 
anhydrous crystals. This is because of the high polarising ability 
of Li® ion. It has the tendency to retain the solvent molecules as 


molecule of crystallisation, and crystallises from the aqueous 
solution as a hydrate, LiX.3H,O. 

All the halides have strong negative standard enthalpies of 
formation, but among the halides the —A,H ” values for fluorides 
decrease from lithium to caesium, the reverse is true for chlorides, 
bromides and iodides for a given element. A-H” always becomes 
less negative as we go from fluoride to iodide (Table 4.5). 


Table 4.5 Standard enthalpies of formation A-H > of alkali metal 
halides 


U3 


= 
2 


U 


U 


These trends can be interpreted in terms of the Born—Haber cycle. 
The reaction between metal and halogen resulting in the formation 
of metal halide can be theoretically broken down into a cycle of 
fundamental energy processes, such that the summation of the 
total energy in the cycle is equal to the enthalpy of formation of 
the halide. 

Very high negative value of A,H™ for fluorides can be explained 
on the basis of the fact that the dissociation energy of fluorine 
molecule is the smallest and the lattice energy is the highest. 
Lattice energy is proportional to 1/7) or | (a +r). Hence, the 
lattice energy will be highest for LiF and lowest for CsI. 

The variation in lattice energy is greatest when > is smallest 
and least when 7, is largest. Thus, the decrease in lattice energy 
of fluorides is very large on Moving trom lithium to caesium, 
whereas this decrease is smaller in case of chlorides, bromides 
and iodides. The heat of sublimation and ionisation enthalpy 
ents decrease from lithium to caesium. The sharp 
attice energy fluorides results in a decrease 
des. A small decrease in the lattice energy 
and iodides does not force the A,H° 


of the elem 
decrease in the | 
of AH” for fluori 
of chlorides, bromides 
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values of these halides to decrease from lithium to caesium. 
The unexpectedly larger negative values of A-H” for potassium 
are due to its proportionately smaller values of sublimation and 
lonisation energy. 

The trend in the values of melting point, boiling point and 
solubility can be explained in terms of polarisation effects, lattice 
energy and hydration enthalpy as discussed below: 

t. Polarisation effect: When a cation, M® of an ionic molecule 
Mex" approaches closely the anion A’, it withdraws the 
electron cloud of the anion towards itself and thus the 
electron cloud of anion gets distorted from the symmetrical 
shape. This effect is called distortion or deformation or 
polarisation of anion X~ by the cation M®. The cation M® 
is also deformed by the anion, A”. But due to the smaller 
size of the cation. the electron cloud is strongly held to the 
nucleus and hence the polarisation of the cation by the anion 
is negligible, and hence generally not considered. 

The ability of a nearby cation to polarise a nearby anion is called its 
polarising power or polarising ability and the tendency of an anion 
to get polarised or distorted by a cation is called its polarisability. 
Factors affecting the magnitude of polarising power of as cation 
and polarisability of an anion as derived from Fajans’ rules are 
given here. 
a. Charge on cation or anion: The greater the charge 
on the cation greater is its polarising power and hence 


greater is the covalent character. 


CN 

[Chareeoncation | +1 | 2 | +3 
TE 
AICI 


the greater the charge on the anion, more strongly it will 
be polarised by a cation, greater will be its polarisability. 


anion 

Polarisability CFS N> | OS pe 
of anion 

character 


b. Size of the cation: The smaller is the size of the cation 
greater Is its polarising power to polarise nearby anion 
and hence greater is the covalent character. 


Size of WE < s < p 
Polarising | Li* >| Na® >| KO > | Rp? 
power a 
Covalent | Lic] > NaCl >| KC] 
character 


Thus covalent Character d 


aC 

Nat 
+] 
$ 


V 


€creases down the group. 


c. Size of the anion: The larger the anion, greater i 
polarisability and hence greater is the covalent chara 


AE 
[size ofanion [F< [oee [wre] 


Polarisability 


of anion 

d. Electronic configuration of the cation: If two different 
cations have the same size and charge, e.g. Cu® (0.96 A 
Charge = + 1) and Na? (0.95 A, Charge = + 1), then 
the cation having pseudo noble gas configuration or 
18 electron valence shell configuration (ns*np ng! 
configuration) has greater polarising power than Cation 
with noble gas, i.e. 8 electron configuration (ns np 
configuration). 
This is because of the fact that the d-electrons of |g 
electron shell shield the nuclear charge of the cation 
less effectively than the 8 electron shell. Hence, Cuc] 
is more covalent than NaCl. 

2. Lattice enthalpy: The greater the lattice enthalpy, greater 
will be the melting point of the alkali metal halide and lower 
will be its solubility in water as shown in Table 4.6. 


S its 
cter, 


Covalent 
character 


Table 4.6 Lattice enthalpy, hydration enthalpy, melting point 
and solubility of some metal halide 


_Comp ci | 
Lattice enthalpy | —845 | -770 
coy | || 
Hydration enth- | —876 | —776 | -700 ~680 
(K) 

; K, 4. 70 


Solubility 63 34.7 7.7 6 
(EL) 


3. Hydration enthalpy: Higher the hydration enthalpy of the 
tons, greater is the solubility in water. 
Hydration enthalpy depends on the charge density. Greater 
is degree of hydration, the greater is the hydration enthalpy 
since the size of ions increases from Li® ion to Cs? ion, 
the degree of hydration decreases from Li® ion to Cs® ion. 
i.e. Li? ion is the heaviest hydrated and Cs“ ion is the least 


hydrated. As a result, the size of hydrated ions decreases 
from Li® 


lontoCs~ ion, andasa consequence 1onic mobility 
increases trom hydrated Li” ion to hydrated Cs® ion. 


- Melting points and solubility: Considering the above three 


lactors, the melting points and solubility of alkali metal 
halides are explained as below. 
Statement (i): For the same alkali metal, the melting point 
decreases in the order: F luoride > Chloride > Bromide > Iodide. 


Explanation: Keeping the alkali metal ion the same, the lattic? 


energy of alkali metal halide decreases as the size of the halide 


ion incr Ux | l A 
ii | * A ® +r. o): As the lattice energy decrease 


Bid id 


1261 1084 | 1028 | 994 


Lattice oe 8) 
(kl mol ) 


a from sodium halide to caesium halide. 
aut pt: NaX > KX > RDX > CsX > LiX 
piero ee Lithium halide is covalent whereas sodium halide 
ee of high polarising ability of small size Li ion as 
to Na ion. Because of the covalent nature of lithium 
salid it has lower melting point as compared to sodium halide. 
hereafter. the melting point decreases from sodium halide to 
sesium halide due to decrease in lattice energy with the increases 
athe size of alkali metal ion. 


a = w o d 


is ioni 
| ompared 


E 
aae 


` statement (iii): The solubility of most of the alkali metal halides 
* xcept those of fluorides decreases down the group(J). 


Explanation: For a compound to be soluble, solvation energy 
tvdration energy) should be greater than the lattice energy of the 
compound. Down the group (1), since the decrease in hydration 
4 athalpy is more than the decrease in lattice enthalpy, solubility 
|) creases. 

Sitement (iv): Lithium halides are soluble in organic solvents 


sch as alcohol, acetone etc. whereas sodium halides are insoluble 
= organic solvents. 


Līplanation: Because of the small size and high electronegativity, 
_ “sum halides are predominantly covalent and hence are soluble 


“organic solvents. Sodium halides being ionic are insoluble in 
“ganic solvents. 


Statement (v): LiF is sparingly soluble in water. However, on 


moving down the group (+), the solubility of alkali metal fluorides 
Nicteases, 


P Solubility in water: LiF< NaF< KF< RbF< CsF 


4 Explanation: Due to the high hydration enthalpy of Li® ion, 


y om halides are soluble in water, except LiF which is sparingly 

"i movin P water due to its high lattice enthalpy. However, on 

a8 the sii, the group H) from NaF to CsF, solubility increases, 

eo in the lattice enthalpy more than compensates the 
in the hydration enthalpy. 


a 4 . 
“84 NITRIDES 


ø. Moly Lith . , 
| tide Um combines directly with nitrogen (N,) to form 
j| Denit BN which is ionic solid. 

i ofall € the fact that lithium having the highest ionisation energy 
if te alkali met 


1, Thiscanp i als is most reactive towards nitrogen. 

N| ofthe ep “explained on the basis of the fact that the lattice energy 
ra highest A ound formed from small cation and small anion is the 
la toe ania N™ (nitride ion) is a small anion and hence the 
| 'gy of the compound formed with the small cation Liv 


is the high heat and hence high heat of formation or Li,N 1s the 
most stable nitride among the alkali metal nitride. 
| 
r° +r 
6Li,.. +N, —> 2L1, Nis) 


Lattice energy ~ 


Li,N is rapidly hydrolysed by water, thus liberating ammonia, NH,. 
Li, N + 3H,O—> 2LiOH + NH, 


The nitrides of other alkali metals can be made by indirect methods. 
Sodium nitride (Na,N) can be made by dissolving sodium and 
sodium azide (NaN,) in liquid ammonia, allowing ammonia to 
evaporate and then warming the mixture. 


NaN, + Na —— 3NaOH + NH, 


It decomposes with the loss of nitrogen above 150°C. It is readily 
hydrolysed. 


Na,N + 3H,O—> 3NaOH + NH, 


4.6.5 CARBIDES 


Only lithium reacts with carbon to form an ionic carbide, Li,C,. 
This is because of high lattice energy of lithium carbide, Li,C, 
being made up of small cation (Li”) and small anion ( e ). 
Other alkali metals form similar carbides when heated with 
acetylene or when acetylene is passed through a solution of the 
metal in liquid ammonia. 


pO 099 
Na + HC = CH — Na C=C Na 
or C,H, or Na,C, 


These compounds react with water to give acetylene and contain 
(C= Om ion, hence they are termed acetylides. 


60 08 
Na C=C Na+ H,O — 2NaOH + HC = CH 
or Na,C, or C,H, 


The heavier alkali metals, i.e. potassium, rubidium and caesium 
form interstitial carbides when heated with graphite, the graphite 
lattice expanding to accommodate the metal atoms between 
the layers of carbon atoms. The compounds formed are non- 
stoichiometric and highly coloured, the colour varies with variable 
composition. 

Cok ==> ex —= 
Dark grey Blue 


C-K +C,K (Bronze) 


4.6.6 SULPHIDES 
Alkali metals react with sulphur to form sulphides of formulae 
M.S,, where x = 1, 2, 3, 4, 5 or 6. 
Monosulphides are prepared by burning metals in sulphur vapour 
or by high temperature reduction of their sulphates with carbon, 
Gg: 

2 Na + S —> Na,S 

Na, SO, + 4C —> Na,S + 4CO 

; > . solution 
Polysulphides are formed by the action of sulphur on metal solu 


in liquid ammonia. The polysulphide ions are present in the crystal 
lattice as the zig-zag chain of sulphur atoms. 


Aà 
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Solution of the alkali metal sulphides are strongly alkaline due to 
the hydrolysis of the sulphide ion. 
S* + H,O — HS° + OH® 
HS° + H,O —> H,S + OH” 


As compared to monosulphides, polysulphides are much less 
readily hydrolysed because the negative charge is distributed over 
all the sulphur atoms instead of being concentrated on one. This 
makes the anion a poorer electron donor. 

The sulphides behave as reducing agents being oxidised to sulphur 
or its oxides; and are easily oxidised by even weak oxidising 
agents. 


4.6.7 OXOCOMPOUNDS OR SALTS OF OXOACIDS 

As alkali metals are highly electropositive, their hydroxides 
are strong bases and hence they react with all oxoacids to form 
corresponding salts. Oxoacids are those in which the acidic proton 
is on hydroxyl group with the oxo group attached to the same atom, 
e.g. carbonic acid (H,CO,), nitric acid (HNO,), sulphuric acid 


(H,SO,) etc. They are generally soluble in water and thermally 
stable. 


4.6.7.1 Carbonates and Bicarbonates 

Carbonates of the type M,CO, are known for all the alkali metals. 
Lithium carbonate (Li,CO,) being the least soluble in water is 
prepared by adding a solution of sodium carbonate in an aqueous 
solution of lithium chloride, when Li,CO, precipitates out. 


2LiCl + Na,CO, —> Li,CO,v + 2NaCl 


Li CO, can also be prepared by passing CO, through a solution 
of LiOH. 


2LiOH + CO, — Li,CO, + H,O 


When CO, is passed through cold concentrated solutions of other 
alkali iea hydroxides, their carbonates are not precipitated 
because of their much greater solubilities in water. However, 
if these solutions are saturated with CO,, their bicarbonates are 
precipitated as the bicarbonates are much less soluble than the 
corresponding carbonates. When these bicarbonates are heated 
strongly, they decompose to give carbonates. 

2NaOH + CO, — Na, CO, + H,O 


Na,CO, + H,O + CO, — 2NaHCO, 4 


2NaHCO, —+ Na,CO, + H,O + CO,1 


Sodium carbonate ( Na,CO, ) is manufactured 


brine is treated with a mixture of CO, and NI 
bicarbonate (NaHCO,) precipitates òu. 
heated gives carbonates. 


2 NaCl + 2CO, + 2NH, + 2H ,0 —> 2 NaHCO, 


from brine. The 


1, when sodium 
This bicatBorate when 


+ 2NH,Cl 


Less A 


2NaHCO, _4 , Na,CO, + H,O + CO, 


ke 


Potassuim carbonate (K,CO,) cannot be made by simi 
since potassium bicarbonate is more soluble th 
bicarbonate and it is not precipitated when an ammoni 
of KCI is saturated with carbon dioxide. KOH, ¢ 
prepared from reaction of hydroxide and CO., 


lar me ethog 
an So odi 
Cal so] 


m 
Uti 
there fore p 


Lithium does not form a solid bicarbonate (due to 


electropositive nature), though it exists in solution = 
bicarbonate is less soluble than the carbonate due to the fae 
size of the lithium ion. er 
The reactivity of the alkali metal carbonates is very simil 
these are almost entirely of the anion, CO7. Lithium ¢ 
varies slightly from the rest. As the alecttoporitivė 
increases from Li to Cs, the stability of the carbo 
hydrogen carbonates increases in the same order. 


Li,CO, < Na,CO, < K,CO, < RbCO, < CsCO, 
LiHCO, < NaHCO, < KHCO, < RbHCO, < CsHCO, 
The thermal stabilities of the alkali metal carbonates Wt. its 


decomposition to their oxides and CO, increase with the į increasing 
size of the cation. 


ar Since 
arbonate 

characte 
nateg and 


M,CO, —^> M,0+CO,îÎ 


The decomposition of carbonates and bicarbonates takes place 
because the oxides of alkali metals are more stable than their 
oxoacid salts. The relative ease of decomposition parallels the 
decrease in ionic radius of the cation from Cs? to Li? . which in 
turn increases the lattice energy of the solid reaction products. 
The lattice energy of the carbonates of alkali metals varies from 
one another in smaller amounts as it mainly depends upon the 
larger anion, co? Moreover, the Li? ion being smaller in size. 
polarises the ca. CO; ion giving a larger covalent character 
the carbonate. The difference in the lattice energy of ence 
and oxides of alkali metals decreases on moving from lithium 
to caesium, hence lesser is the tendency of the carbonates to 
decompose to oxide. 
The aqueous solution of carbonates are alkaline. This is due to he 
hydrolysis as carbonates are salts of strong bases and weak acid 
(H,CO,, carbonic acid). 
M,CO, + 2H,O = 2MOH + H,CO, 

Strong Carbonic 

alkali acid 
4.6.7.2 Nitrates 


Alkali metals form nitrates of the type, MNO,. 


1. These are colourless, soluble in water wd electrovalent " 
nature. 


. cana . , `- nature If 
2. Nitrates of lithium and sodium are deliquescent in naturè 
the solid state. 


. 7 . . bs m 
3. On heating, all the alkali metal nitrates, except lith!? 
nitrates, decompose to give nitrites. 
2MNO, SE 2MNO, + O, (where M = Na, K, Rb, Cs) 
Lithium nitrate decomposes to give monoxide. 


: A 
2LiNO; —> Li,O + 2NO, + 503 


w 
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iS attributed to lower thermal stability of lithium nitrite, 
This 


NO. The size of the NO} ion is large enough to be 
A oinei by the small Li® ion to make it much less stable 
e 


than Li,O. 


|, ANOMALOUS BEHAVIOUR OF 
 *[ITHIUM 


ements in the second period have ls? as their inner core, 
The è elements exhibit certain properties which are different from 
pi of the members of their respective groups. Many of the 
the a of Li (the first member of group I, i.e. alkali metals) 
erent from the rest of the elements of group I. 
2 


The main reasons for anomalous behaviour of Li can be attributed 


10: ; @. 
Extremely small size of the Li atom and the Li® ion. 


— 


ionic charge 


to 


_ High polarising power [ic of the Li® ion, 


(ionic radius)? 
which leads to its increased tendency for covalent bond 


formation. Its compounds are therefore soluble in organic 
solvents. 


we 


Least electropositive character and highest IE as compared 
to other alkali metals. 


4, Absence of d-orbitals in valence shell of Li. 


Points of difference between lithium and other alkali metals: 


1. Lithium is harder and lighter as compared to other alkali 
metals. 


~ 


Its melting and boiling points are much higher than the rest 
of alkali metals. 
. Due to its small size, it forms stable compounds with small 
anions such as hydride, carbide, nitride. 
6Li+ 3N,—> 2Li,N 

Lithium nitride 


Ww 


irae- Lc, 

Lithium carbide 

The reactions between lithium and hydrogen, carbon or 

nitrogen are exothermic. 

Lithium, unlike other alkali metals, forms no acetylide on 

reaction with ethyne. 

Li + C,H, —> No reaction 

2Na + C JH, —> NaC, + H, 

Disodium 
acetylide , 

. Lithium, on reaction with oxygen, forms only monoxide 
(Li,O) whereas other alkali metals form peroxides ( M,0,) 
and superoxide (MO,). | 

- Lithium reacts very slowly with water whereas the reactions 
of other alkali metals are violent. 

- LiOH is a weaker base and sparingly soluble in water as 
compared to other alkali metal hydroxides. | 

8. LIOH decomposes at red heat to Li,O, whereas other alkali 

metal hydroxides sublime unchanged as MOH. 


> 


2LIOH—> Li,O + H,O 


9. Lithium halides are deliquescent and crystallises as a 
hydrate LiCl. 2H,O, whereas other alkali metals do not form 
hydrates. 


10. Lithium halides are covalent and dissolve in organic solvents 
like alcohol, pyridine etc. 
11. Lithium bicarbonate is not obtained in the solid form (exists 


in. solution) while all the other alkali metals form solid 
bicarbonates. 


12. Lithium carbonate decomposes to lithium oxide on heating, 
whereas carbonates of other alkali metals are more stable to 
heat. 


Li,CO, —> Li,O + CO,Î 
13. Lithium nitrate, on heating, decomposes to lithium oxide, 
Li,O, whereas the nitrates of other alkali metals give nitrites. 


4 LINO, ——> 2Li,O + 4NO, +O, 
2 NaNO, —^> 2 NaNO, + O, 


14. Li,SO, does not form an alum, whereas the sulphates of 
other alkali metals do so. 
15. Alkyl and aryls of lithium are more stable. 


16. Lithium shows a greater tendency to form complexes. 


4.8 DIAGONAL RELATIONSHIP OF 


LITHIUM WITH MAGNESIUM 


The elements of the second period of periodic table resemble the 
elements at their lower right in the third period (i.e. diagonally 
placed element) more than the members of their respective group. 
This is known as diagonal relationship. 

Lithium resembles its diagonally opposite element magnesium 
mainly because of nearly the same charge density (charge/size 
ratio): 


1. Atomic radii of Li are 152 pm, whereas that of magnesium 
are 160 pm. 


2. Ionic radii of Li® are 76 pm, whereas that of Mg” are 
72 pm. 


Main points of similarity are as follows: 

a. Lithium has high melting and boiling points, which are 
comparable with those of magnesium. 

b. Lithium is as hard as magnesium. 

c. On reaction with oxygen, lithium forms monoxide (L1,0), 
similarly magnesium also forms monoxide (MgO). i 
4 Li + O,—-> 2Li,0 
2Mg + O,—-> MgO 

d. Unlike other alkali met 


othe als, Lithium reacts directly with 
carbon forming c 


arbide, magnesium also forms carbide. 


e. Like magnesium, lithium forms nitride when heated with 
nitrogen. Other alkali metals do not do so 


6Li +N, —™ 2Li,N 


3Mg + N, — Mg,N, 


a” i Ve 
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f. The hydroxides, carbonates and nitrates of lithium as well 


as of magnesium decompose on heating to give oxides. 


LiOH —^> Li,O+H,0 

Mg(OH), -> MgO +H,0 

Li,cO, —> Li,O + CO, 

MgCO, —^ MgO + CO, 

4LiNO, —“> 2Li,0 + 4NO, + O, 
2Mg (NO,), —*-» 2MgO + 4NO, + O, 


g. Lithium hydroxide (LiOH) is less soluble, less basic and 


decomposes on heating to Li,O. The hydroxides of other 


alkali metals are strongly basic, highly soluble and sublime as 
MOH on strong heating. Magnesium hydroxide, Mg(OH),, 
is also sparingly soluble, less basic and decomposes on 
heating to MgO. 


h. Both lithium and magnesium nitrates, on heating decompose 

to give their oxides. 
4 LINO, —*> 2Li,0 + 4NO, + O, 
2 Mg(NO,), —+> 2MgO + 4NO, + O, 

i. Li,CO,, LiOH, LiF and Li,PO, are the only alkali metal 
salts which are sparingly soluble in water, similar to the 
corresponding magnesium compounds. 

j. The compounds of lithium have a covalent character similar 
to those of magnesium. Both LiCl and MgCl, are soluble in 
organic solvents, e.g. alcohol. 

k. The compounds of lithium are heavily hydrated similar to 
those of magnesium. LiC!:2H,O, MgCl,-6H,O 

1. Both LiCl and MgCl, are deliquescent and crystallise from 


aqueous solution as hydrates, LiC]-2H,O and MgCl,-6H,0. 
m. Both lithium and magnesium do not form solid bicarbonates 
(exist in solution state). 
n. Both lithium perchlorate (LiC1O,) and magnesium 
perchlorate [Mg(C10,),] are highly souble in ethanol. 


4.9 ALKALI METALS: EXTRACTION 
AND USES 


The extraction of alkali metals cannot be carried out by usual 
procedures due to the following: 

1. Alkali metals cannot be extracted by reduction of their oxides 

as they themselves are the strongest reducing agent and 

hence no other metal can displace them from their oxides. 


. The alkali metals are highly reactive towards water, therefore 
the method of displacing them from their solutions by using 
elements high in the electrochemical series is not possible. 


. These elements can be prepared by electrolysis of their 
aqueous solutions using mercury cathode only wherein 
they form amalgams but the recovery of the metal from the 
amalgam is very difficult. Moreover, during electrolysis of 


aqueous solutions the liberated metal at the catho de 
i “r 
with water to form metal hydroxide. Pacts 


Keeping in view the above difficulties, alkali metals are Ù 
` Sually 


isolated by the electrolysis of their fused metal halides along wi 
With 


another metal halide (to lower the melting point). 


4.9.1 EXTRACTION 
Lithium: The important minerals of lithium include spodumene 
LiAISi70,; lepidolite, Li, Al, (Si0,)3 (F‘OH) and amblygonite 
LiAl(PO,)F. The extraction of lithium involves two steps: 
1. Preparation of lithium chloride from the minerals: The 
ore is first heated to about 1373 K to convert it into more 
friable form, which is then washed with sulphuric acid a 
523 K and is leached with water to give lithium sulphate, 
Li,SO, H,O. Successive treatment with sodium carbonate 
and hydrochloric acid gives first Li,CO, and finally lithium 
chloride, LiCl. Alternatively, lithium chloride can be 
obtained by calcining the washed ore with CaCO, at 1273 
K followed by leaching with water to give LiOH and then 
treatment with HCl. 


2. Electrolysis of lithium chloride: The electrolyte consists 
of a fused mixture of 55% LiCl and 45% KCI at 723 K. 
On electrolysis, the molten lithium containing about 1% 
potassium 1s collected (Fig. 4.5). 


Alternatively, electrolysis of LiCl solution in pyridine. 
ethanol or acetone can be dene. 


Molten lithium 


Cast iron 

enclosure 

Fused LiCl 
+KCl 

Iron gauze 

sO 

; Refractory lining 

Graphite 

anode Brickwork 


Steel 
cathode 


Fig. 4.5 Electrolysis of lithium chloride 


Sodium: Enormous quantities of sodium chloride occur as rock- 
salt deposits and in sea water, Other compounds of sodium found 
in nature include sodium carbonate, NayCO3, double sulphate 
with Ca, borate as borax and complex silicates. l 

Sodium is extracted by electrolysis of a fused mixture of sodium 
chloride (40%) and calcium chloride (60%) at 1123 K, in pown? 
cell. Metallic sodium and calcium are liberated at the cylindric? 
steel cathode and rise through a cooled collecting pipe W 


allows calcium to solidify and fall back into the melt. 9 
sodium is taken out of the cell (Fig 4.6). 


1 
jten 


fhe 


—» Cl, gas 


fay Fused NaCl 
+ 
UZ, 


Sodium JA 


Fine gauze 

diaphragm to 
revent diffusion 

of Cl, to cathode 


lron cylindrical 
cathode (—ve) 
surrounding 
the anode 


Graphite anode (+ve) 


Fig. 4.6 Downs cell 


n of calcium chloride is to lower the operating 
ture from 1080 K (m.pt. of NaCl) to about 850 K. The 
ee ets for lowering the temperature are as follows: 

p se melting point of sodium choride is very high and it 

) is very difficult to maintain it in the molten state during 
electrolysis. 

2, Sodium is considerably volatile at the temperature needed for 

the electrolysis and therefore, a part of the metal produced 
vapourises. 


The functio 


3, Molten sodium gets dispersed in molten sodium chloride to 
form a metallic fog at a high temperature. 

4. Both sodium and chlorine, the two products of the 
electrolysis, have a corrosive action on the material of 
the vessel employed for the electrolysis at such a high 
temperature. 


Potassium: Potassium is obtained by electrolysis of fused 
potassium hydroxide (KOH) 


© 
KOH = KÊ + OH 
åt cathode: KÊ + € —> K 


Atanode: 4 OH —> O, + 2H,0 + 4e®. 

Potassium can also be obtained by reduction of KCI with sodium 
vapours at about 1125 K in large fractionating tower. 

KCI + Na— NaCl + K 

Potassium obtained by this method is about 99.5% pure. 


4.9.2 USES OF ALKALI METALS AND THEIR 
COMPOUNDS 
Lithium: 
L. It is used in making alloys: 

a. Lithium—magnesium alloy (with 14% Li): Addition of 
lithium to magnesium improves its tensile strength and 
makes its resistant to corrosion. It is used for making 
armour plate and aerospace components. | 

b. Lead-lithium alloy or white metal is used for making 
toughened bearings and sheaths of electric cables. | 

c Lithium—aluminum alloy: It is used for aircraft 
construction because of its high strength. 

2. As deoxidiser: It is used as a deoxidiser in the purification 
of nickel and copper. 
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3. In the manufacture of glass and pottery: Lithium carbonate 
is used to increase the strength and resistance of glass. 
Lithium salts are used in ceramics to prevent surface 
cracking of pottery. 

4. As lubricants: LiOH is used in the manufacture of high 
quality lubricating greases, which can withstand extreme 
variation of temperature. 

5. In medicine: Lithium bromide is used as a sedative. 


6. Lithium hydride is used as a source of hydrogen for 
meteorological purposes and for filling of balloons. 

7. As scavanger: Since it readily combines with oxygen and 
nitrogen, thus it is used for removing the last traces of 
oxygen and nitrogen during refining of metals such as copper 
and nickel. 

Sodium: 

1. As a reducing agent in the form of sodium amalgam . 

2. As areagent in organic chemistry—Used in Lassaigne’s test 
for the detection of extra elements (nitrogen, sulphur and 
halogens) in organic compounds. 

3. Molten (liquid) sodium or its alloy with potassium is used 
as a coolant in nuclear reactors. 

4. Sodium can be used alone or with potassium to dry solvents. 

5. Sodium is used for refining of metals such as zirconium and 
potassium. l 

6. Sodium is used in sodium vapour lamp. 

7. Because of its lightness and high thermal conductivity, it is 
used to fill exhaust valves of aeroplanes engines. 

8. Sodium-lead alloy is used for the preparation of tetraethyl 
lead, Pb(C,H.),, which is used as an antiknock agent in 
petrol. 

(Pb+4Na) +4C,H;Cl——(C,H;),Pb +4NaCl 
Lead—sodium alloy Tetraethyl lead 

9. Sodium and sodium amalgam are used as reducing agents 
in organic synthesis. 

10. It is used in the preparation of useful regents as NaCN, 
Na,O, and NaNH,,. 
Potassium: 


1. Potassium forms an alloy with sodium, known as NaK (or 
‘nack’) which is used as dessicant to produce dry solvents. 


It is also used as a medium for heat transfer in several 
industries. 


- Potassium vapour is used in different variety of 
magnetometers. 


- Potassium chromate is used in manufacturing ink, dyes, 
safety matches, fireworks, fly paper etc. It is also needed in 
the tanning of leather, 


4. Potassium nitrate is used as a fertiliser. 
Rubidium: 


1. Rubidium is used in Photocells. 


2. It is peed as a getter (remover of gases) in vacuum tubes 
3. Rubidium-87 is slightly radioa 


. . ; ctive 
extensively in dating rocks. and has been used 
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4. Rubidium salts are used in glasses and ceramics. 
5. Rubidium compounds give a purple colour in fireworks. 
Caesium: 
1. Used in photoelectric cells and vacuum tubes. 
2. It is used as a getter (remover of gases) in electron tubes. 
3. Used as a catalyst in the hydrogenation of few organic 


compounds. 
4. It is used in alarm clocks (Cs-133). 


en 


a. Which alkali metal is used as a coolent in nuclear reactor? 

b. What is the oxidation state of K in KO,? 

C The E© for C1,/CI® is +1.36, for I,/I~ is +0.53, 
for Ag? Ag is + 0.79, for Na®/Na is —2.71 and for 


Li®/Li is -3.04. 
Arrange the following ionic species in decreasing order of 
reducing strength. 
I=. Ag, CIS, Li, Na 
d. Why is KO, is paramagnetic? 


a. Sodium 


b. The superoxide species is represented as OF . Since the 
compound is neutral, therefore the oxidation state of 
potassium is +1. 

c. The order is Li > Na > IP > Ag > CIP. 

d. The superoxide 05 is paramagnetic, because of one unpaired 
electron in x 2p antibonding molecular orbital. 


Give reason for the following: 

a. Why potassium is less reactive than rubidium? 

b. Irrespective of the alkali metal dissolved in liquid ammonia, 
dil solution is always blue coloured. 


a. The atomic size of potassium is smaller as compared to 
rubidium, thus the valence shell electron (ns') is more 
loosely bound in rubidium. As a result, ionisation enthalpy 
of potassium is more than rubidium and hence potassium 
is less reactive than rubidium. 


b. Alkali metals dissolve in liquid ammonia to give ammoniated 
metal ion and ammoniated electron, 


M+ + y) NH, —>(M(NH,), [” +[e(NH,), | 
Ammoniated Ammoniated 


metal jon electron 


The blue colour is because of ammoniated electron which 
absorbs energy corresponding to the red region of the visible 
light and gives complimentary blue colour. 


Sodium fire in the laboratory should not be extinguished b 
using water. Why? y 


Goll) Sodium reacts violently with water 
Na + H,O —> NaOH + H,Î 
thus producing sodium hydroxide and hydrogen gas. As H 
gas is inflammable, it catches fire. As a result, the fire spreads 
Therefore, water should not be used to extinguish the fire causeq 
by sodium (instead CCI, should be used). 


Choose the correct answers: 


a. Which of the following alkali metal is the most electropositive? 


i. Na ii. K iii. Rb iv. Cs 
b. Which of the following alkali metals has the lowest m_pt.? 
i; Èi ii. K iii. Na iv. Rb 


c. Which of the following is the strongest reducing agent? 
i ii. Na iii. K iv. Rb 


Soi. 


boise a 


a. (iv) Cs, because of its low IE values. 
b. (iv) Rb, metallic bending is weakest in Rb. 


c. (i) Li. 


a a E EE ae OARS A 
LiH, LiF and Li,N show exceptional thermal stabilities. 
Comment. 


“Sol. Li? ion has very small size and has an exceptionally big 


charge to radius ratio and therefore salts of Li ion with small 
anions viz. H°, F° and N* are highly stable due to their high 
lattice energy. 

l 


oC —_—_ 
sd Dp 
rtia 


Thus LiH, LiF and Li,N show exceptionally high thermal stability. 


Salt of Li® with large anions CO,™, NO, are relatively less 
stable than its salts with small anions, Comment. 
Sol. ) Stability of a compound can be explained on the san 
its lattice energy (A H` ) which is inversely proportional to 
sum total of the radius of cation and anion. 


a ‘ l 
Lattice energy « - 
fe try 


`: Or. ; ee a le 
Since Li” ion is exceptionally small in size, 1t will form stab 


complexes with small size anions, due to high lattice energy ° 
the compound formed, whereas compound of Li® ion with larg? 
size anion CO,” and NO,” are relatively less stable due to tie 
less lattice energy. 


Se 


5) 


j 


i | gr 


1 has more covalent character. F” ion is smaller in size 
P E d to 1°, According to Fajans’ rule, the large-sized 
F o olarised to a greater extent than small size anion, F° 
ef polarisation of the anions leads to greater covalent 


at 


ict 
a OP je. Lil is more covalent as compared to LiF. 


Eg and Lil, which is more soluble in water and why? 
| amol 

| LiF is more soluble in water. According to Fajans’ rule, 
| e þeing smaller as compared to I~ ion, will be polarised to a 
x jon, Dems eee 
„rextent. Hence LiF will be less covalent as compared to Lil 
ie sant LiF will be more soluble in water as compared to Lil. 


| yrange the following in order of the increasing covalent 


character: 
VC. MBr, MF, MI (where M = alkali metals) 
| B MF< MCl< MBr< MI 
Size of anion Fo< C< Be< IP 
Degree of polarisation F®°< CI°< Bro< IP 
Covalent character MF< MCI< MBr< MI 


Tt increasing size of the anion, degree of polarisation by the 
zion increases and hence the covalent character increases. 


a When is an ion highly polarising? Which alkali metal ion 
has the highest polarising power? 


| b. What makes lithium to show properties uncommon to the 


rest of the alkali metals? 


4. A cation is highly polarising if its (charge/radius) ratio 
is high. Li? ion having the smallest size will have the 
maximum (charge/radius) ratio Or polarising power. 

b. Lithium shows properties uncommon to the rest of alkali 


Metals due to: 
i. Small size of Li atom and Li” ion. 


ii. High (charge/radius) ratio of Li” ion. _ 


t10 SOME IMPORTANT 
COMPOUNDS OF SODIUM (Na) 


410.1 Sopium PEROXIDE (Na,9,) 
‘Mmon name: Oxone 

"eparation: It is manufactured on in 
“dium metal and moisture in excess © 
Moisture) at 620 K. 


dustrial scale by heating 
f air (free from CO; and 
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2Na + O, 20K Na,O, 


(air) 
Properties: 
1. When pure, it is colourless powder, but the faint yellow 


colour of the usual product arises due to the presence of a 
small amount of sodium superoxide NaO.. 


. When Na,O, comes in contact with mosit air, turns white 
due to the formation of Na,CO,. 


2Na,O, + 2H,0 —> 4 NaOH + O, 
2NaOH + CO, —> Na,CO, + H,O 


3. Sodium peroxide acts as a powerful oxidising agent that 


oxidises chromium (III) hydroxide to chromate, manganese 
(II) to manganate. 


[03 + 2H,0 + 2e° —> 40H] x3 
© 
[Cr(OH), + 50H —> CrO% +4H,O+3e]* 2 


2Cr(OH), + 303° —+ 2CrO} + 20H + 2H,0 


[O} +2H,0 + 2e° — 40H] x 2 


© 
Mn(OH), + 60H —> MnO% + 4H,O + 4e 


Mn(OH), + 203° —> MnO} +20H 


4. Action of water: When warm water is dropped over sodium 
peroxide, a steady stream of oxygen gas is produced at room 
temperature. 


2Na,0, + 2H,0 —> 4NaOH + 0,7 
5. Action of acids: 


a. On reaction with cold dilute H,SO,, gives hydrogen 
peroxide. 


Na,O, + H,SO, —> Na SO, + H,0, 
b. On reaction with hot acids, gives oxygen. 
2Na,O, + H,SO,—> 2Na,SO, + 2H,0 + 0,1 
6. Na,O, on reaction with absolute alcohol (at 273 K) gives a 
white powder of sodium hydrogen peroxide, NaOOH. 
Na,O, + C,H,OH —> C,H,ONa + NaOOH 


- On reaction with carbon monoxide (CO), gives sodium 
carbonate. 


Na,O, + CO —> Na,CO, 
- Na,O,, on being heated with nitric oxide, produces nitrate. 
Na,O, +2 NO —> 2NaNO, 


Nitric 
oxide 


Sodium 
nitrite 

9. NaO. reac ; 
22 Feacts with sulphur dioxide to form sodium sulphate. 


Na,O, + So, —_, Na,SO 
10. Na,O an 


is di; . : A. 
anid > lamagnetic and is regarded as a salt of dibasic 
> 2 2: 


Na,O 
2~2 + 2H,0 —> 2NaOH + H,O, 


y N 


4.28 


Uses: 
1. 


p] 
ane 


4.10 


Inorganic Chemistry 


Sodium peroxide is used as an oxidising agent in laboratory. 
It is used as a bleaching agent because of its oxidising 
property. It is used for bleaching delicate fibres such as silk, 


straw. leathers etc. 


- It is used for purification of air in confined spaces such as 


submarines. It combines with CO, to form sodium carbonate 


and oxygen. 


2Na,O, + 2CO, —> 2Na,CO, + 0,7 


. Itis used in the manufacture of dyes and any other chemicals 


such as benzoyl peroxide, sodium perborate etc. 


.2 SODIUM OXIDE [Na,O] 


Preparation: 


1. 


LE 


It is formed when sodium is heated in regulated supply of air 
at 180°C and distilling the excess of the metal in vacuum. 


Na +10, —> Na,0 


. Industrially, it is prepared by heating sodium nitrate or 


sodium nitrite with sodium. 
2NaNO, + 10Na —— 6Na,O +N, 


2NaNO, + 6Na —— 4Na O +N, 


3. Pure sodium oxide is formed by heating the mixture of 


sodium azide and sodium nitrite . 


3NaN, + NaNO, —^> 2Na,0 + 5N, 
(Pure) 


Properties: 
1. Na,O is a colourless ionic solid and its aqueous solutions 


2. 


3. 


4. 


5. 


is a strong base. 
Na, O + H,O —> 2NaOH 


When Na O is heated above 400°C, it forms Na,O, and 
metallic sodium vapours. 


> 400°C 
a TT A 


2Na,O Na,O, + 2Na 


Sodium peroxide 


It reacts with water violently forming sodium hydroxide 
(caustic soda). 


Na O + H,O —> 2NaOH + Heat 

It reacts with liquid ammonia to give sodamide (NaNH,). 
Na O + NH, —> NaNH, + NaOH 

It burns in carbon dioxide to give sodium carbonate. 


Na,O + CO, —> Na Co, 


Uses: It is used as a dehydrating and polymerising agent in organic 


chemistry. ` 


4.10.3 SODIUM HYDROXIDE (NaOH) 
Common name: Caustic soda 


Preparation: Commercially NaOH is prepared by the f | 
methods: ° 


lowing 


1. Causticising process or lime—caustic soda proç 
ess; 


. Nelson diaphragm cell: It consists of U- 


heating 10% Na,CO, solution with milk of lime [Ca(oy y 
hy, 


Na,CO, + Ca(OH), —*> 2NaOH + CaCo,{ 
Calcium carbonate (CaCO,), being slightly Solub 
separates out as mud. The proceses is called causticisan 
or caustication. m 


. Electrolytic process: Caustic soda, nowadays ; 
Is 


manufactured by electrolysis of aqueous solution of sodiy 
choride (brine). m 
Advantage of electrolytic process over causticising Process: 
e NaOH produced is highly pure. | 
e Hydrogen and chlorine are obtained as valuabje 

by-products. i 
Theory : Brine solution contains Na®, CIP, BÊ, OH iong, 
NaCl = Na® + Cl° 

», 

HOH + OH 
On passing electron current through the solution, Na” and 
HÊ ions move towards the cathode. H” ions are able to 
accept electron much more easily than Na®, as a result 


hydrogen (H,) is liberated with the decomposition of more 
water molecules while Na® ions remain in solution. 


At anode, the CI° ions give up their electrons in preference 
© 
to OH ions and Cl, gas is liberated. 


At cathode: 2H® +2e” > Hyg) 


or 


© 
2H,O + 2e° —> H, +20H 
At anode: 2CI° — Cl, + 2e 


The overall ionic equation is: 


2Na® + 2Cl° + 2H,O —> 2Na? + 20H + Hyg t Che 
If NaOH and Cl, so produced are allowed to come in contact 
they will react again as follows: 

NaOH + Cl, —> NaCl + NaClO + H,O 

To prevent the reaction between NaOH an 
necessary to separate anode from the catho 
accomplished by using diaphragm cells such as 
diaphragm cell, (b) Castner-Kellner cell or mercury ¢ê 
cell and (c) Nafion membrane cell. 


d Cl, it's 
de. This IS 
(a) Nelson 


shaped perforated 


steel cathode lined inside with asbestos, and suspen jed i 
a rectangular iron tank. A carbon rod suspended into it a 
as anode (Fig. 4.7). The electrolyte used is brine solutio" 
The asbestos lining separates the anode and the cathode. a 
steam blown from the bottom during the process, helps 
keeping the electrolyte warm and the perforations cleat. 


— 


diaphragm 


Perforated 
steel-cathode 


Steam 


NaOH 
solution 


Fig. 4.7 Nelson cell for the production of NaOH 
glectrolyte: Brine solution 
cathode: Perforated steel 
Anode: Carbon(graphite) rod 
In solution: 
waCl = Na? + CIP 
p02 H® + OHO 
At cathode: IH” + 2e¢ —> H, 


© 
(0r)2H,0 + 2e —> H, +2 OH 
At anode: 2CI° — Cl, + 2e 


Overall ionic equation: 
© 
INa® +2C1° + 2H,O —> 2Na*+ 20H +Cl,+H, 


Note: This cell is used for industrial preparation of Cl,. 


This cell is also used for production of Na,CO,, when CO, is 
mired with steam. —— oe 


2. Castner-Kellner cell or mercury cathode cell: It consists 
ofa large rectangular tank divided into three compartments 
by slate partitions which do not touch the bottom of the tank 
(Fig. 4.8). The slate partitions are suspended in mercury 
placed at the bottom of the tank. Thus mercury in one 
compartment can flow into the other, but the solution present 
in any of the compartment cannot flow into the other. 


NaOH solution 


Eccentric 
wheel 


i i OH 
Fig. 4.8 Castner-Kellner cell for the production of Na 
Brine is placed in the outer two compartme 


central compartment contains dilute NaOH solution. 


nts, whereas 
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On passing current, electrolysis takes place in the outer and 
central compartments as given below: 


Outer compartments: 
NaCl — Na® + CI? 
H,O = H® + OH 
Na? and H? ions migrate towards mercury cathode, whereas 
Cl° and OH migrate towards graphite anode. 
At anode: 2C1° — Cl, + 2e 
Because the discharge potential of Cl” ion is lower than that 
of OH ions, CI® ion gives up its electron in preference to 
OH ions, and Cl, gas is liberated at anode, while OH ions 
remain in the solution. 
At cathode: Na? + e —> Na 

Na + Hg —> NaHg 


Sodium amalgam 
Sodium amalgam passes into the central compartment due to 
the rocking motion given to the cell by the eccentric wheel. 


Central compartment: 


© 
NaOH ——> NaÊ + OH (4.7) 
(©) 
H,O = HÊ + OH ...(4.8) 


NaOH, being strong electrolyte, undergoes complete 
dissociation, whereas H,O being a weak electrolyte, gets 
partially ionised. _ 

HÊ and Na® ions migrate towards cathode, whereas OH ions 
migrate towards anode. 

At anode: OH —> OH+e 

4 NaHg + OH —> NaOH + Hg 


OH ions migrate towards anode and combine with sodium 
amalgam to form NaOH. 


At cathode: 2H® + 2e° —> Horo) 


Because discharge potential of HÊ is lower than that of Na~ 
ions, H® ions are thus discharged at the cathode and H, is 


liberated. 

‘As HÊ ions are continuously discharged at the cathode, the 
equilibrium (4.8) shifts towards the nght thereby producing 
more of OH ions. The OH® ions, thus produced react with 
sodium amalgam forming more and more of NaOH. When 
the solution of NaOH is sufficiently concentrated (~ 20%), 
it is drawn out, evaporated, fused and cast into sticks. 


3. Nafion membrane cell: The natural brine (NaCl) is now 


electrolysed in a membrane cell in which anolyte and 


_ catholyte are separated by a Nafion membrane (Fig. 4.9). 


Nafion is a copolymer of tetrafluoro-ethylene and perfluoro 


sulphoryl ethoxyether. The copolymer is supported by a 
Teflon mesh. 


2NaCl +H.O Electrolysis 
(aq) * H,O > 2NAOH ag) + Hag)? + Clay 


a membrane allows Na ions to migrate from one half 
cell to another but prevents mixing of gaseous products. 
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Nafion membrane cell is 
KOH from electrolysis of KCI. 


Advantages of Nation membrane cell ove 
a. 


t other methods: 


environment-friendly nor economical, whereas Nafion 
membrane serves both the purpose. 


b. Purity of NaOH produced is much higher, 


Nafion H,O 
membrane 


~~ 
i 


H,O + e7 > OH +H, ; 


Fig. 4.9 Nafion membrane cell 


Properties: 

1. Sodium hydroxide is a deliquescent solid, and readily 
absorbs moisture and carbon dioxide from the atmosphere. 
2NaOH + CO, —> NaCO, + H,O 

2. NaOH is highly soluble in water and the process of 
dissolution is exothermic. 

NaOH —> Na? + °OH 
3. It decomposes to its elements at 1300°C 
2NaOH —TS> 2Na +H, +0, 
- Reaction with acids and acidic oxides: It reacts with acids 
and acidic oxides to form salts. 
NaOH + HC] —> NaC] + H,O 
NaOH + H,SO, —> NaHSO, + H,O 
2NaOH +CO, —> Na,CO, + H,O 
2NaOH +$O, —> Na,SO, + H,O 
2NaOH +Si0, —> Na,SiO, + H,O 
5. Reaction with non-metals: 


2NaOH (cold and conc) + Br, —> NaBr + NaOBr + H,O 
6NaOH (hot and conc) + 3Br, —> 5NaBr + NaBrO, 


+ 3H,0 
3NaOH +P, + 3H,O _4 , 3NaH,PO, + PH, (Phosphine) 
6NaOH + 4S ee 2Na,S_ + Na,S,O, + 3H,0; 
Sodium 


Sodium 
sulphide 


thiosulphate 
Si 


+ 2NaOH + HO —, Na,SiO, + 2H, 


also used in the preparation of Cl,, 


Mercury and asbestos used in other methods are neither 


j 
. é ) 
6. Reaction with ammonium salts: It reacts with ammon; f 
salts to give off ammonia. Onium 
NH,Cl + NaOH —> NH,? + NaCl + H,O 
(NH,), SO, + 2NaOH —> Na,SO, + 2NH 


i) 
7. Reaction with metals: It reacts with metals 


Such as Cy Fe 
Ag ete. It also reacts with metals such as Sn, Alize. wih f 
Cc 4 


are amphoteric (to form amphoteric Oxides). 
Zn + 2NaOH —> Na,ZnO, + Ht 

Sodium zincate 
2Al + 2NaOH + 2H,O0 —> 2NaAlO, + 3H,7 

Sodium meta aluminate 

Sn + 2NaOH —> Na,SnO, + H, 7 

Sodium stannite 
Sn + 2NaOH + H,O —> Na SnO, + 2H, 


(excess) (Sodium stannate) 


8. Reaction with salts: NaOH dissolves acidic or am 
salts (oxides). 


CO, + 2NaOH —> Na,CO, + H,O 
Al,O, + 2NaOH —> 2NaAlO, + H,O 
a. It forms metallic hydroxides. 
FeCl, + 3NaOH —> Fe( OH), + 3NaCl 
Similar reaction occurs with CuSO 4 FeSO, and MnSO.. 


b. When hydroxides are unstable. the oxides are 
precipitated. 


HgCl, + 2NaOH —> Hg(OH), + 2NaCl 


Hg (OH), — HgO} + H,O 
Yellow ppt 


photeric 


2AgNO, + 2NaOH —> Ag,OV + 2NaNO, + H.O 
Brown ppt 

With salts of amphoteric metals such as Pb, Sn. As. Sb. 

Al, Zn, first hydroxide is formed. In excess of NaOH. 

hydroxide dissolves. 

Pb (NO,), + 2NaOH —> Pb(OH), + 2NaNO, 

Pb (OH), + 2NaOH —> Na, PbO, + 2H,O 

Similar reaction occurs with SnCl,, Al,(SO,), and 

ZnSO, 

With Hg3* (mercurous) and Hg” (mercuric). the 

precipitate of their oxides are formed. 

Hg,(NO,), + 2NaQH —> 2NaNO, + H,O + Hg,0 

Hg(NO,), + 2NaOH —> 2NaNO, + H,O + Hg0¥ 

Uses: , 
I. In manufacture of soap, paper and viscose rayon (artificial 

silk), 

2. In manufacture of organic dye stuffs. 

3. As laboratory reagent. 

4. In petroleum industry for refining. 

5. In the preparation of pure fats and oils. 

6. In the purification of bauxite. 


7. In textile industry for mercarising cotton fabrics. 


YY 
-pandard solution of NaOH cannot be prepared by direct 
why? = H 
veighing cold NaO 
R NaOH is deliquescent and reacts with atmospheric CO, 


i af Na,CO}; thus NaOH is not pure but contains impurity of 
0 


al 3 


a SODIUM CHLORIDE (NaCl) 


‘on: The most abundant source of sodium chloride 

| preparation: _9 90 

a water Which contains 2.7-2.9% by mass of the salt. In 

i pr countries, like India, common salt is generally obtained 
a oration of sea water: In India, approximately 50 lakh tons 
ne produced annually by solar evaporation. 

Crude sodium chloride obtained by crystallisation of brine 
| olution contains sodium sulphate (Na,SO,), calcium sulphate 
à ca80,). calcium chloride (CaCl,) and magnesium chloride 
\|oCl,) as impurities. CaCl, and MgCl, are deliquescent (absorb 
noisture easily from the atmosphere), therefore impure common 
alt gets wet in rainy season. 

To obtain pure sodium chloride, the crude salt is dissolved 
n minimum amount of water and filtered to remove insoluble 
impurities. The solution is then saturated with hydrogen chloride 
(HCl) gas. Crystals of pure sodium chloride separate out, whereas 
calcium chloride and magnesium chloride being more soluble 
remain in the solution. The remaining solution or wash liquid is 
| known as bittern. It contains in concentrated form of the calcium 
ad magnesium chlorides, bromides, iodides and other chemicals 
onginally present in brine. It is a commercial source of magnesium 
‘ompounds—magnesium sulphate (Epsom salt), MgCl, and MgBr,. 
Properties: 

1. Sodium chloride is colourless, crystalline substance (cubic 

H. crystals) with melting point 1081K. 

2. Sodium chloride has a solubility of 36.0 g in 100 g of water 
at273 K. However, the solubility does not vary appreciably 
with rise or fall of temperature. 

¿| > At a temperature of 273-252 K, it exists as a dihydrate, 

| NaCl-2H,0. 

4. NaCl is not hygroscopic, but ordinary salt is slightly 
hygroscopic due to traces of magnesium and calcium 
chloride present in it. 

í | 5. On heating with conc H,SO,, NaCl produces HCI. 

NaCl + H,SO, —> Na,SO, + HC! 
6. On heating with conc H „SO, and MnO,, NaCl produces 


i CL, 2NaCl + 2H,SO, + MnO, —> Na,SO, + MnS0, 
+2H,0 + Cl, 


} saan | J 

me — 

rv 
nk . 


Uses: 


L. It is used as a common salt or table salt for domestic 
Purposes. . 
. . f 
2. It is used as a preservative, e.g. in packing and curing © 
meat and fish. 
. - O,, 
3. Itis used as a starting material in the preparation of Na,O, 
NaOH, Na,CO, etc. 
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4.10.5 SODIUM HYDROGEN CARBONATE (NaHCO,) 


Statement: Sodium hydrogen carbonate or sodium bicarbonate 
is also known as baking soda. 

Explanation: Sodium hydrogen carbonate on heating decomposes 
to give bubbles of carbon dioxide (CO,) (leaving holes in cakes, 
pastries etc. and makes them light and fluffy). 


2NaHCO, —-3> Na,CO, + CO,Î + H,O 


Preparation: Sodium hydrogen carbonate (NaH CO,) is prepared 
by saturating a solution of sodium carbonate (Na,CO,) with 
carbon dioxide (CO,). Sodium hydrogen carbonate being sparingly 
soluble in water, gets separated out as white crystalline powder. It 
is washed with cold water and dried in air. 


Na,CO, + CO, + H,O —> 2NaHCO, 
Properties: 
1. White crystalline powder, sparingly soluble in water. 
2. Solution of sodium hydrogen carbonate is alkaline. 


3 
HCO} +H,O = H,CO; + OH 


Or NaHCO, + H,O = H,CO, + NaOH 
3. NaHCO, decomposes at 375 K to give carbon dioxide 


NaHCO, —2" 5 Na,CO, + CO, + H,O 
4. Itis amphi-protic 


HCO; +H? —> H,CO, (Proton acceptor) 


HCO$ — H? + COF- (Proton donor) 


5. With metal salts, is forms corresponding carbonate. 

ZnSO, + 2 NaHCO, —> ZnCO, + Na,SO, + H,O + CO, 
Uses: 

1. It is used in the preparation of baking powder. Baking 
powder is a mixture of NaHCO, (30%), starch (40%), 
calcium dihydrogen phosphate [Ca(H, PO,),] (10%) 
and sodium aluminum sulphate, [NaAl(SO,),] (20%). 
The Ca(H,PO,), is acidic and when moistened it reacts 
with NaHCO,, giving CO,. Starch is used as a filler 
[NaAl (SO,),] to slow down the reaction so that CO, is 
given off more slowly. 


; In medicines, used as an antacid, as it neutralises the acidity 
in the stomach. 
- It is used in fire extinguishers to produce CO,. 
NaHCO, + HCI — NaC! + CO,t + H,O 
4. Itis used as a mild antiseptic for skin infections. 
4.10.6 SODIUM CARBONATE (Na,CO,-10H,O) 


Com . : 
mon name: Washing soda or sal soda 


Other forms of sodium carbonate: 


Na, CO 


on E Anhydrous Soda-ash or soda 
A o ù 20 Monohydrate Crystal carbonate 
bia 3 Sig Heptahydrate 

ration: Solvay a ; . i : 
manufactured on ing a mmonia process: Sodium carbonate is 


; trial scale by Sol 
, d ice). rocess h y Solvay ammonia process. The 
A 4. Itis used as a freezing mixture (mixture of NaCl an A À as been named after the belgian chemist, Ernest Solv- 
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Principle: It is based on the formation of sparingly soluble sodium 
hydrogen carbonate (NaHCO,) when CO, is passed through brine 
solution (sodium chloride solution) saturated with ammonia. 
NaHCO, is finally calcined to form sodium carbonate (Na,CO,). 
Procedure: When CO, is passed through brine (sodium 


chloride solution) saturated with ammonia, sodium bicarbonate 
(NaHCO,) is formed. 


NH, + H,O —>+ NH,OH = NH? +°OH 
CO, + H,O —> H,CO, = H® + HCO? 
NH, + CO, + 2H,0 —> NH,HCO, + H,O 
or NH, + CO, + H,O —> NH,HCO, 
NH,HCO, + NaCl —> NaHCO,\ + NH,CI 


Ammonium chloride remains in solution, whereas sodium 
hydrogen carbonate, which is not very soluble in the presence of 
NaCl (due to common ion effect) is filtered and heated/calcined 
to produce sodium carbonate. 

2NaHCO, —> Na,CO, + H,O + CO, 

The sodium carbonate obtained in this way is contaminated 
with ammonium salts. It is purified by blowing carbon dioxide 
through its aqueous solution. The sodium hydrogen carbonate 
formed in this way is filtered and heated to give pure sodium 
carbonate. Recrystallisation from water produces washing soda 
(Na, CO,-10H,0). 

Na,CO, + CO, + H,O —> 2NaHCO, 

2NaHCO, —> Na,CO, + CO, + H,O 
Function of ammonia: 

CO, is slighty soluble in water. 

CoO +tHEOS H,CO, 

H,CO, = H? + HCO$ 

As a result, concentration of H,CO, is low. Further, because 
H,CO, is a weak acid, it gets feebly ionised and thus the 
concentration of HCO} is low. 

To shift the equilibrium in the forward direction, when a base 
such as NH, is added, it combines with H® to form NHÊ ions. 

NH, + H? —> NHẸ 

Thus, the function of NH, is to produce a sufficient amount of 

HCO; ions which enable sparingly soluble NaHCO, to precipitate 


out. 
Various steps involved in the Solvay—ammonia process are as 
follows: 

1. Saturation of brine with ammonia: Saturation of brine 
(NaCl solution) is done in ammonia absorber (Fig. 4.10). 
Ammonia from ammonia generator is bubbled through the 
brine solution and this then rises up the absorption tower 
down which a stream of brine flows over perforated shelves. 
The ammoniacal brine so produced is allowed to stand for 
sometime so that hydroxides of calcium, magnesium etc. 
settle down. The clear liquid is cooled thoroughly and then 
it goes into carbonation tower. 


2 NH, + CO, + H,O —> (NH,), CO, 
MgCl, + (NH,), CO, —> MgCO,J + NH,CI 
MgCl, + 2NH,OH —> Mg(OH),¥ + 2NH,Cl 


Lime klin Corbonation 


Ammonia 
absorber 
Brine 


Ammonia 
generator 


NH, 


Steam 


Fig. 4.10 Solvay’s ammonia process for the manu 
sodium carbonate 


facture of 


2. Carbonation: Carbonation tower consists of a number J 
compound diaphragms, each made up of horizontaj iton 
plate with a hole in the centre and over this a curved plate 
perforated all over and deeply cut into grooves around the 
circumference is placed. CO, rises up from the base Of the 
tower and is brought in contact with ammoniated brine x 
each compound diaphragm. The NaHCO,, thus formed i 
sparingly soluble in brine and therefore Separates out. 
NH, + CO, + H,O —> NH,HCO, 

NH,HCO, + NaCl —> Na HCO, + NH,CI 

3. Filtration: The thick liquid obtained from the carbonation 
tower is passed through a rotary vacuum filter and NaHCO, 
left behind on the filter cloth is scraped off from time to time. 

4. Calcination: The NaHCO, obtained above is ignited in 
specially constructed cylindrical vessels and C O, produced 
is collected and reused. 

2 NaHCO, —*— Na,CO, + H,O + CO, 
5. Ammonia recovery: The mother liquor containing NH,C! 


flows down the ammonia recovery tower where it is heated 
with slaked lime, Ca(OH), 


NH,CI + Ca(OH), —* CaCl, + 2NH, + 2H,0 
Ammonia, thus is set free, goes to the ammonia absorber noe 
Slaked lime, required in ammonia recovery process, = 
CO,, required in carbonation process, are obtained 3 
follows : 
CaCO, —™ CaO +O, 
CaO + H,O —> Ca(OH), 
The Solvay process is very economical because, except 7 
NaCl and CaCO,, other raw materials used in the process are" 
consumed. Thus: se 
I. Quicklime and ammonia formed are reacted to pro p 
ammonia, so that apart from making up of small losses: 
additional ammonia is required. 
2. Carbon dioxide formed is reintroduced into the ot ; 
3. NaCl and CaCO, are cheap materials, calcium € scale 
is obtained as a by-product which finds no large 
industrial applications. _— 
Thus the process is self-contained (shown in F! 
economical and continuous. 


1); 
g. 4.11) 
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| 
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2 NH,Cl + Ca(OH), 


Fig. & 11 Flow diagram for Solvay-ammonia process 


properties: 


1. 


~~ 


tas 


nN 


—I 


- Reaction with silica; When mix 


Sodium carbonate is a white crystalline solid and exists as 
secahydrate, i.e. Na,CO,"10H,0. 

Reaction with water: It is readily soluble in water with the 
evolution of considerable amount of heat. Na,CO, being 
3 salt of a strong base (NaOH) and a weak acid (H,CO,), 
when dissolved in water undergoes hydrolysis to form an 
alkaline solution. 

Na,CO,; + 2H,0 —> HCO, + 2NaOH 


x CO?” +H,O —> HCO,° + 20H 


_ Action of heat: On heating (below 375 K), it loses water of 


crystallisation to form monohydrate (N a,CO,H,0). Above 
375 K. monohydrate changes to amorphous white powder 
known as soda ash. 


N2CO,10H,0 —@"* 4 Na,CO,H,0 + 9H,0 


7 375K 
NaCO, H,O <> Na,CO, + H,O 
Soda ash or 
anhydrous 


sodium carbonate 


. Reaction with acids: It react with dilute mineral acids 


producing effervescence due to evolution of CO, gas. 
Na CO, + 2HC] —> 2NaCl + H,O + co,t 
Or CO? + 214% —+H,0 + CO,T 


. Reaction with metal salts: With metal salts, it forms normal 


or basic carbonate or hydroxide. 
Na,CO, + CaCl, —> CaCO, t 2NaC] 
r < 1 O O Pi 2 OH). 
2Na,CO, + 2MeCl, + H,O —> MgCO; MgO) 
aA BX15 2 | ANaCl + CO, 


3 NaCO, + Fe,(SO,); — Fes (CO,), + 3Na,504 


- Reaction with CO,: On passing CO, through cone solution 


of Na,CO,, NaHCO, gets precipitated. 
Na,CO, + CO, + H,O —> 2NaHOOs - 
Sa ture of Na,CO, and silica 


(SiO,) is fused, sodium silicate is formed. 


Na,CO, + SiO, —> Na,SiO, + CO» 1 FD 
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Sodium silicate is also known as water glass or soluble 
glass as it is soluble in water. 


8. When aqueous solution of Na,CO, containing sulphur is 
treated with sulphur dioxide, sodium thiosulphate is formed. 
Na,CO, + SO, + H,O —> Na,SO, + CO,Î 

Sodium sulphite 
Na, SO, + S —> Na,S,0, 
Sodium thiosulphate 


Uses: 


1. It is used in the manufacture of glass, water glass, caustic 
soda and borax. 


2. It is used for softening of hard water, as carbonates of 
magnesuim and calcium are water insoluble. 


CO}; + Mg** —> MgCO} 
CO} + Ca” — CaCO} 

3. Itis used in laundry as washing soda because on hydrolysis, 
it gives NaOH (an alkali). 

4. It is used in paper, paints and textile industry. 


5. It is used as an important laboratory reagent both in 
qualitative and quantitative analysis. 


Why potassium carbonate (K,CO,) cannot be prepared by 


Solvay—ammonia process? 


Bae 


Sol. Potassium carbonate cannot be prepared by Solvay— 
ammonia process because KHCO, is highly soluble in water. 
Thus, when CO, is passed through ammoniated solution of KCl. 
KHCO, does not get precipitated and hence cannot be separated. 


a 


4.10.7 SODIUM SULPHATE (Na,SO,,) 
Common name: Salt cake 
Other forms of sodium sulphate: 


Na S0, 10H,O Decahydrate Glauber’s salt 
Na,S50,47H,0 Heptahydrate 
Preparation: 


1. The anhydrous salt, known as salt cake, is prepared on the 
industrial scale by heating strongly sodium chloride with 
conc. sulphuric acid. 

NaCl + H SO, —> NaHSO, + HCI T 
NaHSO, + NaCl —> Na,SO, + HCI T 

: i aqueous solution of Na,SO, is cooled below 32°C, 

ilauber’s salt Na,SO,-10H,O separates out. However, if 


cooling is done below 12°C, Na,SO,-7H,O crystals are 
formed, SS 
Properties: 
It is a colourless crystalline salt. 
io Na,SO + 10H,O effloresces forming anhydrous 


Dry air 


Na SO,- 
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Uses: 
1. It is used in glass and paper industry. 
2. In making ultramarines. 
3. In medicines as purgative. 


4.10.8 Microcosmic SALT [Na(NH,)HPO,] 


Preparation: It is prepared by dissolving ammonium chloride 
and disodium hydrogen phosphate in hot water. On cooling, the 
crystals of salt separate out. 
NH, Cl + Na,HPO, —> Na(NH,)HPO, + NaCl 
Properties: 

1. Itis a colourless crystalline solid, sparingly soluble in water. 


2. On heating it forms metaphosphate, a glassy mass. 
Hence. it can also be used as borax, in bead test known as 


microcosmic bead test. 
Na(NH,)HPO, —> NH, + H,O + NaPO, 
(Metaphosphate, glassy bead) 


CuO + NaPO, —> CuNaPO, 
(Orthophosphate, blue bead) 


Uses: It is used for testing silica with which a cloudy bead 
containing floating property of silica is obtained. 


4.11 SOME IMPORTANT COMPOUNDS 
OF POTASSIUM (K) 


4.11.1 POTASSIUM PEROXIDE (K,O,) 


Preparation: Controlled oxidation of potassium in excess air or 
oxygen at 300°C gives mainly K,O,. 


2K +0, —“* KO, 


Properties: It gives H,O, when dissolved in water. 
K,O, + 2H,O —> 2KOH + H,O, 


4.11.2 POTASSIUM SUPEROXIDE (KO, ) 
Preparation: 
1. It is prepared by burning potassium in excess of oxygen or 
air free from moisture. 
K + O, —> KO, 
2. It is prepared by prolonged action of oxygen on a solution 
of the metal] in liquid ammonia. 


K —3™5 .K,0, —2+4K,0,—24 KO, 


(Blue) 02 (White) (Red) (Deep yellow) 
3. It is obtained by reacting dry potassium hydroxide with 
ozone. 
2KOH + O, —> 3KO, +H,O 
Properties: 


1. It is an orange yellow solid which melts at high temperature 
to give a dark oily liquid. 

2. It is paramagnetic due to one unpaired electron. Hence, its 
structure may be represented as K®[O-O]”. 

3. It behaves as a very powerful oxidising agent. It reacts with 

- water to give an alkaline solution containing H,O,,. 


ee 
2KO, + 2H,O —> 2KOH + H,O, + O, 


4. On heating, it reacts with CO and CO,, to give Bataie 
carbonate and oxygen. Sium 


2KO, + CO —^> K,CO,+0, 


2KO, + CO, 


A 3 
> K,CO, + J O, 
5. On heating with sulphur, it forms potassium sulphate 


2KO, +S —^> K,SO, 


1. As an oxidising agent. 


2. As air purifier in space capsules, submarines and breathing 
masks as both produce oxygen and remove carbon dioxide 


4.11.3 POTASSIUM HYDROXIDE (KOH) 
Common name: Caustic potash 
Preparation: 

1. It can be obtained by boiling a solution of potassium 
carbonate with calcium hydroxide, leading to a double- 
decomposition reaction (metathesis reaction) which 
causes calcium carbonate to precipitate, leaving potassium 
hydroxide in solution. 

Ca (OH), + K,CO, —> CaCO, } + 2KOH 

2. It can also be manufactured by the electrolysis of KCI 
solution (similar to preparation of NaCl). 

At cathode: 2K®° +2H,O + 2e° —> H, + 2KOH 
At anode: 2 CIS —> CL + 27 
Properties: 

1. The properties are similar to those of NaOH. 

2. Alcoholic caustic potash is a useful reagent in organic 
chemistry. 
C,H,Br + KOH 

Uses: 

1. Alcoholic potash is used as a reagent in organic chemisty. 

2. KOH is used as an absorbent for CO,, for which purpose it 
is preferred over NaOH, since after absorption of C O.. the 
KHCO, formed is soluble whereas NaHCO, being sparingly 
soluble separates out and chokes the CO, absorption bulbs. 


Qi > CH,= CH, + KBr + H,O 


3. In the meanfuacture of soft soap. 
4. As a drying agent for basic gases, since it is extremely 
deliquescent. 


5. In the Ni—-Fe storage cell. 


4.11.4 POTASSIUM CARBONATE (K,CO,) 
Common name: Potash or pearl ash 
Preparation: 
l. It is made by extracting wood with water, filtering. 
evaporating to dryness followed by strong heating. 
2. It can be made by heating potassium nitrate with ¢ 


extracting the calcined mass with water followed by 
filtration and evaporation. 


arbon, 


as OO, + 3CO, + 2N, a. 


0 i 
K~ F precht’s process (or magnesia process) involves 
' in between KCI solution and solid hydrated 


pa l ` in t 
rer jum carbonate, MgC0O,:3H,0 in the presence of 
magne” 


ingcos3H01 +2KCI+CO, —B*, 
2{MgCO,KHCO,-4H,0] + MgCl, 


i insoluble hydrated carbonate-bicarbonate double 
alt erystallising out is separated and decomposed either 
i heating (at 410 K) water under pressure or by a cold 


+ 9H,0 + CO, 
yMgC0,KHCO,4H,0] + MgO —> 3[MgCO,3H,0] 
+K,CO, 
The MgCO, precipitated is filtered off and used again while 
the filtrate is evaporated to yield K,CO,. 
4, Potassium carbonate is also commercially made by the 
carbonation of caustic potash. 
2KOH + CO, — K,CO, + H,O 


qar 


A recent process known as the thermite process or 
Goldschmidt process uses a mixture of K,SO, and milk of 
lime in the presence of CO, at 220°C and 30 atm pressure. 
K,$0,+ Ca(OH), + 2CO, —> 2HCOOK + CaSO,} + O, 
The precipitated CaSO, is filtered off. The filtrate containing 
potassium formate is evaporated to dryness and calcined. 
2HCOOK + O, —> K,CO, + H,O + CO, 

Properties: 


L It is white, deliquescent solid, which is highly soluble in 
Water. 


2. Its properties resemble closely those of Na,CO,. 

3. On heating to redness in steam, it gives off CO; 
K,CO, + H,O —> 2KOH + CO, 

4. Hot concentrated solution of K,CO, in water at 280-300 K, 
deposit crystals of trihydrate, K,CO,3H,0. 


K 400K 
K,CO, -3H,0 —“*— K,CO; :H,0 ——, K,CO, 
Triliydrate Monohydrate Anhydrous 


Trihydrate K,CO,3H,0 loses two water molecules at 
370 K to form monohydrate K,CO,"H,0, which becomes 
anhydrous at 400 K. 

Uses; 


L. In the manufacture of hard glass and soft soap. 


j ixture. 
2. Mixed with Na,CO,, it forms fusion mixture 


j mpounds. 
3. For the preparation of other potassium comp 5 


4. As a drying agent for certain neutral and basic organic 


compounds. 
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4.11.5 Potassium OXIDE (K,O) 


Preparation: 


I. It is prepared by heating KNO, or KO, with potassium. 
2KNO, + 10K — 6K,0 + N, 
KO, + 3K —> 2K,0 

2. Itmay be obtained by oxidising potassium in a limited supply 
of oxygen or air, 


4K +0, — 2K,0 


Properties: A light yellow solid, resembling NaO in its chemical 
properties. Thus it dissolves in water forming potassium hydroxide. 


K,O + H,O —> 2KOH 


4.11.6 Potassium CHLORIDE (KCI) 

It occurs in Stassfurt deposits as carnallite: KCIl-MgCl,'6H,O and 
sylvines: KCI. 

Preparation: 


1. Stassfurt deposits containing carnallite are dug out, grounded 
and extracted with hot 20% MgCl, solution. In this solution, 
KCI dissolves but NaCl and MgSO, remain insoluble. By 
filtration and crystallisation, KCl is obtained leaving MgCl, 
in the mother liquor. A second crop of crystals obtained by 
further concentration of the mother liquor yields a low grade 
variety of KCI. The mother liquor now left over is recycled. 

2. Sylvine is chiefly KCI plus some NaCl. It is dissolved in 


boiling water and crystallised to yield crystals of KCl. NaCl 
is left behind in the mother liquor. 


Properties: 
1. KClis a colourless, crystalline solid, highly soluble in water. 
2. Its chemical properties resemble NaCl. 

Uses: 
1. As a fertiliser. 


2. In the preparation of certain potassium compounds. 


4.11.7 POTASSIUM SULPHATE [K2SOq] 


Preparation: 
1. It occurs in Stassfurt potash deposits as schonite: 
K,SO yMeCl,6H,0 and as kainite: 
K SO, MgSO; MgCl,-6H,O. A hot saturated solution 
is cooled to obtain a double sulphate of potassium 
and magnesium. This is treated with KCI solution and 
concentrated to obtain sparingly soluble crystalline K,SO,. 
2. K,SO, may also be prepared by the reactions. 
2KCI+H,SO,—> K,SO, + 2HCI 
2KOH + H,SO, —> K,SO, + 2H,O 
Properties: 
l. It is a colourless crystalline substance. Unlike Na SO, 10H,0, 
it does not form a hydrate. 
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O, It forms 
24H,0. 


2. Its chemical properties are similar to those of Na,S 
double salts known as alums, e.g. K,SO,°AL(SO,) 


Uses: For making hard glass, potash alum and as fertiliser. 


4.11.8 POTASSIUM BICARBONATE (KHCO,) 


Preparation: It is prepared by saturating cold, concentrated 


K,CO, solution by CO, followed by crystallisation. 
K,CO, + H,O + CO, —> 2KHCO, 


Properties: Its chemical properties are similar to those of 


NaHCO, On heating. it decomposes to yield K,CO,. 


2KHCO ——> K,CO, + H,O + CO; 


ALUMS 

When a mixture of potassium sulphate and aluminium sulphate 
is dissolved in concentrated water, a double salt separates 
out in the form of crystals. The composition of this double 
salt corresponds to the formula K,SO,-Al,(SO,);:24H,0. 
This is known as potash alum. Such double sulphates having 
general formula R,SO,,M(SO 4)3'24H,0 are called alums. ‘R’ 
corresponds to monovalent cation Na, K and M is trivalent 
cation such as Al, Fe, Cr. 


Examples: 
K,SO,-Al,(SO,),24H,O0 Potash alum (common alum) 
K,SO 4 Cr (SO 4)324H,0O Chrome alum 
(NH,,),SO,-Fe,(SO,),-24H,O F erric ammonium alum 
K SO; Mn, (S0,);24H,0 Manganic alum 


1. When alum contains aluminum as trivalent cation, then 
it is named after monovalent cation. For example, potash 
alum K,SO,-AL,(SO,),-24H,O. 

2. When trivalent cation is not aluminium, then alum is 
named after both, e.g. (NH,),SO,'Fe,(SO,),°24H,O is 
called ferric ammonium alum. 

Preparation: Alums are generally prepared by mixing the 
component sulphates in equimolar proportion in hot aqueous 
solution and allowing the double sulphate to crystallise. 
Properties: Alums are isomorphous, i.e. any two different 
alums have the same crystalline form. Two different alums can 
be mixed in solution and form mixed crystals. The crystal of 


one alum can ‘grow’ in a saturated solution of the first. Crystals 
of alums are octahedral. 


4.11.9 POTASH ALUM [K,SO,Al,(SO,),-24H,0] 
Preparation: This is made on a large scale from the mineral, 
alunite or alumstone K,S0,°Al,(SO,),4Al(OH),. This mineral 
is heated and dissolved in H,SO,. Further, the calculated amount 
of K,SO, is added and then alum is crystallised. 

Alternatively, powdered bauxite may be treated with H.SO.. 
Any ferric sulphate present is reduced to ferrous ion by BaS. After 
filtration, a calculated quantity of K,SO, is added and the solution 
is crystallised. 


As a third method, one may mention the roasting of alum shal 
(aluminium silicate) containing FeS, (iron pyrites) as impurity 
The roasted mass is extracted with water; the correct amount f 
KCI is added to the filtered extract and crystallised. j 
2FeS, + 70, + 2H,O —> 2FeSO, + 2H,SO, 

A1,0,xSiO, + 3H,SO, —> A1,(SO,), + 3H,0 + xSiO, 
(From oxidation of pyrites) 
K,SO, + Al,(SO,), + 24H,0 —> K,SO,Al,(SO,),-24H,0 
Crystals of alum 
Properties: 
1. Alum forms colourless crystals with an astringent taste. 
2. Its solution is acidic due to hydrolysis. 
3. On heating it dissolves in its own water of crystallisation 
but at a higher temperature it loses all its water and forms 
a white porous mass known as burnt alum. At very high 
temperatures, it gives aluminium oxide. 


Uses: 
1. As a mordant in dyeing. 
2. In the purification of water. 
3. In the paper industry. 
4. In the tanning industry. 


a. Name the alkali metals which form superoxides on heating 
in excess of air. 

b. Name the alkali metal which floats on water without any 

-= apparent reaction with it. 

c. Name the main factor which is responsible for the anomalous 
behaviour of lithium. 

d. What is the general name for element of group 1? 

Give the name of the alkali metal which is radioactive. 

f. Name the alkali metal which shows diagonal relationship 
with magnesium. T 

g. Name the alkali metal which acts as the strongest reducing 
agent in aqueous solution. 


a. K, Rb and Cs b. Lithium 
c. Similarity in charge/radius ratio 

d. Alkali metals e. Francium 
f. Lithium g. Lithium 


Explain why: 
a. Lithium on being heated in air mainly forms the monoxide 
and not peroxide., 
b. An aqueous solution of sodium carbonate gives alkaline test. 
a. Li” ion is os ; . [ler 
_ fons very small in size. It is stabilised more by sma’ 
anion, 1.e. Oxide ion (075 as compared to peroxide 100 
2— 
(07). 
b. An aqueous solution of sodium carbonate gives alkaline 
test : 
s because Na,CO, undergoes hydrolysis. 


4 
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a s 4. HO —> NaHCO, + NaOH x=+] 

3 ” . e 
Ne Thus, oxidation state of Cs in CsO, is +1. 


Starting with sodium chloride how would you proceed to 


istry of lithium is very much similar to that of prepare (a) sodium metal, (b) sodium hydroxide and (c) sodium 
pos eve though they are placed in different groups. peroxide? 
snes! 
pE, 
a o radius of lithi Sol. 
rhe ratio of charge to ji nan rata and magnesium a. Sodium metal is manufactured by electrolysis of a fused 
a y the Same, hence they have similar chemistry and show mixture of NaCI (40%) and CaCl, (60%) in Down’s cell at 


geal . : i . : 
gl relationship. 873 K using iron cathode and graphite anode. Na 1s liberated 


at the cathode while Cl is evolved at the anode. 
At cathode: Nay, elt) +e —» Nay) 


A HO? HCO; + °OH 
(Y3 : 


ge reason: At anode: 2C17,_ emn — Chig + 2e” 

~ is added to NaCl in the electrolytic manufacture of melt) g) 

d i a x oe ii. Sodium hydroxide is manufactured by electrolysis of an 
sodium. l a o 
įnagueous solution of iodine becomes colourless, on adding aqueous solution of NaCl (brine) in Castner—Kellner epN 

2 cess of sodium hydroxide using the mercury cathode and the carbon anode. Sodium 
ex . 


which is discharged at the cathode combines with mercury 
to form sodium amalgam. Cl, gas is evolved at the anode. 
, Pure sodium chloride melts at about 800°C. At this At cathode: Na” + e° —> Na 
temperature, both sodium and chlorine (products of Sodium 
electrolysis) are corrosive in nature. Sodium also forms 
metallic fog at this temperature. To remove these problems, 
the fusion temperature is reduced to 600°C by adding CaCl,. 
b. Sodium reacts with NaOH forming colourless compounds. 
Thus the colour of iodine disappears on adding NaOH. 
NaOH +I, —> Nal + NalO+ H,O 


Sodium Sodium 


2 Na+ x Hg — Na Hg, 
Sodium amalgam 
Atanode: 2Cl° —> Cl, +2e- 
The sodium amalgam thus obtained is treated with water to 
form sodium hydroxide and hydrogen gas. 
Na Hg, + 2H,O, —> 2NaOH + xHg + H, 


iodide hypoiodite c. Sodium peroxide is obtained by heating sodium in excess 
Colourless products of air. The initially formed sodium oxide reacts with more 
O, to form Na,O,. 
Dion 4.26 4 Na + O, —> 2 Na O 
i 4 Na,O + O, —> 2 Na O, 
Wiat is the oxidation state of Cs in E 
4050, b.Cs,O c. CsO, LUSTRATION 
So, What happens when: 

4 Let the oxidation state of Cs in Cs,0, is x. Since Cs,O, a. Hot and concentrated NaOH solution reacts with L. 
contains a peroxide linkage (o7), the oxidation state of b. White phosphorus is heated with caustic soda. 
aeai aet: therefore c. Excess aleAustio soda reacts with zine sulphate solution. 

ee, d. Exgoss of caustic soda is added to AIC}, solution., 
> y=4] e. Sodium is heated strongly in oxygen and the product is 


l an treated with H,SO 4 
Thus the oxidation state of Cs in Cs,0, is +], 


b. Let the oxidation state of Cs in Cs,0 is ‘x’. Since Cs,0 Sol. 


contains O% ion, the oxidation state of oxide ion is —2., a. Aiari +L —> Nal + NalO + H,O 
> otan 
M Wn apne +] cone solution 
. is + 1. i y 
Thus, the oxidation state of Cs 1n Cs,0 fl ‘y?, Since CsO i Viin dardin a ü Mage 
(A Let the oxidation state of Cs in CsO, IS X.a 2 phosphorous hypophosphite osphine 


9 ‘dation state of 
Contains superoxide ion (05 ) , the oxidatl 


c. 2NaOH + ZnSO, — Na,SO, Ae Zn(OH), 
Superoxide ion (03) is —1. Therefore, S 


odium Zinc 
Sulphate hydroxide 


sisi d. 2NaOH + AlCl, ay —> Al (OH), + 3NaCl 
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8. The Haber process can be represented as follows 


e. Na +O, ae Na,O, (Sodium peroxide) NaHCO 
i Sodium Hydrogen NH. + H.O 2 
sulphate peroxide 3 2 
re 
A) 


4.12 BIOLOGICAL IMPORTANCE OF NH, + H,O O< o Jaci 
SODIUM AND POTASSIUM NaHCO, 


9, Why does the reaction 


A typical 70 kg human being contains about 90 g of sodium (Na) SC-Cl+MF—> >C- F+ MCI 

and 170 g of potassium (K) as compared to 5 g of iron (Fe) and proceed better with KF than with NaF? 

0.06 g of copper (Cu). 10. Why lithium is kept wrapped in paraffin wax and not stored 
The pair of major elements Na®-K®° are so similar inikerosene oil? 

chemically that it is surprising that they differ so greatly in their 11. Which alkali metal ion has maximum polarising power and 

biological functions. While Na® ions are found primarily outside why? 

the cells in blood plasma and other interstitial fluids, K® ions are 12. Why caesium can be used in photoelectric cell, while 

found inside the cells. Sodium ions participate in the transmission lithium cannot be? | 

of nerve signals, in regulating the flow of water across cell 13. Give reason for the decreasing order o f the conductivity 

membranes and in the transport of sugars and amino acids into apie following. 

cells. Potassium ions activate many enzymes, participate in the C > Rb® S K? >Na® > Li? 

oxidation of glucose to produce ATP (adenosine triphosphate) and (aq) (aq) (aq) &p oD 

along with sodium ions helps in the transmission of nerve signals. 14, NaHCO, and NaOH cannot exist together in solution. Why? 


There is a large difference in the concentration of sodium and i ee expos ‘o NN e — - 
potassium ions found on the opposite sides of the cell membrane. atter sometime 1C cs sie ii = om 
16. Alkali metals are obtained by the electrolysis of the molten 


As an example, Na® ions are present to the extent of 143 mmol j i 
L™ in blood plasma, whereas concentration of K® ions is only | salts and not by the electrolysis of their aqueous solutions. 


5 mmol L! in RBC (red blood cells). These concentrations change to Give reason. 


10 mmol L (Na®) and 105 mmol L” K”. These ionic gradients 17. What happens when: 

known as sodium potassium (Na-K) pump operate across the cell a. Potassium metal is dropped in water 

membranes that consumes more than one-third of the ATP used b. Potassium is heated in free supply of air 

by a resting animal and about 15 kg per 24 hours in a resting c. Potassium superoxide is dissolved in water 

human being. i 18. How sodium carbonate is manufactured by the Solvay 


process? State the principles involved. 


CONCEPT APPLICATION EXERCISE 4.1 sy 19. a. Describe one method of manufacture of caustic soda. 


b. What happens when caustic soda reacts with 


. Write three general characteristics of the s-block of the 


periodic table which distinguish them from the elements i Al metal ii. CO, iii. SiO, 
of other blocks. c. Describe four industrial uses of caustic soda. 
2. The alkali metals follow the noble gases in their atomic 20. Answer the following: 
structure. What properties of these metals can be predicted a. Which ofthe following has density greater than water? 
from this information. i j E | 
erie Li, Na, K, Cs. 
| } y k pamm tpfa! kept unag kerosene oil? b. Arrange K, Li, Rb in order of increasing electrode 
4. When is a cation highly polarising? Which alkali metal potential. 
cation has ae highest polarising power? c. Arrange Na, Li, K and Cs in increasing order of metallic 
5. Why superoxides of alkali metals are paramagnetic? bond. | 
6. Alkali metals are paramagnetic but their salts are d. Which among Na, K, Cs and Li forms stable hydride? 
diamagnetic. Explain. e. On reacting with oxygen, potassium can form K,0, 
7. Give reasons for the following: KO, and K,O,,. Is it correct? 
a. LiCl is more covalent than KCI. f. Give the name of the hardest alkali metal. 
b. Lil has lower melting point than LiF. ` g. Arrange the following in order of increasing polarising 
c. During electrolysis of molten sodium chloride, calcium DUN 
chloride and potassium fluoride are added. Li”, Na®, KÊ, Cs? 
h. Mention some of the properties of alkali metals which 


increase down the group. 


s are paramagnetic, but their salts are 


the inside surface of a glass bottle containing caustic 
l soda becon 
: jentity (A) and (B) in the following: 
}}. ; 


KO, + 
(A)+ BaC 


S LE (A) 
 — ®) 
White ppt. 
sed by astronauts. Explain the use with 


* spe help of reaction. 


give the composition and action of baking powder. 


x Match the following: 
Column I Column II 
a Indian saltpetre i NaCN 
b. Germicide ii Na,CO,:10H,0 
c. Chile saltpetre iii. NaNO; 
d. Washing soda iv NaHCO, 
e Baking soda v. KNO, 
f£ Glauber’s salt vi. NaNH,HPO 4 4H,0 


g. Microcosmic salt vii. (Na,S,03) 
viii. NaSO; 10H,0 
meres} STE oe saad 


h Hypo salt 


ayer SORE AE A EIST E a”. 
ee ENS SoS Tel 
= = be “5 
FE: 


a. Li b. Li> Rb>K c. Li < Na < K < Rb 


d. Li e. Yes f~ Ei 
g. Cs® <K® < Na? < E 
72. For (h) and (i), refer to Hints and Solutions. 


n A=k,SO, B => BaSO, 
/ a (v) b. (i) c. Gii) 
d. (ii) e. (iv) f. (viii) 
g (vi) h. (vii) 


Ul solves eamptes ÎI 


| 
eai formed when a mixture 


How many moles of CO, will De 
“ontaining 10 moles each of Li, CO; and Na,CO, are heated? 


| Sat. On heating, Li,CO3 decomposes 10 £ 
“reas K,CO, do not decompose. 


ive Li,O and CO,, 


Lico, 2+ Li,0 + 0% 
= one mole of Li CO3 decomposes 
Nip of CO, will be formed on heatin 

moles each of Li,CO3 and Na,CO3- 


ole of CO,, 


to give one M 
containing 


ga mixture 
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mson red colour to the 
compound (C) and gas 
brown precipitate. 


Alkali metal (A) on flame test gives a cri 
Bunsen flame. (A) on heating in air gives 
(D). Gas (D) with Nessler’s reagent gives a 
Identify (A), (B), (C) and (D). 


(A) ‘ 


Alkali metal —_ (B) 
Flame test H,O 
Crimson red (C) + (D) 
colouration Gas 
Nessler’s 
reagent 
Brown ppt. 


Flame colouration of (A) shows it to be lithium. 


Li + 0, —> Li,0 


6Li + Na, —— 2Li,N 
Air 


Li,O tH O> 2LiOH 
Li,N + HO => LiOH + NH; 
(B) © D) 
On hydrolysis of compound (B), the gas produced (D) gives 


a brown ppt. with Nessler’s reagent, it shows the gas tO be NH.. 


which is produced only on the hydrolysis of Li,N and not Li,O. 
Hence, (B) is Li,N. 


Hence, (A) is Li; (B) is Li,N; (C) is LIOH and (D) is NH;- 


salt (A) alongwith a gas 


Zinc on reaction with NaOH gives a 
s a white precipitate (O) 


B). (A) on reaction with H,S gas give 
Identify (A), (B) and (C). 
, +H, 


BID Zz: + NaOH > Na:ZnO: 
(A) (B) 


Na,ZnO, + H,S— ZnS ) +2Na0H 
~ ~ 7 C 
zine sulphide 
(white ppt) 
Hence, (A) is Na,ZnO, (sodium zincate), (B) ts H, (hydrogen 
gas) and (C) is ZnS (zine sulphide). 


identify (A), (B), (C) and (D) and give their chemical formulae. 


(A) + NaOH —2> NaCl + NH, + H,O 
ANH, +:CO, PHO —> (B) 
(B) + NaCl —> (C)+ NH,C! 


(C) —* Na,CO, + H,O + (D) 
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(SGN NH,Cl + NaOH —~ NaCl + NH, + H,O 
(A) 
NH, + CO, + H,O —> NH,HCO, 
(B) 
NH,HCO, + NaCl —> NaHCO, + NH,CI 
(B) (C) 
2NaHCO, —> Na,CO, + H,O + CO, 
(C) (D) 
Hence, (A) is NH, Cl, (B) is NH,HCO;, (C) is NaHCO, and (D) 
is CO.. 


A certain compound (A) is used in the laboratory for analysis, 

its aqueous solution gives the following reactions: 

a. On addition to copper sulphate, a brown precipitate is 
obtained which turns white on addition of excess of the 
Na,S,0, solution. 

b. On addition to the Ag® ion solution, a yellow curdy 


precipitate is obtained which is insoluble in ammonium 


hydroxide. 
Identify (A) and give equations for the reactions at steps (a) 


and (b). 
Na S703 


a. (A) + CuSO, —> Brown ppt — zess white ppt. 


excess 


(aq. soln) 
b. (A) + AG sotn) — Yellow curdy ppt es 


(aq. soln) Insoluble 


(A) is KI 
a. KI gq) + CUSOg¢aq) —> CW, + KyS04 + I, 
white ppt. 
L + 2Na,S,0, —> Na,S,0, + 2Nal 


® @ = 
b. Klog + AB (son — AB! $ + KG — 
Yellow 
curdy ppt 


Agl is insoluble in NH,OH. 


Identify (A), (B), (C) and (D) and give their formulae: 

(Aag + Z8— (Bg 

(Aag + (C) ——— PH, 

(ANa t NHC — (D) ig 

Compound (A) imparts golden yellow colour to the Bunsen 
flame. 


Sol Compound (A) imparts golden yellow colour to the Bunsen 
flame, it seems (A) is NaOH. 


NaOH,,,) + Zn —> NajZnO, + Hoy, 

(A) (B) 

NaOH,.,+ PF, —4 , NaH,PO, + PH 
me (C) 2 2 3 


White Phosphorous 


NaOH qq) + NHC! — NaCl + NH,Î + H,O 
(A) (D) 
Hence, (A) is sodium (NaOH) hydroxide; (B) is hydrogen 
(H,); (C) is white phosphorous (P,) and (D) is ammonia gas NH) 
3 


A certain compound (A) imparts a golden yellow flame and 

exhibits following reactions: 

a. When a concentrated solution of (A) is boiled with Zn 
powder, hydrogen gas is evolved. 

b. When an aqueous solution of (A) is added to an aqueous 
solution of stannous chloride, a white precipitate is obtained, 
which dissolves in excess of solution (A). 

Identify (A) and give equations for the reactions in (i) and (ii), 


a. NaOH ag) + Zn — Na,Zn0 5,4, ) + H, T 


(A) Sodium Hydrogen 
zincate gas 
b. NaOHap + SnCl, —> Sn(OH), + + 2NaCl 
(A) Stannous White ppt. 
chloride 


Sn(OH), + NaOH —> Na,SnO, + 2H,0 
Soluble 


(A) is NaOH and imparts golden yellow colour to the flame. 


Hence, 


~ An inorganic compound (A) loses its water of crystallisation on 
heating and its aqueous solution gives the following reactions: 
a. It gives a white turbidity with dil HCl. 
b. It decolourises a solution of iodine in KI. 

It gives a white ppt. with AgNO, solution, which turns black 


on standing. 


C. 


a90 (A) is sodium thiosulphate, Na,S,0;:5H,O. 
a. Na,S,0,+HCl —> NaCl + H,O + SY 
White 

turbidity 


+ SO, 


b. 2Na,S,0, + EL => Na, S406 + KI + 2Nal 


(L in KÐ) 
c. Na,S,O, + 2AgNO, —> Ag,S,O,} + NaNO; 
White ppt. 


A white solid (A) is either Na,O or Na,O). 
a. A piece of red litmus paper turns white when it is dipped 
into a freshly made aqueous solution of the white solid. 

b. Explain what would happen to the red litmus if the white 

solid were the other compound. 


a, Na,O and Na,O,, when dissolved in water give 
Na,O + H,O —> 2NaOH 
Na,O, + 2H,O —> 2NaOH + H,O, 


re 


—_——— 


ad litmus paper turns white when it is dipped 
20 7 made aqueous solution of compound (A), due 


i ing action of H,O,, thus compound (A) is Na,O,,, 


i um peroxide. 
wh alid WaS Na,O, the red litmus paper will turn blue 
"strong alkaline nature of the solution. 


Cl, gas is bubbled through aqueous KOH, a firework 
Lunes (A) is formed along with KCI and H,O. Write 
wn the balanced chemical reaction involved. 


many grams of (A) will be formed by 150 L of CL, 
s pressure is 980 mmHg at 25°C? 


, When Cl, gas is bubbled through aqueous KOH, the 
lowing ‘reaction takes place: 


«KOH + 3Cl, —> KCIO, + SKCI + 3H,0 
Patassium 
chlorate 


Firework explosive formed is potassium chlorate, KCIO,. 


p.PV =nRT 
p980 im 
= —— q 
wa 760 
V=150L 


n=! 
R=0.0821 L atm K mol | 
T=25°C = 25 + 273 = 298 K 


PV 
n= — 
RT 
980 NE SO 
= Fg 70% 0.0821 x 298 
= 7.906 moles 


l 
Number of moles of KC1O, produced = 3 * Number of 


moles of Cl, 
= I x 7.906 
3 


= 2.635 
Mass of KCIO,, formed = 7.635 % 122.5 = 322.79 g 


1 binary salt of potassium (A) OP heating with sulphur, 
Pound (B) is formed. (B) on reacting With t ook 
“€ precipitate (C) which is insoluble in concentra HCI., 
entify (A), (B) and (C). 


Wass (B) 


(A) + BaCl, — (C) 
White ppt. 
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(A) is binary salt of potassium. (C) is white ppt. which is insoluble 
in cone HCI. 


2KO, +S —> K,SO, 


(A) (B) 
K,SO, + BaCl, —> 2KCI + BaSO,4 
(B) (C) 
White ppt 


Hence, (A) is KO, (potassium peroxide); (B) is K,SO, 
(potassium sulphate) and (C) is BaSO, (barium sulphate). 


Identify from P to T. 
a Na- Os pra Oe Q Sot y R —_NuS_»g 
—e"_, T(complex) 
b. What is the oxidation number of ‘S’ atom in compound S? 


a. Na—22->2NaOH + CO, —> Na,CO, + H,O 
(P) (Q) 


fso 


Ag, [S,0,]— = — Na,S,0, ==> Na,SO, + CO, 7 
(1) (S) (R) 

:S:-2 

if 

ew lS O° 


b. Structure of sor 


Central S-atom is sp hybridised and terminal S-atom is sp 
hybridised hence more EN, hence its O.N is —2 and O.N. of 
central S-atom is +6. 


HQ 


Na,0, =i A+B 
HO 
at 25°C 


A+CÎ +D. 
Calculate the sum of bond order between same bonded atoms 
in B and C compounds. 


IBOD Na 0, 22> NaOH + H,O, 


(A) (B) 
HLO 
at 25°C 


NaOH + O, Î + H,O 
(A) (B) © 
Bond order of (O-O) in H,O, = 1.0 
Bond order of (O-O) in O, =2.0 


Sum of bond order between same bonded atoms in B and C 
compounds = | +2 = 3.9. 


fn 
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Identify metal (M), X, Y and Z. 
Metal chloride — Nnnn] > Yellow ppt. 
A) (Z) 

White ppt. Soluble in H,O 
insoluble in absolute alcohol. 
Metal (M) is soft and silver white. It is oxidized by moist 
air and is covered with a blue film. NH,” ion also react with 
Na,[Co(NO,),]. 


HCIO, 


_, 


Sol. | Reaction of metal (M) and NH Pa ion with 
ion, reveals that (M) should be potassium (K) and Xa 
C] 


(X) yellow ppt. 


This reaction is also given by NH,” ion, 
ii. KC] + HClO, — KCIO, + HCI 


(X) (Z) 
white ppt. 


js do not exist in free state in nature because 


ad Chemical Properties 
a 


o 
' kali meta 


3) Metallic in nature l 
p Highly electronegative elements. 
ikali metals can be extracted from their salts by 
i Reduction with carbon 
») Electrolysis of aqueous solution of their halides 
i Electrolysis of fused halides 
(4) Reduction with aluminium 
, Which one of the alkali metal forms only, the normal oxide, 
M0? 
()Li (2) Na 
(3)K (4) Rb 
4, The similarity in the properties of alkali metals is due to 
(1) Their same atomicity 
(2) Similar outer shell configuration 
(3) Same energy of outer shell 
(4) Same principal quantum number of outer shell 
3. CsOH is 


(1) Strongly basic (2) Weakly basic 
(3) Slightly acidic (4) Amphoteric 
6. KÊ ion is isoelectronic with 
(1) Na® (2) Ne 
(3) Ar (4) Cs? 
1. Which of the following decomposes on heating? 
(1) LiOH (2) NaOH 
(3) KOH (4) CsOH 
8. Among the alkali metals, the most abundant metal is 
(1) Na (2)K 
(3) Li (4) Cs 
9. The alkali metal having the highest melting point is 
(1) Li (2) Na 
(3) Cs (4) Rb 
I Lithium forms 
(1) Lio (2) LiO, 
G) LLO (4) Li,O, 


l. Which of the following metals is most commonly used in 
Photochemical cells? 


(1) Lithium (2) Calcium 
(3) Caesium (4) Francium 
The size of Na® ion is same as that of 

(1) Ne atom (2) Na atom 
(3) K atom 


Exercises 


13. 


14. 


15. 


16. 
17. 


18. 
19. 


20. 


21. 


22. 


23. 


24, 
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Sodium can be extracted on a commercial scale by the 
electrolysis of fused sodium chloride. The process is called 
(1) Castner process 


(2) Down’s process 


(3) Nelson process (4) Solvay process 
Potassium is ; and than 
sodium. 


(1) lighter, softer and more reactive 
(2) heavier, softer and less reactive 
(3) lighter, harder and more reactive 
(4) None of the above 

Potassium can be prepared by 

(1) Heating K,CO, with coke 

(2) Electrolysis of fused KOH 


(3) Heating KF with CaC, 
(4) All the above 
Which is an ore of potassium? 
(1) Carnallite (2) Cryolite 
(3) Dolomite (4) Bauxite 


Which of the alkali metals have the highest density? 

(1) Cs (2) Li 

(3) Na (4) Rb 

A sodium fire in the laboratory is extinguished by 

(1) Water (2) Petrol 

(3) Alcohol (4) CCl, 

The densities of Li, Na and K follow the order 

(1) Li>Na<K (2) Li<xNa<K 

(3) Li<K<Na (4) Li>Na>K 

The mobility of metal ions in aqueous medium (Li?, Na®, 
kK’. Rb®) in the electric field, follows the order: 

(1) Li? > Na > K® > Rb® (2) Rb® > Na® = K® > Li® 

(3) Li? < Na® <K®<Rb® (4) Na® = KÊ > Rb° > Li® 
Which of the following elements combines directly with 
nitrogen to form its nitride? 
(1) Li 

(3)K 


(2) Na 
(4) Rb 


Which of the following ion has the greatest polarising 
power? 


(1) Li® 
(3) Na® 


(2) K® 
(4) Cs® 


Which of the following alkali metal carbonates decomposes 
easily by heat? 


(1) Li CO, (2) Na,CO, 

(3) K,CO, (4) Cs,CO, 

ki metallic lustre of sodium is explained by the presence 
o 


(1) Na® ions 


(2) The oscillation of loosely bound electrons 
(3) Loosely held electrons 


(4) None of these (4) bce lattice 
= y f l ; 


4.44 Inorganic Chemistry 


25. Which of the following is not a characteristic of kali. | 


metals? 
(1) Low IE 
(2) Low EN 
(3) Ions are isoelectronic with noble gases 
(4) High EN 
26. Among the alkali metals, the strongest reducing agent is 
d) Li (2) Na 
(3)K (4) Rb 
27. Potassium gives a colour to the Bunsen flame. 
(1) violet (2) blue 
(3) apple green (4) brick red 
28. Which of the following is strongly hydrated in aqueous 
solution? 
(1) Li® (2) Na® 
(3) Ke (4) Cs® 
29. Which of the following alkali metal does not form alum? 
(1) Li (2) Na 
(3)K (4) Rb 
30. Sodium reacts with water more vigorously than lithium 
because 


(1) It has high atomic mass 
(2) It is more electronegative 
(3) It is more electropositive 
(4) It is a metal 
31. Magnesium uranyl test is used for 
(1) Sodium (2) Potassium 
(3) Rubidium (4) Caesium 
32. A solution of sodium metal in liquid ammonia is strongly 
reducing due to the presence of 
(1) Sodium atom (2) Sodium hydride 
(4) Solvated electrons 


33. On dissolving moderate amount of sodium metal in liquid 


NH, at low temperature, which one of the following does 
not occur? 


(3) Sodium amide 


(1) Blue-coloured solution is obtained. 
(2) Na” ions are formed in the solution. 


(3) Liquid ammonia becomes a good conductor of 
electricity. 


(4) Liquid ammonia remains diamagnetic. 

34. The alkali metals form salt-like hydrides by the direct 
synthesis at elevated temperature. The thermal stability of 
these hydrides decreases in which of the following order? 
(1) NaH > LiH > KH > RbH > CsH 
(2) LiH > NaH > KH > RbH > CsH 
(3) CsH > RbH > KH > NaH > LiH 
(4) KH > NaH > LiH > CsH > RbH 

35. What is the reaction occurring at the anode in Down’s 
process for the extraction of sodium? 

(1) 2C1° —> Cl, + 2e° 


© 
(2) 40H —> 2H,0 + O, + 4e° 


(3) Na? + e° — 


© 
(4) NaOH —> Na? + OH 
36. Shine at freshly cut sodium is because of 
(1) Oscillations of free electrons 
(2) Weak metallic bonding 
(3) Absorption of light in crystal lattice 
(4) Presence of free valency at the surface 
37. Among the alkali metals caesium is the most Teactive 
because 
(1) It has incomplete shell which is nearest to the nucleys 
(2) It has a single electron in the valence shell 
(3) It is the heaviest alkali metal 
(4) The outermost electron is more loosely bound than the 
outermost electron of the other alkali metals 


38. When sodium is added in scanty water, it catches fire. In this 
process which one of the following burns? 


(1) Na (2) H,O 
(3) CO (4) H, 
39. Stable oxide is obtained by heating the carbonate of the 
elements 
(1) Li (2) Na 
(3)K (4) Rb 
40. Ease with which hydrides are formed from Li to Cs: 
(1) Decreases (2) Increases 
(3) Remains the same (4) None of these 
41. Prefix ‘alkali’ for alkali metals denotes: 
(1) Silvery lustre (2) Metallic nature 
(3) Active metals (4) Ashes of plants 


42. In view of their low ionisation energies, the alkali metals are 
(1) Weak oxidising agents (2) Strong reducing agents 
(3) Strong oxidising agents (4) Weak reducing agents 
43. Which of the following has the lowest melting point? 
(1) Li (2) Na 
(3)K (4) Cs 
44. When sodium is treated with sufficient oxygen/air, the 
product obtained is 
(1) NaO (2) Na,O 
(3) Na,O, (4) NaO, 
45. Elements in the first column of the periodic table are called 
alkali metals. These metals have: 
(1) A single valency electron 
(2) One electron less than an inert gas configuration 
(3) High melting points 
(4) High ionisation potentials 
46. When dry ammonia gas is passed over heated sodium (out 
of contact of air) the product formed is 
(1) Sodium hydride (2) Sodium nitride 
(3) Sodamide (4) Sodium cynamide 
47. On dissolving moderate amount of sodium metal in liquid 


ammonia at low temperature, which of the following does 
not occur? 


> 


‘coloured solution is obtained 


1) Be 
ammonte 
mmonia becomes good conductor of electricity 


ted Na”® ions are formed in solution 


( 

quid a 

3) Liqui l 
j The liquid ammonia remains diamagnetic 
i j ofthe property ofalkali metals is not listed correctly? 
wh 


48. ) The least 


ny A natural radioactive metal: Fr 
(2 


(3) The alkali 


electronegative metal: Cs 


metal with the lowest density: K 


4) The most abundant alkali metal in the earth’s crust: Na 
( 


which one of the following statements is/are true for all the 


| alkali metals? 


(1) Their nitrates decompose on heating to give NO, and 


(2) Their carbonates decompose on heating to give CO, and 


normal oxide. 
(3) They react with halogens to give the halides of the type 
MX. 
(4) They react with oxygen to give mainly the oxide, M,O. 
3), Which of the following metals is used for drying organic 
solvents? 
(1) Magnesium (2) Sodium 
(3) Platinum (4) Nickel 


51. Which of the following does not illustrate the anomalous 
behaviour of lithium? 
(1) Lithium reacts with nitrogen to form a nitride. 
(2) Lithium is the hardest alkali metal. 
(3) Lithium reacts with oxygen to form normal oxide oniy. 
(4) Lithium carbonate decomposes on heating. 
52. Pick out statement(s) which is/are not true about diagonal 
relationship of Li and Mg: 
A Polarising powers of Li and Mg” ions are almost the 
same. 
B Like Li, Mg decomposes water very fast. 
C LiCl and MgCl, are deliquescent. 
D Like Li, Mg readily reacts with liquid bromine at 
ordinary temperature. 
(1)A and D 
(3) Only B 
53. Select incorrect statement 
(1) Potassium is obtained by the electrolysis of fused KC] 
(2) Al & Be shows diagonal relationship 
(3) Na gives golden yellow colour and K gives violet colour 
in flame 
(4) Potassium is prepared by reduction of molten KCI with 
Na at 850°C 


Compounds of Alkali Metals 
54. The formula of carnallite is 
(1) LIASO) 
(3) K,0-A1,0,-6Si0, 


(2) B and C 
(4) B and D 


(2) KCI-MgCl,"6H,0 
(4) KCI-MgCl,"4H,0 


—— 
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s-Block Group 1 Elements: Alkali Metals 4-45 


Solvay process is used for the manufacture of 

(1) Sodium metal (2) Washing soda 

(3) Potassium chlorate (4) Ammonia 

In Down’s process, for manufacture of sodium metal, CaCl, 
is added to NaCl in order to 

(1) Increase ionisation of NaCl 

(2) Increase the melting point of NaCl 

(3) Decrease the melting point of NaCl 

(4) Increase conductance of electrolyte 

The main process for the manufacture of sodium carbonate 
is 

(2) Solvay process 

(4) Nelson process 


(1) Carbon process 
(3) Down’s process 


Microcosmic salt is 

(1) Na(NH,) HPO, 4H,O (2) Na(NH,), H,O 

(3) Na(NH,)HPO,°4H,O (4) K(NH ,)HPO,;2H,O 
Which one is the highest melting halide? 

(1) KCl (2) KBr 

(3) KF (4) KI 


Sodium thiosulphate, Na,S,0,°5H,O is used in photography to 
(1) Reduce the AgBr grains to metallic Ag 
(2) Convert metallic Ag to Ag salt 


(3) Remove undecomposed AgBr as soluble 
thisoulphate complex 


silver 


(4) Remove reduced silver 


Baking soda is 

(1) Na,CO,°10H,O (2) Na, SO, 10H,O 

(3) Na, SO, (4) NaHCO, 

NaOH is manufactured by the electrolysis of brine in a 


specially designed cell called 


(1) Castner-Kellner cell (2) Castner cell 
(3) Solvay cell (4) Leblanc cell 
Saltpetre is 

(1) KNO, (2) NaNO, 

(3) NaCl (4) Na,CO, 
Chile saltpetre is 

(1) KNO, (2) NaNO, 

(3) Na,SO, (4) Na,S,0, 


Glauber’s salt is 
(1) Na,CO,:10H,O (2) Na,SO,°10H,O 

(3) FeSO,°7H,O (4) CuSO, 5H,O 
Causticisation process is used for the preparation of 
(1) Caustic soda (2) Caustic potash 

(3) Slaked lime 


A neutral white sodium salt (A) on heating liberates a gas 
se) leaving a highly alkaline residue (C). The gas (B) is 
i ourless, odourless and turns lime water milky. (A) is 
A NaNO, (2) NaHCO, 

)Na,Co, (4) NaCl 


(4) Sodium carbonate 
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r of substance which cannot exist together in solution 


A pai 

is 

(1) NaHCO, + NaOH (2) NaHCO, + Na,CO, 

(3) Na,CO, + NaOH (4) NaOH + NaCl 

The product of electrolysis of an aqueous solution of K,SO, 
using inert electrodes, at anode and cathode respectively are 
(1) O, and H, (2) O, and K 

(3) O, and SO, (4) O, and SO, 

When an aqueous solution of potassium ethanoate is 
electrolysed? 


(1) Ethane and CO, gases are liberated at anode and H, gas 


at cathode. 
(2) Ethane and CO, gases ar 


gas at anode. 
(3) Ethane and CO, gases are liberated at anode and K 


metal is deposited at cathode. 
(4) Ethyne, H, and CO, are liberate 
is deposited at cathode. 
When Na,CO, is added to an aqueous SO 
(1) CuCO, is precipitated 
(2) Copper hydroxide is precipitated 
(3) Basic copper carbonate is precipitated 
(4) No reaction takes place 


e liberated at cathode and H, 


d at anode and K metal 


lution of CuSO, 


K,CS, is called potassium 

(1) thiocarbide (2) thiocarbonate 
(3) thiocyanate (4) sulphocyanide 
‘Pearl ash’ is 

(1) K,CO; (2) KMnO, 

(3) K,0; (4) KOH 


How many Na® ions surround each C1° ion in NaCl crystal 
lattice? 


(1)4 (2) 6 

(3) 8 (4) 12 

Lithia water used for the treatment of gout is 

(1) LiHCO, (2) Li,CO, 

(3) Li,SO, (4) LiOH 

Lowig method is used for the preparation of 

(1) KOH (2) NaOH 

(3) Na,CO, (4) NaHCO, 

KO, is used in oxygen cylinders in space and submarines 


because it 

(1) Absorbs CO, and increases O, content 

(2) Elminates moisture | 

(3) Absorbs CO, 

(4) Produces ozone 

oe ing of the following alkali metal chlorides follows 
(1) KCI > CsCl > NaCl > LiCl 

(2) LiCl > KCl > NaCl > CsCl 

(3) CsCl > KCl > NaCl > LiCl 

(4) NaCl > KCI > LiCl > CsCl 
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The paramagnetic species is 


(1) KO, (2) SiO, 

(3) TiO, (4) BaO, 

A fire extinguisher contains H,SO, and 

(1) NaHCO, and Na,CO, (2) NaHCO, solution 

(3) Na,CO, (4) CaCO, 

Which of the following compound is used in gun powder? 
(1) LINO; (2) NaNO, 

(3) Pb(NO3), (4) KNO, 

Which of the following compounds is/are not soluble in 
water? 

(1) Li,CO, (2) LiF 

(3) Li,PO, (4) All of these 

When a standard solution of NaOH is left in air for a few 


hours: 

(1) A precipitate will form 

(2) Strength will decrease 

(3) Strength will increase 

(4) The concentration of Na ions will remain constant 

In the following sequence of reaction, identify the 


compounds (A), (B), (C) and (D): 


NaCO 3 AgNO; 


Na,CO3 _ 802 (4) 7 B) =O) —=——D) 


Solution 
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(1) Na,SO,, NaHSO,,Na,S, Ag,S 

(2) NaHSO,, Na,SO,,Na,S,03, ASS 
(3) NaHSO,, Na,SO,,Na,S, Ag,O 
(4) Na,SO,, Na,SO,, Na,S,03, Ag 


ZnCl, + NaHCO, —He 5 (A) > (B) + (O ~+ H,O 


(B) + NaOH —> (D) 

Identify the compound (D) present in the solution. 
(1) ZnCO, (2) Zn(OH), 

(3) ZnO (4) Na,Zn0, 

The carbonate that will not decompose on heating 1s 
(1) Na,CO, (2) CaCO, 

(3) SrCO, (4) BaCO, 


Which one of the following electrolysis is used in Down's 
process of extracting sodium metal? 


(1) NaCl + KCI + KF (2) NaCl 

(3) NaOH + KCI + KF (4) NaCl + NaOH 

The solubility of alkali metal hydroxides follows the order: 
(1) LOH < NaOH < KOH < RbOH < CsOH 

(2) LiOH > NaOH > KOH> RbOH > CsOH 

(3) LiOH > CsOH > RbOH > NaOH > KOH 

(4) None of the above 


Th i 
e iia moment of KO, at room temperature is —— 


(1) 1.41 
(3) 2.23 


(2) 1.73 
(4) 2.64 | 


l0 


| 
N 


~ 


sroxide which is a yellow solid, when exposed to 


M ý as white due to the formation of: 
F peoo™ (2) Na,O 
0 
ae i and O3 (4) NaOH and Na,CO, 
Na 


DN yar de (NaH) when dissolved in water, produces 
dit (2) Basic solution 


I” cide solution 
tal solution (4) Cannot be predicted 
(° 


ect order of stability for the following superoxides 


, me 

i £0? RbO, > CsO, (2) RbO, > CsO, > KO, 

ja is > RbO, > KO, (4) KO, > CsO, > RbO, 

3) an h one of the following minerals, the composition 
on is incorrect? 

1) Soda ash-(Na,CO3) 


i mamallite- (KCI MgCl, '6H,0) 
3) porax(Na,B,0,°7H,9) 
(4) Glauber’s salt{N a,SO,°10H,0) 
y Inthe case of alkali metals, the covalent character decreases 
in the order: 
(1) MF > MCI > MBr> MI (2) MF > MCI > MI > MBr 
3) MI > MBr > MCI > MF (4) MCI > MI > MBr > MF 

& Which of the following oxides is not expected to react with 
sodium hydroxide? 

(1) CaO (2) SiO, 
(3) BeO (4) B,O, 

ý. The reaction that takes place when Cl, gas is passed through 
conc NaOH solution is 
(1) Oxidation 
(3) Displacement 


(2) Reduction 

(4) Disproportionation 

". Among LiCl, RbCl, BeCl, and MgCl, the compound with 
the greatest and least ionic character respectively are 
(D) LICI, RbCI , (2) RbCI, BeCl, 
C) ROCI, MgCl, (4) MgCl,, BeCl, 

n Which of the following compounds on reaction with N aOH 
and H,O, gives yellow colour? 
(1) Zn(OH), (2) Cr(OH), 
(3) Al(OH), (4) None of these 


4. For the preparation of sodium thiosulphate by ‘Spring’s 


reaction’, the reactants used are 
(I)NaS+Na,SO,+Cl (2) Na,S + SO, 
3)NaS+NaSO,+1, (4) NaSO; +5 
‘LiSO 418 not isomorphous with sodium sulphate: 
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s-Block Group 1 Elements: Alkali Metals 4.47 


Oxone is 
(1) CaO (2) N,O 
(3) Na,O, (4) NaBO, 


One of the natural minerals of sodium is tincal. Its formula is 


(1) Na,CO,-10H,O (2) NaNO, 

(3) Na,B,O,-10H,O (4) NaCl 

Na,CO, + Fe,O0, —> A+ CO,, what is A in the reaction? 
(1) NaFeO, (2) Na,FeO, 

(3) Fe,0, (4) Na,FeO, 


The principal products obtained on heating iodine with cold 
and concentrated caustic soda solution: 


(1) NalO + Nal (2) NalO + NalO, 
(3) NalO, + Nal (4) NalO, + Nal 
Match the compounds given in (X) with uses in (Y), 
(X) (Y) 
A. NaOH 1. Glass 
B. Na,S,O, 2. Germicide 
C. NaCN 3. Antichlor 
D. Na,CO, 4. Soap 
Codes: 
A B C D 
(1) 4 3 2 1 
(2) 3 4 1 2 
(3) 2 3 4 1 
(4) 1 2 3 4 
The aqueous solutions of lithium salts are poor conductor of 


electricity rather than other alkali metals because of: 
(1) high ionisation energy 
(2) high electronegativity 
(3) lower ability of Li® ions to polarise water molecules 
(4) higher degree of hydration of Li® ions 
200°C 


NaOH + CO —soam ” A. The product A is: 

(1) NaHCO, (2) Na, CO, 

(3) HCOONa (4) H,CO, 

The electrolyte, used in Castner’s process of sodium 
extraction is 

(1) anhydrous Na,CO, (2) aqueous NaOH 

(3) NaCl + CaCl, (4) fused anhydrous NaOH 


Based on lattice energy and other considerations, which one 
of the following alkali metal chloride is expected to have the 


highest melting point ? 


(1) Due to small size of lithium | (1) LiCl (2) NaCl 
(2) Due to high coordination number of lithium (3) KCI (4) RbCl 
A Due to high ionisation energy of lithium 112. Which among the following is the least soluble in water 
) None of the above l (1) NaF (2) LiF 
'l. The chloride that can be extracted with ether 1$ (3) KF (4) RbF 
h NaCl . ne 113. The correct order of stability of hydrides of alkali metals is 
) LiCl (1) LiH > NaH > KH > RbH 
Iting point? 
2. Which of the following has the eel melting P (2) NaH > KH > RbH > LiH 
(1) NaCl (2) Na (3) RbH > KH > NaH > LiH 
(3) NaBr (4) Nal or (4) LiH > RbH > KH > NaH 


eee ye 


4.48 Inorganic Chemistry ee — 
E tale y i all ueous 
114. The correct order of mobility of alkali metal ions 1n aq 
solution is 
(1) KÊ > Rb? 
(3) Li? > Na? 
115. Select correct statement: l 
(1) Oxides (M,0) and peroxides (M,0, 
diamagnetic and colourless. 
(2) Superoxides (MO,) of alk | 
(3) Liand Na do not form superoxides. 
(4) All are correct. 
116. Which of the follo 
with excess of NaOH? 


(1) ZnCl, 


p 
-Naf > Li? (2) Rb®> K® > Na® > LI 


® .® 
A Rb® (4) Na® > K> Rb” > Li 
) of alkali metals are 
agnietic. 


ali metals are param 


wing salts does not form any precipitate 


(2) FeCl, 
(3) CrCl, (4) CuSO, 
117. Which of the following is the best CO, absorber as well as 


source of O, in space capsule? 


(1) KOH (2) K,O, 
(3) KO, (4) LiOH 
118. X + H,O —> NaOH 
J 0,. 400°C 


y —#S— NaOH +0, 


Y is used in oxygenating in submarine. X and Y are: 


(1) Na,O, and O, (2) Na,O, and Na,O 
(3) Na,O and Na,O, (4) Na,O and O, 
119. KO, + CO, + HO —ae A+B 


CO, 


Products A and B are, respectively 
(1) KHCO,, O, (2) K,CO;, O, 
(3) KOH, K,CO, (4) KHCO,, H,O 

120. X +S — Y —2*2_5 white ppt. 
X is paramagnetic in nature and contains 55% K. Thus X is 
(1) K,O, (2) K,O 
(3) K,SO, (4) KO, 

121. What happens when a standard solution of NaOH is left in 
air for few hours? 
(1) The strength of solution will increase 
(2) The strength of solution will decrease 
(3) A precipitate will form 
(4) The concentration of Na® ion in solution will remain 

same 

122. CaCl, is preferred over NaC] for clearing ice on roads 
particularly in very cold countries. This is because. 
(1) Eutectic mixture ‘aC Tee@ZEs ¢ °C whi 

that of E i aa —Z 

(2) NaCl makes road slippery but CaCl, does not 
(3) CaCl, is less soluble is H,O than NaC} 
(4) CaCl, is hygroscopic but NaCl is not 

123. At high temperature Na reacts with AlO, to give a 
compound (A). Compound (A) reacts with solution of CO 
gives compound B. i 


The compound (A) and (B) are, respectively 


o ( 1) Na,O,, NaHCO, 


124. 


125. 


Multiple Correct Answers Type 


(3) NaAlO,, Na,CO, (4) NEAN NaHCO, 

Aqueous solution of SO, reacts with excess of Na, 

give compound (A) which on reaction with sulphur 3 0 

compound (B), compound (B) on reaction with AgNo; h 

gives compound (C). 

The compound (B) is: 

(1) NaHSO, 

(3) Na,S,0; 

Select incorrect statements 

(1) Baking soda is a mixture of (30% NaHCO, + 10% 
Ca(H,PO a t 40% starch + 20% NaAl(SO d) 

(2) Ca(H,PO,), iS acidic and when moistened it reacts with th 
NaHCO, giving CO, 

(3) Pb(OH), on reaction with NaOH solution gives Na,PbO, 

(4) Raw materials in solvay process are NH,Cl and Nac} 
and by product in this process 1s CaCl, 


(2) Na,SO, 
(4) Na,S,0, 


Physical and Chemical Properties 


P 


Sulphides of which of the metals is/are soluble in water. 
(1) Na (2)K 
(3) Zn (4) Cu 


. Alkali metals are characterised by 


(1) Good conductor of heat and electricity 
(2) High oxidation potentials 

(3) Low melting points 

(4) Solubility in liquid ammonia 


. Select wrong statements about alkali metals: 


(1) All form (MNH,) amide 

(2) All form superoxides (MO,) 
(3) All form ionic hydrides (MH) 
(4) All form nitrides 


. A highly pure dilute solution of sodium in liquid ammonia: 


(1) Shows blue colour 

(2) Exhibits electrical conductivity 
(3) Produces sodium amide 

(4) Produces hydrogen gas 


. Li has the following abnormal behaviour in its group: 


(1) Lithium carbonate decomposes into its oxide on heating: 
unlike other elements. 


(2) LiCl is covalent in nature. 
(3) Li,N is a stable compound. 
(4) LiCl is a poor conductor of electricity in molten state. 


. rs a i ? 
. Which among the tollowing compounds is paramagnetic: 


(1) KO, 


2) K,O 
(3) K,0 (OEM 


(4) NO, 


- Nitrate of which of the following elements are converted t 


their oxides on heating? 
(Li 


DN 
3)K (2) Na 


(4) Mg 


i ound(s) formed upon combustion of sodium metal 


eC + is/are 
7 excess at is/are 


in al 0, (2) Na,O 
YF 0 (4) NaOH 
3) NO 
t alloy of Na and K is 
i iu quid at room temperature 
J ised in specially designed thermometers 
(- 
) jaen 
ays golid at room temper ature 


— 
= 


—a 
— 


— 
-s 


p— 
„sa 


—" 
in 


godium metal can be kept under 
(2) Benzene 


(1) Kerosene 
(3) Toluene (4) Alcohol 
Sodium metal cannot be stored under 
(1) Kerosene (2) Toluene 
B) Alcohol (4) Water 


yn element having electronic configuration [Rn]6s" will: 


(1) Form basic oxide 

(2) Can be used in photoelectric cell 
8) Form acidic oxide 

4) Has high ionisation enthalpy 


3, Which of the following compound(s) will impart a golden 


vellow colour to the Bunsen flame? 


(1) KCl (2) K,CO, 
(3) NaCl (4) Na,CO, 
. Which of the following compound(s) is/are paramagnetic. 
(1) KO, (2) RbO, 
(3) TiO, (4) SiO, 
. Identify the correct statement: 


(1) Elemental sodium is easily oxidised. 
(2) Elemental sodium is soluble in ammonia. 
(3) Elemental sodium is a strong oxidising agent. 


(4) Elemental sodium can be prepared and isolated by 
electrolysing an aqueous solution of sodium chloride. 


- Select the incorrect statements. 


(1) Lithium reacts with nitrogen to form nitrides. 


(2) Potassium is the most abundant alkali metal in the earth’s 
crust. 


(3) Lithium is the least electronegative alkali metal. 
(4) Na and K form complexes. 


: Consider the following statements and select the correct 


answer, 


Ammoniated solution of alkali metals are reducing agent 
due to presence of free ammoniated or solvated electrons, 
That can reduce 

(1) O, to 0,7 

(2) Non terminal alkyne 

(3) Aromatic ring 

(4) [Ni(CN) 4)" to [Ni(CN),]” : 
8. Which of the following statement about alkali metals in 
liquid NH, is/are incorrect. l 

(1) The i a have strong oxidizing properties: 


A 


19. 


20. 
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(2) Chane transfer is responsible for the colour of the 
solution. 


(3) Both the dilute and concentrated solution are equally 
paramagnetic in nature. 

(4) With concentrated liquid NH,, solvated e ’s associate 
to form electron-pairs and paramagnetic character 
decreases. 

Select the incorrect statements. 

(1) Potassium on burning in moist air give smell of NH, 

(2) Sodium can be prepared by electrolyzing fused NaCl 

(3) The metallic lusture of alkali metals is due to diffusion 
of their ions 

(4) The dilute solution of alkali metals in NH, are bronze 
coloured which changes to blue with increasing 
concentration. 

Select the correct statements 

(1) Potassium metal is commercially prepared by the 
reduction of molten KCN with Na because Na prefers to 
bind CIP ion in preference to KÊ ions 

(2) The aqueous solution of Li salts are poor conductor of 
electricity rather man other alkali metals because of 
lower ability of Li® ions to polarize water molecule 

(3) Potassium sesquoxide (K,O,) is prepared by thermal 
decomposition of KO,. K,O, contains K,O, and KO, in 
1:1 ratio is paramagnetic 

(4) Out of KO, and KO,, KO, is paramagnetic 


Compounds of Alkali Metals 


21. During electrolysis of aqueous solution of NaCl in Castner 


22. 


23. 


24. 


26. 


Kellner cell, the gas(es) produced are 


(1) Cl, (2) O, 

(3) H, (4) HCl 

Which of the following compounds decompose on heating? 
(1) CsOH (2) KOH 

(3) LiNO, (4) NaHCO, 


Which of the following compounds is/are not soluble in 
water? 


(1) NaCl (2) LiF 

(3) Li,CO, (4) Na,CO, 
Carnallite is an ore of 

(1) Sodium (2) Potassium 


(3) Magnesium (4) Aluminum 


. Which of the following compound is/are efflorescent? 


(2) Caustic soda 
(4) Epsom salt 


(1) Washing soda 
(3) Caustic potash 
KO, finds use in breathing equipment and safeguards 
the user to breathe in oxygen generated internally in the 
apparatus without being exposed to toxic fumes outside. 
The supply of oxygen is due to 

(1) Slow decomposition of KO, 

(2) Reaction of KO, with CO, in the exhaled air 


(3)R 
mn ape of KO, with moisture in the essential air 
oat decomposition of KO, 


4.50 Inorganic Chemistry oe 
27. Brine solution on electrolysis will give 
(1) NaOH (2) Cl, 
(3) O, (4) H, 
28. Which of the following reaction(s) is/are correct? 
(1) Cl, + NaOH —> NaCl + NaClO, + H,O 


(Hot and 
conc soln) 


(2) P, + NaOH + H,0 —> NaH,PO, 
a,S,0, + Na,S + H;,0 


+ PH, 


(3S4 NaOH —4> N 
Na,SiO, + H, 


CO, and Na, 
loss of mass due to 


(4) C + NaOH Ss 
29, When a mixture of Li, 
strongly. there occurs a 
(1) Decomposition of Li,CO; 
(2) Loss of water by Na,CO,° 10H,O 
(3) Decomposition of Na,CO,"10H,O 
(4) None of the above 
30. The pairs of compounds which cannot € 
aqueous solution are 
(1) NaH,PO, and Na,HPO, 
(3) NaOH and NaH,PO, 
31. Which of the following is/are correct? 
(1) Sodium thiosulphate is called hypo. 
(2) Sodium peroxide is called oxone. 
(3) Potassium carbonate is called pearl ash. 
(4) Sodium nitrate is called Indian nitre. 


32. Sodium chloride is known as 


(2) Na,CO, and NaHCO, 
(4) NaHCO, and NaOH 


CO, 10H,0 is heated 


xist together in 


(1) Table salt (2) Common salt 
(3) Soda ash (4) Rock salt 
33. The compounds used in Solvay process are 
(1) Na SO, (2) NaCl 
(3) NH, (4) CaCO, 
34. Which of the following carbonates does not evolve CO, on 
heating? 
(1) LLCO; (2) MgCO, 
(3) Na,CO, (4) K,CO, 


35. Select the correct statement: 
(1) Lithium carbonate is insoluble in water. 
(2) Potassium carbonate is soluble in water. 
(3) Barium carbonate is soluble in water. 
(4) Lithium bicarbonate is insoluble in water. 
36. Which of the follwing is/are found in the solid state? 


(1) LiHCO, (2) KHCO 
Ts “ 3 
7 aa. (4) NH,HCO, 
- Nitrogen dioxide cannot be obtained by heating 
ee (2) NaNO, 
s 2 a (4) Cu(NO,), 
. The hydroxide of which metal ion(s) is/are g i 
pce ptt s) is/are soluble in ex 
(1) Al* (2) Zn” 
(3) Fe” (4) Cu” 


CCSS 


o 39. Pick out th 


40. 


41. 


42. 


43. 


44. 


45. 


46. 


a ene 
e statement(s) which is/are not true about the 
diagonal relationship of Li and Mg. 

(1) LiCl and MgCl, are deliquescent. 

(2) Like Li, Mg decomposes water very fast. 

(3) Polarising powers of Li and Mg” are almost the same. 

(4) Like Li, Mg readily reacts with liquid ammonia at 
ordinary temperature. 

Select the correct statements. 

(1) Oxides and peroxides of alkali metals are diamagnetic 
and colourless. 

(2) Superoxides of alkali metals are paramagnetic. 

(3) LiCl and MgCl, are deliquescent. 

(4) Melting point and boiling point of alkali metals increases 
from Li to Cs. 

Select the correct statements. 

(1) Amongst alkali metal perchlorates, LiClO, is most 
soluble in H,O. 

(2) Amongst alkali metal carbonates, Cs,CO, has highest 
thermal stability. 

(3) K when heated strongly in oxygen it forms K,O. 

(4) Amongst, Li,CO;, LiOH and LiNO,, oxygen is liberated 
by LiNO, on heating. 

Select correct statements. 

(1) Sodium peroxide (Na,O,) is used to purify the air in 
submarine because it reacts with O, to form sodium 
superoxide 

(2) Amongst alkali metal chlorides, LiCl has lowest melting 
point 

(3) Amongst alkali metal fluorides, LiF is least soluble in 
H,O 

(4) Na,CO,.NaHCO,.2H,O is a mineral called trona 


Select the correct solubilities in water. 


(1) KF > NaF > LiF 

(2) KNO, > NaNO, > LiNO, 

(3) K,CO, > Na,CO, > Li,CO, 

(4) LiF > NaF > KF 

Which of the following gives NO.(g) on heating. 
(1) NaNO, (2) He(NO,), 

(3) AgNO, (4) Cu(NO,), 


Select the correct statements. 


(1) Oxide ion, peroxide ion and superoxide ions are related 
to each other as follows: 


-0 
2 = >? 2- ) 
2 - O, ; - 
OF 24-5 0 a 90: 
Peroxide Superoxide 
ion ion 


Oxide ion 


(2) O,~ and O, are stable towards water 
(3) KO, will liberate O, when reacts with ice cold water 


(4) Alkali metal oxides, peroxides and superoxides acts as 
bronsted acid 


Select the incorrect statements. 
(1) K,CO, can be prepared by solvay process 


(2) An aqueous solution of I, becomes colourless on adding 
excess of NaOH solution. 


a exposure to air, NaOH becomes liquid and after 
(3 ometimes it changes to yellow powder. 
S 


r NaCl is hygroscopic and table salt on exposure to air 


Ù gamps UP: 
` tatements. 
-elect the correct s 
th” a0, is powerful oxidant and bleaches red litmus paper 
to white in aqueous solution 

j) NaOH solution reacts with Zn powder and H, gas is 
~ jiberated 

:) NaOH solution reacts with aqueous solution of SnCl,, 
~ plack ppt. is formed which is soluble in excess of NaOH 
A Bottles containing NaOH solution is not closed by glass 


cork 


Linked Comprehension Type iil 


pe first element of a group differs from its congeners, i.e. other 


-embers of the group in many ways. These differences may be 
ye to the following: 
i, Small size of atom and ion. 


ï. High electronegativity. 

ai, Non-availability of low lying d-orbitals. 
Te first element of a group shows resemblance with the second 
-ement ofthe adjacent group on the right. This is known as 
zagonal relationship. 


ae H20 
1. Metal (M) + N, — Nitride Hydrolysis NH, 


Metal (M) can be 
(1) Li (2)Na 
G)K (4)Mg 


~ 


. Lithium exhibits many physical and chemical similarities 

with magnesium. The reason is: 

(1) Both have the same size. 

(2) Both are found in native state. 

(3) Both have the same ionisation enthalpies. 

(4) Both have the same electronic configuration. 
- In dry air, lithium and sodium react to give 
ein 

29, N O 

(3) Li,O, Li,N, NH,, Na,O 
(4) Li,O, Li,N, Na,O, Na,N 


4. On heating, which of the following gives NO,” 
(1) NaNO, (2) LINO; 
(3) NH, NO, (4) NH,NO, 


: Which of the following is a false statement? 
(1) Lithium has greater hardness as compare 
metals. iiae 
(2) LiHCO, and Mg(HCO;)2 do not exist in en 
(3) Lithium and magnesium form nitrides on re 
nitrogen but other alkali metals do not. . E 
(4) Alkali metal fluorides are highly soluble in water. 


d to other alkali 


solid state. 


Paragraph 2 
On exposure to air, alk 


in 
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ali metals get tarnished due to formation of 


OXi ‘Aine 
ie hydroxides and carbonates on their surface. When heated 
ar or oxygen they burn vigorously forming different types of 


oxides depending upon the nature of the metal. 

The formation and stability of these metals can be explained on 
the basis of size of alkali metal ion and the anion. Peroxides are 
colourless, while superoxides are coloured. The normal oxides 
are basic while peroxides and superoxides act as oxidising agents. 


6. Among NaO,, Na,O,, Li,O, CsO, unpaired electron is 
present in 
(1) Na,O, and Li,O (2) Na O, 
(3) Li,O (4) CsO, and NaO, 
7. On heating in excess of oxygen, lithium gives 
(1) Li,O (2) LiO 
(3) Li,O, (4) LiO, 
8. Oxone is 
(1) Li,O (2) Na O, 
(3) KO, (4) CsO, 
9. On heating in excess of oxygen, potassium gives 
(1) K,O (2) KO 
(3) K,0, (4) KO, 


10. 


Na,O, has light yellow colour. This is due to 

(1) Presence of traces of NaO,. 

(2) Presence of unpaired electron in the molecule. 
(3) Presence of traces of Na,O. 

(4) None of the above. 


Paragraph 3 
Alkali metal salts are ionic and soluble in water. The solubility 
of an ionic compound depends on (1) lattice enthalpy and 


(ii) 


hydration enthalpy. 


These two factors oppose each other. If hydration enthalpy is high. 


the 
the 
the 


ions will have greater tendency to be hydrated and therefore 
solubility will be high. The smaller the cation, the greater is 
degree of hydration. The reducing behaviour of alkali metals 


in solution is also dependent on the hydration enthalpy besides 
other factors. 


11. The radius of which of the hydrated ion is the highest? 


(1) Liv (aq) (2) Na® aa) 
(GJK e (4) Rb” ay 
12. The hydration energy is maxium tor 
(1) Li® (2) Na® 
(3) K® (4) Ro“ 
13. The ionic mobility of Li® is less than that of the Na® ion in 


14. 


solution because 

(1) Li? ion has a high charge density. 

(2) Li” ion has the highest hydration tendency. 
(3) Li® ion has the highest ionisation enthalpy. 
(4) Li ion has two electrons. 


Which of the following is the strongest reducing a 
(1) Li v Na k 


y “WN 
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Paragraph 4 
In the manufacture of sodium car 


involved: 


(A) —> (B)+ CO, 
+H 0 


(B)+H,O —> (©) ANCL, (p) —* > (E) 


bonate, following reactions are 


Solution 


Heat Na,CO, + CO, + H,O 


(F) + NaCl — (G) ——> 


(D) is a gas which ts soluble in H,O 


15. The name of the process is 
(2) Salt cake 


(1) Solvay 
(3) Lowig (4) Gossage 
16. (A) is 
(1) Ca(HCO,), (2) CaCO, 
(3) CaC, (4) NaHCO, 
17. (B) is 
(1) CaO (2) Ca,O, 
(3) CaO, (4) Na,O 
18. (C) is 
(1) Calcium hydroxide (2) Sodium hydroxide 
(3) Calcium oxide (4) None of these 


19. (E) and (F) are 


(1) NH,OH and NH,HCO, (2) NaOH and NaHCO, 


(3) Ca(OH), and Ca(HCO,), (4) None of these 


20. (G) is NaHCO,. The other compound formed with (G) is 


(2) NH,OH 


(1) NH,Cl 
(4) None of these 


(3) CaCl, 


Matrix Match Type ill 


This section contains questions each with two coloumns I and II. 
Match the items given in column I with that in column I. 


L Column I 
a. Carallite i. Sco, 
b. | Celestine ji. 
c. Strontianite ii NaCl 
d. Glauber’s salt iv. KCI. MgCl, ‘6H,O 
‘e. Spodumene v. | SrSO, 
Al Slyvite iv Li Alsi, O; 

A Columnt | Colum I T py 


cells 
KOH 
iii. NaHCO, 


Used in photoelectric 


iv. |Na,CO,10H,0 


— Column I int ean 


Seen 


3. Colu: 
Metal used in |i. Na,SO, OHO e 0 
photoelectric cell | 

s Radioactive element | ii. Na AlSi 0, ee 
hs ee RE E, | 
i Deliquescent iii. Francium E 
d. | Efflorescent Ti V. | NaOH a. 
a me bin | 
Glauber’ s salt |v. | Caesium 
Albite PN « | Na,CO, /10H,0 
4. Column I 


Pink-violet flame 
colouration 
Forms superoxide on 
heating with O, 


Used in photoelectric cells 
e. | Form monoxide on heating 
| with oxygen 


f. | Forms peroxide on heating 
| with oxygen 


5, Match the items given in Column I with that in Column 
and III 


di K,CO, 


iv. NaHCO, 
inci EK 
vi Li 


f 


I 


Highest electrical 
conductivity or 
ionic mobility at 
infinite dilution 


Concentration of | 
alkali metal ion is 
(5 x 10° to 10 x 


iii. |Down’s cell 


10°)MinRBC | 


ip. Photo-electric 
effect 


q. Crimson red i 
flame 


nocar 


r. | "Highest est radi diiof 


iv. | Forms the most 
stable nitrides 


metals 


among the nm | 
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9, “For soditi, correct combination is: | 


(1) d-iv-r (2) d-iv—s | 
(3) d-iv-r, s (4) b-ii-r,s i 


tQ? . . 
68 ss ie given below by appropriately matching the 
an given in three column of the following table. 


f st Characteristics Characteri 
“Ee 6 ristics Numerical Value Type 
ry elements ha a S 
| g> E Carbonates of p. Sulphates of alkali 
‘ wall ies on metal doweenek - What is the relative abundance of soldium by weight in the 
heating gives: alum. earth’s crust? 
oxides + CO; 2 T ‘ , F 
2 - Trona ts a natural hydrated mixed compound of sodium 
dear 7 With Re TTEN TARNEN found in nature. In one molecule, how many sodium 
b 


O,, on heating 
alkali metal forms 
superoxides 


colouration bicarbonate molecules are present? 


. Washing soda on standing in air effloresces. How many 
water molecules are lost? | 


iii. (Nitrates of alkali |r. | Least reducing 
metal on heating character 


4. Copper sulphate reacts with NaCN to form a cyanide 
gives: Oxides + 


complex. Write the balanced equation and find the number 


NO, +0; of NaCN molecules involved in the equation for one mole 
iv. Nitrates of alkali |s. | With excers of of CuSO,. 
metal on heating O,, on heating 5. Calculate heat of solution of NaCl from the following data: 
gives: Nitrites | alkali metal forms Hydration energy of Na® = — 389 kJ mol! 
+O, peroxides 5 7 
Binc eae Hydration energy of Cl~ =— 382 kJ i 
colouration | Lattice energy of NaCl = -776 kJ mol 
a a aes cos 6. Potassium iodide reacts with acidified K,Cr,O-. How many 
6. For caesium, correct combination is: } 2 2-1 
.. a moles of KI are required for one mole of K,Cr,O-? 
haat eee 7. On heating 8 moles each of Li,CO, and K,CO,, how 
3) bit Abii . On heating 8 moles each of Li,CO, and K,CO,, how many 
i i wa ( ) cia moles of CO, evolved? 
l. For lithium, correct combination is: 
ool . 8. How many alkali metals are known? 
(1) CH, iii—s (2) ci—p 
(3) iip (4) c-i, iii-p 9. i aa water molecules are associated with washing 
. DT soda? 
8. For potassium, correct combination is: j l 
(1) aii, iv-q (2) a-ii-q 10. os = ares oa are produced, on hydrolysis 
awi eta of five moles of Li,N? 


<=... Ae See I 


IEE Main Multiple Correct Answers Type 
Single Corr 1. The compound(s) formed upon combustion of sodium metal 
ect Answer Type in excess air is/are 
L. The main oxides formed on combustion of Li, Na and K in (1) Na,O, (2) Na,O 
excess of air are respectively: (3) NaO, (4) NaOH 
(1) LLO, NaO, and KO, (2)Li,O, Na,O and KO, | (IIT-JEE 2009) 
(3) Li,0,, Na,O, and K,O (4 \Li,O> Na,O, and KO, 2. The pair(s) of reagents that yield paramagnetic Species is/ 
(JEE Main 2016) are | 
JEE ADV (1) Na and excess of NH, (2) Kand excess of O, | 
| ANCED (3) Cu and dilute HNO, (4) O, and 2-ethylanthraquinol | 
| ingle Correct Answer Type l (JEE Advanced 2014) | 
L An aqueous solution of Na,S,0; on reaction with Cl, gives | 
(1) Na,S,0, (2) NaHSO, 
(3) NaCl (4) NaOH 


(IIT-JEE 2008) 


Answers Key 


31. (1, 2, 3) 32. (1, 2, 4) 33. (2,3, 4) 

Single Correct Answer Type 37. (1,2) 38. ey - - P 

LD 26) 30) 49 SC) pe ee A ree 45. (1,3) i 

= a o 13A AT 24 

1.3) 12.(4) 13.2) 14.1) 15.4 pia . 

16. (1) 17.(1)  18.(4 19. (3) 20. (3) Linked Comprehension Type 

21.(1) 22.1)  23.(1) 24. (2)  25.(4) (1.4) 2.(1) 3. (1) 4. (2) 5. (4) 

26.(1) 27.1)  28.(1) 29%. (1) 30.63) 6. (4) 7.(1) 8. (2) 9. (3) 10. (2) 

31.(1)  32.(4) 33.3) 34. 2 n y 1.0) 121)  13.(1,2) 14.1)  15.(1) 

36.1) 37.4 38. (4)  39.(1) ' 16.(2) 17.1) 18(1) 19. (1)  20.(1) 

41. (4)  42.(2) 43. (4) 44. (3) 45. (1) l 

46. (3)  47.(4) 48. (3) 49. (1,3) 50. (2) Matrix Match Type 


51.(2)  52.(4) 53.(1) 54.(2)  55.(2) 
56. (3) 57.(2) 58 (1) 59.(3) —-60.(3) 
61.(4)  62.(1) 63. (1) 64. (2) «65. (2) 
66.(1)  67.(2)  68.(1) ~— 6%. (1) 70.1) 
71.(3) 7) 7.1) 74.2 75.(1) 
76.2) 77.1) 78.)  79.(1)  80.(1) 
81. (4)  82.(4) 83. (2) 84. (2)  85.(4) 
86. (1 87.(1)  88.(1) 89. (2) 90. (4) 
91. 5s 92. (3) 93. (3) 94. (3)  95.(1) 6. (4) 7. (4) 8. (1) 9. (3) 
96. (4)  97.(2) 98. (2) 99. (3)  100.(1) Numerical Value Type 

101.(3)  102.(4) 103.3) -104.(3)  105.(1) 


1.(7) 2.(1) 3. (9) 4. (5) 5. (5) 
106. (1) 107.(1) 108.(4) 109. (3) 110. (4) 6. (6) 7. (8) 8. (6) 9. (10) 10. (5) 
111. (2) 112. (2) 113. (1) 114. (2) 115. (4) | 
116. (1) 117. (3) 118. (3) 119. (1) 120. (4) ARCHIVES 
121. (2) 122. (1) 123.(2) 124. (3) 125. (4) JEE Main 


Multiple Correct Answers Type Single Correct Answer Type 


1. (1,2) 2. (1,2,4) 3. (2,4) 1.(1) 
4. (1,2) S: (2,3) 6. (1, 4) ° 
7. (1, 4) 8. (1, 2) 9. (2) JEE Advanced 
10. (1, 2, 3) 11. (3, 4) 12. (1, 2) ; 
13. (3, 4) 14, (1,2) 15. (1,2) Single Correct Answer Type 
16. (2, 3, 4) 17. (1, 2, 3, 4) 18. (1, 2, 3) 1. (2) 
19. (1, 2, 3, 4) 20. (1, 2) 21. (1, 3) . 
22. (3, 4) 23. (2,3) 24. (2, 3) . 
25. (1,4) 26. (2, 3) 27. (2. 3,4) Multiple Correct Answers Type 


28. (1, 2,3) 29. (1, 2) 30. (3, 4) 1. (1, 2) 2. (1, 2, 3) 


OVERVIEW 


12. They exist in M** oxidation state. 


an}; Alkaline Earth Metals 
se electronic configuration: ns. 


, Like alkali metals, the alkaline earth metals are also highly 

l. active and hence do not occur in the free state but widely 
distributed in nature in the combined state as silicates, 
sulphates, phosphates and carbonates. 


3, They are called alkaline earth metals because they also 
dissolve in water and produce alkaline solution. Their oxides 
are found in earth’s crust and are very stable to heat and fire. 
They have metallic properties. 

4, Cais the 5th, Mg is the 6th, Ba is the 14th, Sr is the 15th 
and Be is the 51st most abundant elements by weight in the 
earth’s crust. 

Š. Be is found in small quantities as silicate minerals beryl, 
Be AlL Si O; and phenacite, Be,Si0,. 

é. Mg occurs approximately 0.14% in sea water as chlorides 
and sulphates. Mg occurs as magnesite MgCO,, dolomite 
CaMg(CO,),, epsomite MgSO,-7H,O and carnallite 
(KCl), MgCL,-6H,O or K,MgCl,-6H,O and langbeinite 

. KMg (SO 4) deposits. 

l- Ce occurs as CaCO, in the form of limestone, marble and 
chalk. 

Important minerals of Mg are gypsum (CaSO, 2H,0) and 
fuoroptite [3(Ca (PO,),-CaF,]. 
' piens of Sr are strontianite (SrCO,) and celestite 
4): 


9, 
Flame colouration 


Peal e pea e 
Cour | — [— [ariek rea [crimson [Apple ween 


B O T 
and Mg do not impart flame colour because their IE’s 


are e ‘ 
ý very high and their outermost electrons are not excited 
ame, 


= seneral relationship throughout the group is similar to 
u at in group 1, 


oi T 
ie 2 > IE, of group 1. (Due to smaller size and 


eff than those of group 1.) 
elect : or group 2 < IE, of group 1 (removal of second 
ron in group 2 requires much less energy than that in 


t 
he case of group 1). 


13. 


14. 


15. 


16. 


a. M?” oxidation state of group 2 acquires stable inert gas 
configuration. 


b. The existence of M”* oxidation state in the solid state is 
due to AH” of MX, than that of MX compounds. For 
example, 

A-H® of MgCl =~ 125 kJ mol" 
AH? of MgCl, =~ 642 kJ mol” 
2MgCl —> MgCl, + Mg 


Se 
Disproportionation cto’ == 042- 2(=125) 
=-— 392 kJ mol | 


c. The existence of M°“ oxidation state in aqueous solution 
is due to high (negative) enthalpy of hydration of M7 
ion which counterbalances high IE, value. 


Group 2 elements are highly electropositive and hence 
metallic. The metallic character increases down the group 
(1). But they are less metallic than group | elements. This 
is due to small size and high IE, as compared to group | 
elements. Therefore, their tendency to lose valence e's is 
lesser than those of group | elements. 


They have higher melting and boiling points as compared 
to those of group 2 elements because of their smaller size 
and more close-packed crystal lattice as compared to group 
1 metals. Down the group (J) there is no regular trend in 
their melting and boiling points. 

The decreasing order of reducing ch 


) aracter in aqueous 
solution decreases down the group (4). 


The less negative value for Be is due to high (negative) 
hydration energy (due to the small size of Be") 
high (positive) value of the enthalpy of 
metal. Hence, Be does not react with w 


wo) ` 2- 
É ved a Mg (Mg ag Mis) =~—2.36 V) is more negative than 
that of Be, but less negative than that of Ca, Sr and Ba. Mg 


does not react with cold water but reacts with boiling water 
or steam, 


Ca, Sr an 


and relatively 
atomuisation of the 
ater or steam. 


d Ba react with increasing vigour even with cold 
water liberating H, and forming Corresponding hydroxides 
Solubility in ammonia: Like group | metals grou 5 
metals dissolve in liquid NH, to give dee i p 


p blue solutions 


Inorganic Chemistry 

20. Anomalous behaviour of Be: 

Because of high JE, small atomic size and absence of 

d-orbitals in its valence shell, Be forms compounds 

which are largely covalent. Its salts are easily hydrolys aj 

Be shows coordination number 4 while the remaining 

members of this group can have a coordination number 

of 6 by making use of some d-orbitals in addition to 

s- and p-orbitals. 

c. It has high melting and boiling points, is harder anq 
does not react with H,O. Its oxides and hydroxides are 
amphoteric. 

d. Its carbides (e.g. Be,C and BeC,) are covalent while 
other carbides are ionic, €.g. CaC,, Be,C react with 
H,O to give CH,(g) while Mg,C, gives propyne 
(H,C — C = CH) and CaC,, BaC, and SrC, give 
acetylene (HC = CH) gas. 

21. Diagonal relationship between Be and Al: Due to 
the similarity in charge density (charge/radius ratio) 
(Be2* = 2/31 = 0.064 and Al*” = 3/50 = 0.060) and same 
EN (Be = 1.5; Al = 1.5), they resemble in some of their 
properties. For example, 


from which the ammoniated cation [MNH] can be 
recovered. The dilute solutions are bright blue in colour due a. 
to solvated electrons but concentrated solutions are bronze 

coloured due to the formation of metal clusters. 


17. Formation of oxides and hydroxides: All of them form b. 
oxides of the formula MO (M = group 2 elements). Except 
BeO, all the oxides have rock-salt (NaCl) (6:6) structures. 


They are very stable due to quite high A, H° . They have high 
melting and boiling points, have low vapour pressure, are 
very good conductors of heat, are chemically inert and act 
as electrical insulators. That is why these oxides are used for 
the basic lining of furnaces and hence are used as refractory 
materials. 

Although BeO is covalent (due to the small size of Be” 
ion) yet it has high melting point, because of its polymeric 
nature. BeO has a wurtzite (4:4) type structure. 

All these oxides except BeO react with water to form 
sparingly soluble hydroxides. The reaction of these oxides 
with water is called slaking. Be(OH), is amphoteric while 
others are basic. 


The solubility, thermal stability and basic character of 


sue: a. Both are resistant to the action of acids due to a 
these hydroxides increase down the group ($). 


protective film of oxide on the surface. 
18. Halides: All the halides of these metals are ionic except b. 
halides of Be (e.g. BeX,). BeX, exists only in gas phase 


Both form soluble complexes with strong alkali, for 
example, beryllates [Be(0H),] and aluminates 


but in condensed phase it exists as polymer. [AI(OH) Hi 


The tendency to form halide hydrates gradually decreases c. Both BeCl, and AICI, have bridged chloride structure 

down the group (1). For example, MgCl,-6H,O, CaCl,-6H,0, in vapour phase and both act as strong Lewis acids. 

SrCl,-6H,O and BaCl,-2H,0. d. Carbides of both, e.g. Be,C and Al,C,, liberate CH,(g) 
19. Salts of oxoacids: on reacting with water. 

a. Carbonates: BeCO, is prone to hydrolysis and can e. Both have strong tendency to form complexes, e.g. Be 


forms tetrahedral complexes [BeF ae and [Be(C,0,),] 
whereas Al forms octahedral complexes, e.g. [AIF] 


be precipitated in the atmosphere of CO,. The other i 
carbonates are all sparingly soluble in water. The 


thermal stability of carbonates increases down the group and [Al(C,0,);} 
(4). 22. Extraction of Mg: 
b. Sulphates: All sulphates are white, soluble and stable a. From magnesite: The ore is first calcined to form oxide 


to heat. The solubility of sulphates decreases down the 
group (+). The high hydration (negative) enthalpies of 
Be?’ and Mg” ions overcome the lattice enthalpy factor 
and therefore their sulphates are soluble. 


which is mixed with C and heated with Cl,(g) to give 
MgCl,. Thereafter Mg is obtained by the electrolysis 
of fused MgCl, + NaCl + CaCl, at 973-1023 K. Mg is 
obtained at cathode and Cl, is evolved at anode. 


Oxalates: The solubility of oxalates decreases down b. From dolomite: The mixed oxides [CaO-MgO] obtained 

the group (4). from the calcination of dolomite [CaCO,-MgC O,] are 
. Nitrates: They are prepared by the dissolution of reduced with ferrosilicon (FeSi) under reduced pressure 

carbonates in dilute HNO,. All of them decompose on above 1273 K to give (2Mg + Fe + Ca,SiO,). 

heating as c. From carnallite: The ore is dehydrated with HCI() 

2M(NO,), —*, 2MO + 4NO, + O, and the mixture of fused KCI and MgCl, is electrolysed 

Nitrates of Sr and Ba are used in pyrotechnics for giving to give Mg as explained in the chapter (refer to 

red and green flames. Section 5.8). 

d. 


Thus, Ca, Sr and Ba are highly electropositive, have 
high negative EC req Values and show systematic trends 
in the solubility of their oxo salts. 


From sea water: Sea water containing MgCl, is 
concentrated under the sun and is treated with Ca(OH); 
Mg(OH), is precipitated, filtered and heated to give 
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de, The oxide is reduced and electrolysed as 


ye chapter (refer to Section 5.8). 

Some important alloys of Mg are 
ioys ° tomobile engines and in aeroplanes which contain 
ed a 19% Al and 1% Zn. 


nt compounds of Ca and Mg: 


d. Calcium carbonate or limestone (CaCO,): It occurs 
in nature as chalk, marble, corals, calcite, aragonite 
etc. and with Mg, as dolomite. It is used as flux in the 
extraction of Fe, as an antacid, in tooth paste, chewing 


gum, in the manufacture of high-quality paper and as a 
filler in cosmetics. 


25. Portland cement: The composition of Portland cement is 


Icium oxide (CaO): It is prepared by 
at 1273 K in lime kilns. When 
yhydrogen flame, it emits a brilliant white 
ht). It absorbs moisture and CO, to form 
Ca(OH), and CaCO, respectively. 

he addition of limited amount of H,O 
f lime into a fine powder and 
led slaking of lime. Quicklime slaked 
lution is known as limewater and 


isintegrates the lump o 


with its aqueous SO 
, suspension of slaked lime in water is called milk of 
lime. It is used as a building material in the form of 
mortar and in the preparation of bleaching powder. 

= Plaster of Paris (CaSO,-1/2H,0): It is obtained by 
heating gypsum (CaSO,-2H,O) at 393 K. 
2(CaSO,;2H,0) —> 2(CaSO,), H,O + 3H,O 


(— al 


1 


When wetted with one-third of its weight of water, it sets 
with expansion into a hard mass. When heated above 
473K, it gives anhydrous CaSO, which does not set on 
mixing with water and is known as dead burnt plaster. 
Itis used in surgical bandages, in casting, moulding and 


Magnesium sulphate (MgSO,-7H,O) or 
(Mg(H,0),JSO,-H,O: It is obtained from mineral 
magnesite (MgCO,) or dolomite [CaMg(CO3))] 
on treatment with H,SO,. It is isomorphous with 
4080-70. The double salt, K,SO,-MgSO,-6H,O 
Is used as a fertiliser in the name of potash magnesis. 
Ít is used in the fireproofing of paper and cloth and as 
Purgative in medicine. 


CaO (50-60%), SiO, (20-25%), Al,O, (5-10%), 
MgO (2-3%), Fe,O, (1-2%) and SO, (1-2%). 
For good quality cement: 
SiO } 
02 = (25-4) and ————* ____=2 
AlL,O, (SiO, + ALO, + Fe,0;) 


The important ingredients present in cement are dicalcium 
silicate, 2CaO-SiO, (26%), tricalcium silicate, 3CaO : SiO, 
(51%) and tricalcium aluminate, Ca, ALO; (11%). It is used 
in concrete and reinforced concrete. 

. Biological importance of Mg and Ca: Mg” ions are 
concentrated in animal cells while Ca” ions are concentrated 
in body fluids outside the cell. Both Mg” and Ca” catalyse 
a number of enzymatic reactions. The energy is stored in the 
form of phosphate linkage in ATP. The formation of these 
linkages is catalysed by Mg” and Ca” ions. However, the 
hydrolysis of phosphate linkage is catalysed by Ca” ions 
with the release of energy. The daily requirement of Ca” 
and Mg” ions in the human body is 200-300 mg. 

. Some important information: 


a. Sulphates of the second group on reduction with carbon 
give sulphides, e.g. 


BaSO, + 4C —™ BaS +4CO 


b. Magnesium perchlorate (MgClO,) is used as drying 
agent and is called anhvdrone. 

c. Mg(OH), is called milk of magnesia. 

Na,SO,-10H,O is called Glauber 5 salt. 


pa 


Fly ash: It is a waste product from iron industry and has 
properties similar to that of cement. It mainly consists 
of CaSi0, (calcium silicate). 
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5.1 GROUP 2 ELEMENTS—ALKALINE state as silicates, carbonates, phosphates and sulphates, | 


Beryllium is the 51st most abundant element by weight foung ; 
EARTH METALS the earth’s crust. It is found in small quantities in amber, ! 
Group 2 comprises beryllium (Be), magnesium (Mg), calcium as silicates. f 
(Ca), strontium (Sr), barium (Ba) and radium (Ra). They follow Beryl Be,Al,Si,O, 8 / 
alkali metals in the periodic table. Group 2 elements except Be Phenacite Be, SiO, j! 
are known as alkaline earth metals. The name alkaline earth Magnesium is the 6th most abundant element by weight found in p 


metals was initially given to magnesium, calcium, strontium and the earth’s crust as carbonate, sulphate and silicate. ‘ 
ner because they react with water to give hydroxides which Dolomite MgCO,-CaCo, 
are a aline in nature. Magnesite MgCO, K 
Their oxides exist in earth’s crust and are very stable to heat , ny 
ai `; Epsomite MgSO, -7H,O V 
and fire, that is why the word ‘earth’ is used. All these elements d 
have low IE, and thus behave as ‘metals’. Olivine (Mg-Fe),SiO, | 
The term has now been extended to all the elements of group 2. Talc Mg,( OH),S1,0 15 2 
Radium being a radioactive element is not considered as a true Chrysotile or Asbestos Mg,(OH),Si,O; f 
representative of the alkaline earth metals. . . A 
o Mica KÊ[Mg,(OH), (AISi,0,)I° 4 


Origin of the name: 

1. The name ‘beryllium’ is derived from the Greek word ‘beryl’ 
which means ‘to become pale’. The name was given to the 
metal once it was discovered that beryllium was an element 
in the pale semi-precious gemstone beryl. 


Calcium is the 5th most abundant element in the earth’s crust, and 
it occurs throughout the world in many common minerals. 
There are wide sedimentary deposits of CaCO, existing as whole 
mountain ranges of limestone, marble and chalk and also as 
coral. Other important minerals of calcium are 


2. The name apnee 1S derived from the Greek district - Fluoroapatite [3(Ca,(PO „))- CaF] 
‘Magnesia’ in Thessaly. Magnesium was abundant as oxide G be CaSO,.2H O 7 it 
and carbonate ore in the region and therefore became one i 402 aif 

Anhydrite CaSO, g 


referred to as stones from Magnesia. 
3. The name ‘calcium’ is derived from the Latin word ‘calx’ 


Strontium and barium are much less abundant, but are well known 
as they occur as concentrated ores which are easy to extract. 


ali = een l Strontium is mined as celestite (SrSO,) and strontianite (SrCO,). 2 

4. ‘Strontium’ was named after the town of ‘Strontian’ in Barium is mined as barytes (BaSO,). i 
Scotland, where the element strontium was first isolated Radium is extremely scarce and is radioactive. It was first z 
from the mineral ‘strontianite’. isolated by Pierre and Marie Curie by processing many tons of k 
5. The name ‘barium’ is derived from the Greek word ‘barys’ the uranium ore (pitchblende). x 
which means ‘heavy’. The oxide was first called barote y 
by Guyton de Morveau which was changed by Antoine 5.3 GENERAL TRENDS IN ATOMIC Å 
Lavoisier to ‘baryta’, which was modified to ‘barium’. AN D PHYSICAL PROPE RTI ES ù 
: fn nw . c . , m a 
6. The name ‘radium’ originates from the Latin word ‘radium’ A1] the alkaline earth metals exhibit a striking resemblanc? in A 
meaning ‘ray’ because of its ray emitting power. It was iheir phosical and chem ; sé, : w E 
discovered by Pierre and Madam Curie in 1898 in France. ep ee a a — ' 
number due to their similarity in electronic configuration. I 
X 


5.2 ABUNDANCE AND OCCURRENCE 


Alkaline earth metals are highly reactive and hence do not occur in 
the free state but are widely distributed in nature in the combined 


Table 5.1 Atomic and physical properties of alkaline earth metals 


The trends obtained in the variation of various atomic and 
physical properties are given in Table 5.1 and are explained 
here 
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oNIcC CONFIGURATION 
ə electronic configuration of alkaline earth metals consists of 


¿noble gas core with two valence electrons in the outermost ns” 
hell (Table 5.2): Therefore, the general electronic configuration 
of alkaline earth metals is ns? (where n = 2 to 7). Since all the 
c|kaline earth metals have identical configuration, ns? in their 
valence shell, they have similar physical and chemical properties. 


Table 5.2 E on of alkaline earth metals 


lectronic configurati 


T z 
J E Sigh tary =H 


5.3.2 ATOMIC AND IONIC RADII 


| as the ionic radii of the alkaline 
f the preceding alkali metals 
Ji metals in the same period). 


Statement: The atomic as wel 
earth metals are smaller than those © 
(ie. the corresponding member of alka 
Explanation: Alkaline earth metals have g" eater nuclear charge as 
compared to alkali metals, due to which effective nuclear charge 
increases and the electrons are more strongly attracted evan 
nuclei, causing a decrease in atomic O 

Down the group (1), the atomic as 
with an increase in atomic number. 
Statement: Radius of calcium 18 dis 
Explanation: At calcium, the 3d and 45 orbitals h 
energy. Hence, the 457 electrons are free to MOVE 10 
leading to an expansion in the size of the atom. Hence, t 
of calcium is disproportionately larger. 


5.3.3 IONISATION ENTHALPIES | 
Statement: Alkaline earth metals have low ionis 


r ionic ra ji. 
well as jonic radii increase 


proportionately larger. 

ave almost same 
3d orbital 
he radius 


ation enthalpies. 


of alkaline earth 


heir atoms, which 
and 


ionisation enthalpies 
large size oft 
on between the nucleus 


Explanation: The low 
metals are due to comparatively 
result in weaker forces of attracti 
valence shell electrons (ns ). 
Statement: The first jonisation en 
are higher than those of corresponding group | metals. 
Explanation: Alkaline earth metals have smaller atomic size 
and larger nuclear charge as compared to corresponding group i 
metal. As a result, the force of attraction between the valence shell 
electron and nucleus is larger in case of alkaline earth metals as 
compared to alkali metals. Thus, more amount of energy is required 
to remove the valence shell electron. 
Statement: Down the group (1), i.e. from Be to Ba. ionisation 
enthalpy values go on decreasing. 
Explanation: Down the group (L), atomic size increases due to the 
addition of new shells and increase in the magnitude of screening 
oe in inner shells which overweigh the effect of a 
nuclear charge. As a result ‘alence s a 
and more nae ser ee ee a eae 
Jeens tote B i of ionisation enthalpy 
g om Be to Ba. 
Explanation: The s n a o comesponding alkali metals. 
be removed fom a as aeons in case'of alkali metals is to 
Sana n T é : ion which has already acquired a noble gas 
ation. For example, 


thalpies of alkaline earth metals 


Ly 29, 

(Stable noble 
. Bas Configuration) 
| While in the 
IS to be remoy 
the stable 
Be tlt: 

W ~L Be” 


» 
lać 2,2 


case of alkali 
Se of alkaline earth metals, the second electron 
on rale . 
noble pas ' aoa alent cation, which is yet to i 
gas configuration y se 


+k) | 
+E, pe? 


’ 
ls“? l 5 
Ra 2,0 
ls 25 


(Stable noble gas configuration) 
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Therefore, the removal of the second electron is more easy and 
requires less energy in case of alkaline earth metals as compared 
to alkali metals. Therefore, the second ionisation enthalpies of 
alkaline earth metals are smaller than those of corresponding alkali 
metals. 


5.3.4 OXIDATION STATES 


Statement: Alkaline earth metals exhibit a stable oxidation state 
+2 in their compounds. 


Explanation: The alkaline earth metals have two electrons in their 
valence shell and by losing these electrons, these atoms acquire 
stable noble gas configuration. 
2+ 
Me) 
(Noble gas) 


Mio IE, + TE, +269 


(Noble gas) ns* 


TE, + IE> 
Mg(e) ——!—=:_» 


[Ne]3s7 


Mg (a) + 2e° 
[Ne] 3s° 

(Stable noble gas 

configuration) 
Statement: Even though the energy required to form M” ion, 
i.e. sum of first and second ionisation enthalpies, is very high, 
particularly for the lighter elements of the group, alkaline earth 
metals readily form dipositive ions, M?” in their compounds. 
Explanation: The first ionisation enthalpy IE, is nearly half of 
IE, and therefore alkaline earth metals should exhibit a stable +1 
oxidation state rather than +2 oxidation state and form Mg”, Ca”? 
ions instead of Mg”, Ca® etc. This shows that ionisation enthalpy 
is not the only factor in determining the oxidation state. 
Alkaline earth metals exhibit a stable +2 oxidation state in 
their compounds due to the following: 

1. In divalent ions, M’* have stable noble gas configuration, 


e.g. 
Mg — > Mg” + 2e° 

[Ne] 3s? [Ne] 3s? 
(Stable noble gas 


configuration) 

2. In solid state, the existence of divalent ions is due to greater 
lattice energy released when MA, is formed rather than 
MA compound; which compensates for the high second 
ionisation enthalpy. 

3. In aqueous state, the existence of divalent ions is due to 
greater hydration enthalpy of divalent ions. The divalent 
ions have greater positive charge density as compared to 
monovalent ions. They get hydrated to greater extent and 
the high hydration enthalpy released compensates for the 
second ionisation enthalpy. 

Although the second ionisation enthalpies of alkaline earth 
metals are almost twice of the first ionisation enthalpy, they form 
only bivalent rather than monovalent compounds. 

This can be illustrated by making use of Born—Haber cycle for 


the formation of MgCl, and MgCl, 


Born—Haber cycle for the formation of MgCl, 


1 
D 
(Mg t 2 Agiss H (Cly) 


A. H9, + AHS 


AH Mec) = sub ~ (Mg) 
+ AH (cy + AHG (Mec) 
7 [ 50+ 737+ ; (244) - 348 - 786| kJ mor”! 


=—125kJ mol! 


That is, enthalpy of formation for MgCl is -125 kJ mol’. 
Born—Haber cycle for the formation of MgCL,,q): 


Mg, + Cle) SF vec Mech) 5 MgCl,,, 
Aali, (Mg) | AN H 
Mg) 2C\,,) AIE en 
AHS HARA 2e teaa 
Mgs @ + 2C1, (g) 
© > 5 5 
AH” gc) =A,gH + AH; ime) + AHZmMe) + AaissH (c) 


+ 2A, icy + AH agen 


= [150 + 737 + 1450 + 244 — 2(348) 
— 2527] kJ mol” 
=— 642 kJ mol! 

Thus, enthalpy of formation of MgC L(g) Is -642 kJ mol”. 
Thermodynamically, the reaction is feasible but any attempt to 
isolate MgCl or other M® salts of alkaline earth metals have failed. 
This is due to much higher enthalpy of formation of MX, type of 
compound (e.g. MgCl,) as compared to MX type of compound 
(e.g. MgCl). 


l 
= Clg) — MgCl.) 


Ms) F 2 


The much higher value of enthalpy of formation of MX, type of | 


compound (e.g. MgCl,) leads to disproportionation of MX (i.e. 
MgCl), i.e. (2 MgCl > MgCl, + Mg). 
This can be explained with the help of the following illustration. 


Given, the enthalpy of formation of MgCl.) is -125 kJ mol” 
and the enthalpy of formation of MeCly i i — 642 kJ mol”. 
Predict whether MgCl will undergo disproportionation or not? 
If yes, calculate the enthalpy of disproportion. 
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—> MgCl); AH,” =- 125 kJ mot" 
r g 


T Clog) MgCl; AH,” =— 642 kJ mol! 
pi MZ ortionation of MgCl is 
c DIP (2+) (0) 


vec > MgCl.) + ae AH, =? 
_ = [- 642 - 2 (-125)] kJ mol | 
| _ 392 kJ mol! 


. ce the enthalpy of disproportionation is exothermic and much 
m omnpared to the formation of MgCl... therefore, MgCl... 
cad undergo disproportionation reaction. 
i f . : , B E 
\ enthalpy of disproportionation of MgCl. = -392 kJ mol ; 
fatement: Alkaline earth metals do not exhibit an oxidation 
sta : 
yi of +3 in their compounds or MX, type of compounds are 
got known. ; a | 
Explanation: For the formation of M” ion, the third electron 
has to be removed from an inert gas core, which is highly stable. 
IE 
Me 


(Noble gas} ns? 


-e [Noble gas] ns! [Noble gas] ns? 


The third ionisation energy of these elements is too high to 


allow the formation of M*”. Hence, MX, type of compounds are 
not known. 


5.3.5 ELECTROPOSITIVE CHARACTER OR METALLIC 
CHARACTER 


Statement: Alkaline earth metals possess strong electropositive 
character or metallic character. 


Explanation: Due to their relatively low values of ionisation 
enthalpies, alkaline earth metals have a strong tendency to lose 
both the s-electrons present in their valence shell (ns*) to form 
tipositive ions. Thus, these elements possess strong electropositive 
metallic character. 
Statement: As compared to alkali metals, alkaline earth metals 
att less electropositive or less metallic. l 
Explanation: The atomic size of alkaline earth metals 1s small as 
Compared to alkali metals and hence ionisation enthalpy of ane 
“arth metals is more as compared to alkali metals. corinne i 
akaline earth metals have less tendency to lose valence S$ a 
“ectron as compared to alkali metals and hence they are a 
| tlectropositive or less metallic. For example, out of Na and Mg, 
| Mg is less electropositive or less metallic. Te 
Statement: Down the group (1), the electropositive or meta 
character increases. i 
Explanation: Down the group (1), the atomic size of open 
“arth metal increases and ionisation energy decr ie and 
esult, tendency to lose valence shell electron increases a 
“€ctropositive or metallic character increases down pri a ; 
Electropositive character Be < Mg < i < Ba 
Metallic character Be <Mg<Ca< 9r 
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5.3.6 PHYSICAL PROPERTIES 
Statement: Alkaline earth metals as compared to alkali metals 
tallic bonding. 

aie e earth ea have stronger metallic bonding 
as compared to alkali metals due to: 

1. Decrease in the size of the kernels. 

2. Increase in the number of valence electrons available for 

metallic bonding. 


5.3.6.1 Crystal Structure 


The smaller size and stronger metallic bonding results in closer 
packing in the metallic lattice. In the solid state, beryllium and 
magnesium adopt a hexagonal closed packed structure (hcp), 
calcium and strontium a face-centred cubic structure (fcc) and 
barium a body-centred structure (bcc). 


As a consequence of the closer packing in the metallic 
lattice, alkaline earth metals are (i) harder, (ii) denser, 
(iii) have high melting and boiling points and (iv) have higher 
heat of atomisation than alkali metals. 


5.3.6.2 Hardness 


Statement: The hardness decreases (or softness increases) down 
the group (4) with the increase in the size of the atom. 
Explanation: Beryllium bears much the same relationship with 
the heavier members of its group as does lithium to the other 
alkali metals. With their core of two rather than 8 or 18 electrons 
(electronic configuration of Be is 15? 2s"), beryllium atoms are 
held more ti mi 
ore tightly together. Thus beryllium in comparison to other 
members of its group is harder. 
Down the 
ce group (4), due to the increase in number of non- 
onding electrons, repulsive forces b i 
attractive forces bet i es between the atoms increases or 
een the aton . ` 
bond reorit dk ns decreases 


creases. As a result 

a t 
softness increases) with the incre nae 
the group Q). 


and hence metallic 
ardness decreases (or 
ase in the size of the atom, down 


Nn 
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Softness increases ° 
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5.3.6.3 Density 


Statement: Alkaline earth metals are denser than the alkali metals. 
Explanation: As compared to alkali metals, alkaline earth metals 
have (i) smaller size and (ii) greater number of valence electrons 
available for metallic bonding. 

As aresult, metallic bonding is stronger and leads to better packing 
of crystal structure as compared to alkali metals. That is why 
alkaline earth metals are denser than the alkali metals. 


Statement: The densities of alkaline earth metals do not show any 
regular trends down the group (1). The density decreases from Be 
to Ca and then increases from Ca to Ba. 

Explanation: This irregular trend in density can be explained 
on the basis of difference in crystal structure of these elements. 
When densities are compound for elements having the same crystal 
structure, the expected increase in density with increasing size does 
occur (due to decrease in metallic bond strength). 


5.3.6.4 Melting and Boiling Points 

Statement: The alkaline earth metals have higher melting and 
boiling points as compared to alkali metals. 

Explanation: Alkaline earth metals have smaller size and greater 
number of valence electrons available as a result metallic bonding 
is stronger, which leads to more closed packed crystal lattice than 
alkali metals. Therefore, melting and boiling points are higher as 
compared to those of alkali metals. 

Statement: Down the group (1), there is no regular trends in the 
melting and boiling points of alkaline earth metals. 
Explanation: This is due to different crystal structures adopted 
by the alkaline earth metals. When melting and boiling points 
are compared for elements having the same crystal structure, the 
expected decrease in melting and poiling points with increasing 
size does occur (due to decrease in metallic bond strength). 


5.3.6.5 Thermal and Electrical Conductivity 

Alkaline earth metals are good conductor of heat and electricity. 
On account of presence of two loosely bound valence electrons 
per atom which can move freely throughout the lattice structure, 
the alkaline earth metals are good conductor of heat and electricity. 


5.3.7 FLAME COLOURATION 


Statement: Alkaline earth metals except beryllium and 
cede impart a characteristic colour to the Bunsen flame. 


| Element nt | Be i Mg g Ba 
co a Crimson Apple 
? green 


healt When alkalis ine xe earth metals or r their salts are exposed 
to the Bunsen flame, the outermost electrons of the respective 
atoms are excited. When these electrons come back to the ground 
state they emit radiations corresponding to the energy difference 
between the excited state and ground state in the form of visible 
light of particular wavelength. Giving the same amount of energy, 
the electrons in the atoms having higher ionisation energy will be 
excited to lesser excited state hence while coming back they will 
release lesser amount of energy which will correspond to lower 


frequency, i.e. higher wavelength. Calcium, therefore, emits req | 


radiation and barium green. 

In the case of beryllium and magnesium, the electrons in 2, 
and 3s orbitals respectively are strongly bonded to the nucleus 
due to their small size. Hence, they are not excited by the amount 


of energy available from the Bunsen flame. So, beryllium ang | 


magnesium do not impart colour to the Bunsen flame. 


The M2" ions of the alkaline earth metals are much smaller 
than their M® counterparts in group | because of the increased 


nuclear charge. This leads to: 
1. More hydrate formation in group 2 due to stronger ion 


—dipole interaction. 

2. Increased covalent character of the compounds due to 
increased polarising power of the small, doubly charged 
cations. 

3. Greater increase in lattice enthalpy for the corresponding 
compounds which results in lower solubilites. 


5.3.8 HYDRATION ENTHALPY 


Statement: Like alkali metal ions, the hydration enthalpies of < 


alkaline earth metal ions decrease down the group ( H. 
Explanation: Down the group (4), size of the metal ions M”) 


increases, as a result the charge density (charge/radius ratio) ` 


decreases and degree of hydration decreases. Consequently, the 


amount of energy released on hydration, i.e. hydration enthalpy 
also decreases down the group (J). 

Statement: The hydration enthalpies of group 2 ions are four to 
five times greater than for the corresponding group | ions. 


Explanation: This is due to the (i) size of group 2 ions whichis | 
smaller as compared to group | ions and (ii) charge on group 2 » 


ions is greater as compared to group 1 ions. 


As aresult, the charge density (charge/radius ratio) on group 2 | 


ion is higher as compared to group 1 ion. Consequently, group 2 
ion is hydrated to greater extent and has greater hydration enthalpy 
as compared to group | ion. For ee Mg” 
hydration enthalpy as compared to Na® ion. 


ion has greater — 


Due to greater degree of hydration, the clin compounds of ` 


group 2 have more tendency to retain the water of crystallisation 
than the corresponding group | compound. Thus, magnesium 
chloride and calcium chloride exist as MgCl,6H, O and 
CaCl,-6H,O, whereas sodium chloride and potassium chloride 
exist in the anhydrous form as NaCl and KCl. 

Statement: Beryllium chloride exists as BeCl,-4H,0, magnesium 
chloride as MgCl,-6H,O, calcium chloride as CaCl,-6H,0: 
strontium chloride as SrCl, ‘6H,O, and barium chloride as 
BaCl,-2H,O. 

Explanation Beryllium chloride exists as BeCl,-4H,O or more 
exactly [Be(H,O),|CL,. sp? Hybridisation taeda 


Due to the absence of low lying d-orbitals, Be cannot expand) 5 
coordination number beyond four and hence [(Be(H, 0), (C! L 
is formed. 

In other cases, due to the availability of low lying d-orbitals 
higher coordination number, i.e. 6 is achieved, e.g. MgCl; 6H,0 


s-Block Group 2 Elements: Alkaline Earth Metals 5.9 


2 3 4 . 
iss as [MgH,O)6] * Psp Hybridisation (octahedral 


rw „n the group (4), with the increase in size of the 
“gut oy charge density (charge/radius ratio) decreases and 
ai ‘eat degree of hydration decreases. As a result. the 
aan to retain water molecule of crystallisation decreases and 


oo barium chloride exists as BaCl,-2H,0. 
Í 


39 NATURE OF COMPOUND FORMED 
9 ent; Alkaline earth metals predominantly form ionic 
punds. The tendency to form ionic compound increases down 

Eth (). The first member Be forms covalent compounds, 

| s shows some tendency for covalence, all other elements 
srnionie compounds. 
pxplanation: Due to their low ionisation energies, alkaline earth 
netals predominantly form ionic compounds. The tendency to 
ùm ionic compounds increases down the group (1), due to 
¿crease in ionisation enthalpies from Be to Ba. 


According to Fajans’ rule, beryllium due to its small size and 
"high charge density (charge/radius ratio) polarises anion to such 
a extent that the nature of compound becomes covalent. Down 
he group (4), with the decrease in charge density of the alkaline 
| earth metal ions, tendency to polarise the anion also decreases and 
the nature of the compound changes from covalent to ionic. Thus, 
Mg shows some tendency for covalent character, and Ca, Sr and 
Ba form ionic compounds. 


gtatem 


Statement: As compared to alkali metal compounds, corresponding 
kaline earth metal compounds are less ionic. 
Explanation: Alkaline earth metals have smaller size and greater 
charge as compared to corresponding alkali metals. As a result, 
targe density (charge/radius ratio) of alkaline earth metal is 
Seater and they have more tendency to polarise the anion, thus 
ieir compounds are more covalent or less ionic as compared to 
alkali metals. 
^lternatively; Alkaline earth metals have greater ionisation 
“"ergies as compared to corresponding alkali metals. As a result, 
hey have less tendency to form cation as compared to alkali metals. 
vue, alkaline earth compounds are less ionic as compared to 
| “Tesponding alkali metals. 
Statement: Beryllium compounds in the anhydrous state 
ĉe covalent, whereas on hydration, the nature changes ae 
ai to ionic e.g. BeCl, is covalent whereas BeCl,4H, 
In nature, 
: Explanation: In the anhydrous state, the charge density (chasis 
"adius ratio) of Be? is high and thus Be” has high ae. 
bility and it polarises the anion (C1?) to such an extony nes 
“Compound becomes covalent. However, H 
a (Be(H,0),]" is formed. The piepie A 
es and its polarising ability decreases 


In water, beryllium salts have distinctively acidic character, 
e.g. BeCl, in water gives an acidic solution due to hydrolysis. 
This can be explained as follows: 

In water, beryllium chloride is present in the hydrated form, 
i.e. BeCl,-4H,0 or [(Be(H,O),]”' (Cl) “;. Due to small size and 
high positive charge on Be2". the four water molecules are so 
strongly bound to the metal ion that oxygen—hydrogen bonds are 
considerably weakened, thus making the hydrolysis possible via 


a transfer of a proton to the solvent water molecule. 


2+ H H D 
Oo” 
H-H | 
a 
4 +H,O Be 
Be —— a Z A ~~ OF 
K e— i 
ot a 97H +H,O” f O fs 
H- O° On H nrg 
/ VA, PS H / 
H H H 
Be2+ : sp? hybridised 
(Tetrahedral geometry) mo] |-#.0 
H i 
Hy o i | 
yo | 
Be | 
< | 
H a | OH | 
` OH 
H^, | 
+H,0°| |H p ~ 
” 
OH 2- =e 
| A\o/H | z 
H.O vy 
EN — Be | 
HO OH OM| +H,0® ae 
i HO OH OH 


Beryllate ion 


The hydrolysis is accelerated 
removal of the protons by 
beryllium salts have distin 
ions, which inter 


to appreciable e 


' in alkaline solution, due to the 
the hydroxyl ions. Th 
ctly acidic y 
act less Strongly wi 
Xtent in solution, 
5.3.10 SOLUBILITY AND 
The lattice enthalpies of com 

. ; ‘ 
much higher than that ofco 

ae 

to the decreased 


us in pure water 
lature, Other group 2 metal 


th water, do not hydrolyse 


LATTICE ENTHALPY 


UNAS Of alka); 
ds of alkaline earth metals are 


alkali met TE 
R al 
eased char S. This is due 


Xample, latt; 8¢ of the ions of alk li 
higher as compare > lattice enth aline 
‘ to al o 

Taking any Particy| KCl. Py of MgCl, 

the size of the p e gu anion (i) the] 


Size ; 
earth metals. For ẹ 


is much 


eis € attice enth 
nd (ii) the } -© S INcreag . alpy decre 
*(H,0), CL, thus is ionic. H.O),] if size ofthe ation entha y ` [Lattice enthalpy oc eae. 
| Simi] valent, whereas [Be(H,0)4 Metal ion SO decreases With the į my 
arly, BeSO,,, Be(NO3), are co a . ith the increase in 


0, [BeH 20),1(0NO}), are ionic. 4 ) 
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For acompound to dissolve, its hydration enthalpy must exceed 
the lattice enthalpy. 


Down the group (+), with the increase in the size of the metal 
ion both lattice enthalpy and hydration enthalpy decrease. 
e Decrease in lattice energy, down the group (4) favours 
solubility. 


e Decrease in hydration enthalpy, down the group (1) favours 
insolubility. 

Lattice enthalpy and hydration enthalpy thus change in opposite 
directions and the net result depends on which of the two has 
changed most. 

Down the group (J), if the lattice enthalpy decreases more 
rapidly than the hydration enthalpy, the solubility of the compound 
increases. This is true for the compounds with smaller anions like 
hydroxide, i.e. Be(OH), is less soluble than Ba(OH),. 

On the other hand, if the lattice enthalpy decreases less rapidly 
than the hydration enthalpy, the solubility of the compound 
decreases. This is true for compounds having larger anions like 
carbonates, sulphate, acetates, chromate etc. 

In such cases, since the size of the cation is negligible as 
compared to the size of anion (r°<<<y°), 

Lattice enthalpy thus is mainly dependent on the size of the 
anion and thus decreases very slowly and is not compensated 
by hydration enthalpy. That is why in compounds having larger 
anions, solubility decreases down the group (1), e.g. BeSO, is 
more soluble as compared to BaSO,. 


5.3.11 REDUCING PROPERTY 


Statement: Alkaline earth metals act as strong reducing agents. 


Explanation: Alkaline earth metals owing to their low ionisation 
enthalpy have a strong tendency to lose their valence electrons and 
thus behave as strong reducing agent. This is indicated by large 
negative values of their reduction potential. 

M —> M” + 2e” 

Statement: Reducing character increases down the group (J). 


Explanation: Down the group (J) from Be to Ba, ionisation energy 
decreases and hence tendency to lose valence electrons increases. 
Thus, reducing character increases from Be to Ba. 


Beryllium has less negative value as compared to other alkaline 
earth metals. However, its reducing nature is due to large hydration 
enthalpy associated with the small-sized Be?” ion and relatively 
large value of enthalpy of sublimation of beryllium. 


The standard electrode potentials [M7 at 26° + M, | of the 
8 
alkaline earth metals, show that Be and M g to certain extent are 


poor reductants or reducing agents than the heavier members of 


the group. This difference in electrode potential can be explained 
on the basis of the fact that electrode potential embodies all the 
energy changes in the process (Table 5.3). 


Asub HO ) IE; HIE, y M2+ Anya? 
Mis) Me ~2e° Me — Me 


(aq) 


Table 5.3 Enthalpy changes for electrode half reactions 
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The enthalpy change is most positive for beryllium and magnesium. 


Statement: Alkaline earth metals are weaker reducing agents than 
corresponding alkali metals. 


‘Explanation: Since the ionisation enthalpies of alkaline earth 


metals are higher as compared to corresponding alkali metals, 
alkaline earth metals are weaker reducing agents as compared to 
corresponding alkali metals, e.g. Mg is weaker reducing agent as 
compared Na. 

All the alkaline earth metals are powerful reducing agents and 
reduce many oxides and halides. 
3Mg + ALLO, —> 3MgO + 2Al 
2Mg + TiCl, —> 2MgCl, + Ti 


The second ionisation enthalpy of the elements of group | are 
higher than those of elements of group 2. Explain. 


The second electron in case of alkali metals is to be 


removed from unipositive cation which has acquired highly stable 
noble gas configuration, e.g. 


Na —=L, Na* y Na** 
[NeBs! 7e [Ne]3s° -e 


(Stable noble 
gas configuration) 
Whereas in case of alkaline earth metals, the second electron is 
to be removed from a cation which will acquire the stable noble 
gas configuration after the removal of second electron. e.g. 


Mg +IE, Mg® — E: Mg” 
[Nes © Neps E [Ne]3s° 


That is why the second ionisation enthalpy of group | elements 
is much higher than those of g group 2 elements. 


What is the order of the second ionisation enthalpy of K, C3 
and Ba? 


| Sol) K>Ca>Ba 
Since the second ionisation enthalpy of alkali metals is much 


higher as compared to alkaline earth metals. Also, down the grou? - 
(v), ionisation energy decreases and hence the order. 


aline earth metals are harder, have higher melting 
d higher densities than the alkali Metals? 


atoms of alkaline earth metals are smaller than the 
ding alkali metals? 


hy alk 
a ints an 
why the 
Í respon ‘ 

a alkaline earth metals have high electrical and thermal 


t yctivities? 


cond 
| at is black ash? 

od why the variation in physical properties of alkaline earth 
„lements is not as regular as in the case of alkali metals? 


P 


fA Alkaline earth metals have smaller size and stronger metallic 
bonding as compared to alkali metals, which results in closer 
packing in the metallic lattice. Consequently, alkaline earth 
metals are harder, have higher melting points and densities 
as compared to alkali metals. 


b. Alkaline earth metals have greater nuclear charge as 
compared to alkali metals, due to which effective nuclear 
charge increases and the electrons are more strongly 
attracted towards the nucleus and the atomic size decreases. 


c Due to the presence of two loosely bound electrons in the 
valence shell, which can freely move throughout the crystal 
lattice, alkaline earth metals have high thermal and electrical 
conductivities. 


d. Black ash is a mixture of Na,CO, and CaS. 


e. Since alkaline earth metals do not have the same crystal 
lattice structure, the variation in physical properties of 


alkaline earth elements is not as regular as in case of alkali 
metals. 


4 Mention the most abundant and least abundant alkaline earth 
metal in the earth’s crust. 

b. Mention at least five important properties of alkaline earth 
metals which increase from Be to Ba. 

© Arrange alkaline earth metals in order of decreasing 
hydration enthalpy. 

@ Ca Sr and Ba generally form ionic compounds. Why? 

& Mention colours of Ca, Ba and Sr in flame test. 


* Amongst the alkaline earth metals, the most uae 
calcium and the least abundant is radium in the earth's 
Crust. 

Five important properties of alkaline earth metals which 


i 

“tease from Be to Ba are: 
l. size 

= ‘Metallic property 

is reducing nature 


ly, : 
tendency to form peroxides 


teactivity 


Cc. 
d. 
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Hydration enthalpy: Be” > Mp?* > Ca?* > Sr** > Ba?* 


Ca, Sr and Ba generally form ionic compounds due to their 
low ionisation enthalpies. 


j Elements Ca i Sr Ba 


Flame Brick Crimson Apple 
colour red red green 


Which alkaline earth metals do not give characteristic colour 
to the Bunsen flame? 

Why alkaline earth metals do not form tripositive ions? 
Why alkaline earth metals are diamagnetic, but alkali metals 
are paramagnetic? 

Why the first ionisation enthalpy of alkaline earth metals is 
higher than those of corresponding alkali metals? 

Why alkaline earth metals are less electropositive than 
corresponding alkali metals? 


a. 


b. 


Be and Mg do not give characteristic colour to the Bunsen 
flame. 


General electronic configuration of alkaline earth metals is 
ns? preceded by noble gas core. After the removal of two 
electrons, bipositive cation formed acquires a stable noble 
gas configuration. For the removal of the third electron, a 


very large amount of energy is required and that is why 
alkaline earth metals do not form tripositive ion. M”. 


Mg ——> M? — => Mg** 
2 p°3s? 2 p°3s! “© 2p°3s° 
Stable noble gas configuration 
-e~ LIE; 
Mg% 
2 p>3s0 


. In case of alkaline earth metals, the general electronic 


configuration is ns”. Due to the presence of paired electrons 
in their atoms, alkaline earth metals are diamagnetic. In 
case of alkali metals, general electronic configuration is ns‘. 
Due to the presence of unpaired electron, alkali metals are 
paramagnetic. 


. Alkaline earth metals have smaller size as compared to 


corresponding alkali metals due to increase in nuclear 
charge, as a result the higher amount of energy is required 
for the removal of an electron from the valence shell. That 
is why the first ionisation enthalpy of alkaline earth metal 
is higher than the corresponding alkali metal. 


. Alkaline earth metals have smaller size as compared to 


alkali metals, Hence, valence shell electrons are more 


tightly bound to the nucleus and ionisation enthalpy of 


alkaline earth metals is more as compared to alkali metals. 
Consequently, they have less tendency to lose valence shell 


electrons and are less electropositive as compared to alkali 
metals. 
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9.4 CHEMICAL PROPERTIES 


The alkaline earth metals are less reactive than the alkali metals 
due to (1) decrease in size, (ii) increase in ionisation enthalpy and 
(iii) decrease in electropositive character. 

The reactivity of alkaline earth metals increases down the group 
(1) due to (i) increase in size, (ii) decrease in ionisation enthalpy 
and (iii) increase in electropositive character. 

Chemical reactivity: Be < Mg < Ca < Sr < Ba 

Some typical reactions of group 2 elements are given in Table 5.4. 


Table 5.4 Some typical reactions of group 2 elements 


ALeEMarks — 


Oxide is formed by all group 2 
elements with excess oxygen. 


With Ox 
2M +0, —> 2MO 


Ba+ O, —> BaO, 

With air: 

2M +0, —> 2MO 
3M +N. > M,N, 


Ba also forms the peroxide. 


With air, all group 2 elements 
form a mixture of oxide (MO) 
and nitride (M,N,). Vigour of 
the reaction increases down the 
group (4). 

M + H,O —> M(OH), +H, |Be does not react with hot 
water or steam, Mg reacts 
with hot water and others 
react rapidly with water, 
forming corresponding metal 
hydroxide, liberating H,. 


M + 2HC1 —> MCI, +H, | All the group 2 elements react 
| with acids, liberating H,,. 


Be + NaOH —> Be is amphoteric. 
Na,[Be(OH),] + H, 
M +H, —> MH, 


Ionic ‘salt like’ hydrides are 
formed at high temperature by 
Ca, Sr, and Ba. 


All group 2 elements form 
nitrides at high temperature. 
M+ X, —> MX, All group 2 elements form 
halides (X = F, Cl, Br, I) 
M + 2NH, —> M(NH.), All the group 2 elements form 
+ H, | amides at high temperature. 


5.4.1 REACTIVITY TOWARDS AIR 

Statement: The elements are all metallic in the appearance and 
possess a greyish white lustre when freshly cut, but tarnish rapidly 
on exposure to air. 

Explanation: When the alkaline earth metals are freshly cut, the 
highly mobile electrons present on the surface of metal interacts 
with the light beam (comprising photons) striking the metal 
surface. As a consequence, the electrons start oscillating and 
like any other moving charged object, they emit electromagnetic 


| 
} 


'3M+N, — MN, 


radiations in the form of light. This light appears to be reflected 
from the surface of the metals, and hence the metal appears to 
have greyish white lustre. 
On exposure to air, they tarnish rapidly due to the formation of 
oxide layer on the surface. With Be and Mg, the oxide layer formed 
on the surface is strong and continuous and there is no further 
reaction with moisture present in the air. But with other alkaline 
earth metals, the oxide layer formed on the surface reacts with 
the moisture. The hydroxide so formed leaves the surface which 
is again exposed for further attack. Therefore Ca, Sr and Ba are 
stored in paraffin but Be and Mg are not as they form a protective 
layer of oxide on their surface. 
The reactivity towards oxygen increases down the group (1 ), due 
to increase in electropositive nature of the elements. 
Be and Mg are kinetically inert to oxygen due to the formation of 
thin oxide layer on their surface. 
Beryllium in the massive form does not react with air below 
873 K. However, powdered Be is highly reactive and burns in air 
to give a mixture of oxide (BeO) and nitride (Be,N,). 
2Be + O, —*> 2BeO 

(Air) 
3Be + N, — Be,N, 

(Air) 
Magnesium being more electropositive than Be burns with 
dazzling brilliance in air to give a mixture of oxide (MgO) and 
nitride (Mg,N,). 

2Mg + O, ——> 2MgO 

(Air) 
3Mg + N, —> Mg,N, 
(Air) 

Calcium, strontium and barium being even more reactive are 
readily attacked by air to form a mixture of their respective oxides 


‘and nitrides. 


Barium also forms peroxide on heating. Since larger cation 
stabilises larger anion, therefore tendency to form peroxide 
increases with increasing size of the metal ion (M~*). Thus, BaO, 
is formed by passing air over heated Ba at 773 K. 
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Unlike alkali metals, the alkaline earth metals do not form 
superoxides when heated with oxygen. 


5.4.2 REACTIVITY TOWARDS WATER 


Statement: Beryllium does not react with water or steam eve? 
at red heat. 


ium does not react with cold water but react with boiling 
team. 
crand Ba react with cold water. Vigour of the reaction with 
r 
„ate! “ation: Beryllium, due to the presence of protective layer 
pon on its surface survives even on heating and does not 
i 


| of OFF. 
of with water. 
í 


ste electrode potential of Be (Ered = -1.97 V) is least 
jve among the group 2 metals. This implies that Be is least 
oposite and hence does not react with water or steam even 
ve heat. . 
Magnesium, due to the presence of protective oxide layer on 
is surface. does not react with cold water. On heating it gives 


A 
yp + HO ——? MBO + Hage) 


yg + 2H,0 — Mg(OH), + 2H 


2(g) 

The electrode potential of Mg (E =9 47 V), although is more 
neative than Be, but is still less negative than those of alkali metals 
gi hence it does not react with cold water but reacts with boiling 
water or steam. 

Ca, Sr and Ba react with cold water, liberating H, and forming 
the corresponding metal hydroxide. 

M+2H,0 —> M(OH), + H, (where M = Ca, Sr, Ba) 

Ca, Sr and Ba have more negative electrode potentials, similar 
tothose of corresponding alkali metals and hence react vi gorously 
even with cold water. 

Reactivity of alkaline earth metals increases down the group 
(v). However, the reactivity is less vigorous as compared to 
corresponding alkali metals. 

Due to the increase in the negative value of reduction potential 
ofalkaline earth metals the reactivity with water increases down 
the group (4). Since group 2 elements have slightly less negative 
values of reduction potential as compared to corresponding alkali 
metals, alkaline earth metals are less reactive as compared to 
‘orresponding alkali metal. 
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5.4.3 Reactivity TOWARDS HYDR combine with 


All the elements of group 2, except pai a 
Ydrogen on heating to form hydride of the typ 
= , Sr, Ba) 
a H — MH, (where M = Mg, Ca 


Be does not combine with H, > 
ies H, only when heated with the gas UD" 
‘nd Ba combine readily with H, °” heating, !- 
“lement towards hydrogen increases ¢9 


~ 
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BeH, and MgH, can be conveniently prepared by reduction of 
BeCl, and MgCl, respectively with lithium aluminium hydride, 
(LIAIH,) in ether. 
2BeCl, + LiAIH, —> 2BeH, + LiCl + AICI, 
2MgCl, + LiAIH, —> 2MgH, + LiCl + AICI, 

Some important characteristics of hydrides are as follows: 


1. BeH, and MgH, are covalent and polymeric compounds. 
Since both have only four electrons (with two normal 
covalent bonds) in the valence shell, they are known as 
electron deficient compounds. To make up their electron 
deficiency, each Be or Mg atom forms four three centre 
two electron (3c, 2e) bond or banana bond or tan bond 
(Fig. 5.1). 

H H 
Nee eM! Ye” 


e e 
P an MgA s 
Fig. 5.1 Polymeric BeH, structure 


The bonding is largely covalent and it is due to the electron 
deficiency that BeH, and MgH, have polymeric structure. 
Calcium, strontium and barium hydrides are white, high 
melting solids. These are ionic in nature and contain 
hydride, H? ion, i.e. M™™(H9), (where M = Ca, Sr, Ba). 
This is evidenced by liberation of H, at cathode, during the 
electrolysis of the fused salts. 

2. All the hydrides of group 2 elements react with water and 
liberate hydrogen, H,, and thus behave as reducing agents. 
MH + 2H,O —> M(OH), + 2H,Î 
(where M = Be, Mg, Ca, Sr, Ba) 

3. CaH, is also known as hydrolith and is used for the 
production of hydrogen by the action of water on it. 

CaH, + 2H,O —> Ca(OH), + 2H,T 

4. All the hydrides are thermally stable. Their thermal stability 

decreases from Be to Ba. l 


5.4.4 REACTIVITY TOWARDS HALOGENS 

Alkaline earth metals react with halogens at elevated temperature 
to form halides having general formula, MX,. 

M+X, g MX, 

(where X = F, Cl, Br, I) and (M = Be, Mg, Ca, Sr, Ba) 

Alkaline earth metal halides can also be obtained by the action of 
halogen acids on metals, their oxides, carbonates and hydroxides. 
M + 2HX —> MX, + H, Î 
MO + 2HX —> MX, + H,O 
M,CO, + HX —> MX, + H4O + CO,t 
M(OH), +2HX —> MX,+2H,O ` 

Thermal decomposition of (NH 


), BeF, i 
the preparation of BeF.. ae 4 Is the best method for 


(NH,), BeF, —\> 2NH,F + BeF 


BeCl, can be prepared by: 


1. Heating BeO with Cl, in the presence of carbon 


600-80 
BeO +C +C, == BeCl, + CO 
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2. Heating BeO with CC] 4 7 
2BeO + CCl, —* > 2B ec, + CO 

5.4.5 REACTIVITY TOWARDS ACIDS AND BASES 

All the elements of group 2 react w 

Be reacts slowly. 

M + H,SO, — MSO, + H, 7 

M + 2HCl—> MCI, +H,? 

(where M = Be, Mg, Ca, Sr. Ba) 


Beryllium is rendered passive by concentrated HNO,, ie. it 
does not react. This is due to the fact that conc HNO, is a strong 
Oxidising agent and forms a thin layer of oxide on the surface of 
Be, which protects it from further attack by’conc HNO,. 

Mg + 2HNO, —> Mg(NO,), + H, 
(Very dilute) 


3Mg + 8HNO, —> 3Mg(NO,), + 4H,O + 2NO 
(Dilute) i 


ith acids liberating H,, although 


Beryllium being amphoteric (reacts with acids as well as bases) 
dissolves in cold concentrated alkalis liberating H, and forming 
corresponding alkali metal beryllate. 

Be + 2 NaOH + 2H,0 —> Na,[Be(OH),] + H, 


or NaBeO,. 2H,O + H, 
Sodium beryllate 


5.4.6 SOLUTION IN LIQUID AMMONIA 


Like alkali metals, all alkaline earth metals (except beryllium) 
dissolve in liquid ammonia giving blue solution which contain 
solvated electrons. 

M + (x + 2y) NH, —> [M(NH,),]*” + 2[e(NH,),J° (5.1) 

All these solutions have properties similar to those of alkali 
metals. 

Calcium, strontium and barium can be isolated from their 
ammonia solution as ammoniates [M(NH,),]° This tends 
to support the idea that metals dissolve in ammonia to give 
ammoniated species (Eq. 5.1). 


Statement: Magnesium does not dissolve in liquid ammonia, 
but on prolonged heating, hydrogen is evolved. However, if a 
strong base such as KNH, or NaOCH, is present, a blue solution 
is readily formed. 

Explanation: This can be explained on the basis of the fact 
that Mg ion has relatively high charge density. Thus, if any 
magnesium does dissolve by forming ammoniate, the Meg” 
formed would interact with the solvent to give ammonolysis 
product. a » 

[Mg (NH,), J” + NH, = [Mg(NH;), (NH,)]” + NH% ...(5.2) 
This reaction is analogous to the reaction in water with highly 
charged ions such as Al’, Be” etc. The NH ion thus formed 
would react with solvated electron produced during the 
dissolution of magnesium to give hydrogen. 


i | 
NH® + 2[e(NH;),]? —> (2x + 1) NH, + 7 HT $74) 


In the presence of strong base, reaction (5.2) is suppressed 
resulting in negligible concentration of NH? ions. Under these 


conditions only reaction (5.1) will occur and the solution will 


turn blue. 


. o o fá 

— f 
5.4.7 COMPLEX FORMATION Å 
Alkaline earth metals have more tendency to form complexes ag i 


compared to alkali metals. y 
Complex formation depends on: ) 


3. Availability of empty orbitals of approximately right energy, i 
Alkaline earth metals have smaller size and greater charge as 
compared to alkali metals and that is why they are expected to p 
have greater tendency to form complexes than the corresponding # 

alkali metals. 


1. Size of metal atom/ion 


2. Charge on metal ion 


The complex forming tendency decreases down the group(+), 
Down the group ($), the charge remains the same, but size i) 
increases, as a result the charge/radius ratio decreases or positive % 
field decreases. This results in reduced tendency to accept a pair gi 
of electron from ligands (M?*<-: L) and hence complex forming $j 
tendency decreases down the group (+). Thus beryllium forms y 
many complexes and barium very few. 
Be”* > Mg” > Ca** > Sr* > Ba” 4 
Compounds of beryllium are essentially covalent and are 4 
predominantly four-coordinated complexes. Beryllium due to 1 
its high charge/radius ratio reacts with Lewis bases very readily. 3 
Beryllium fluoride readily coordinates with fluoride ions forming y 
tetrafluoroberyllates [BeF Ae with fluorides. 
2NaF + BeF — Nay [BeF,]” 5 
These four-coordinated complexes have tetrahedral geometry. { 
Be?” ion in [BeF T is sp? Hybridisation (tetrahedral geometry) 
Due to the absence of low-lying d-orbitals in beryllium. it 
cannot expand its coordination number beyond 4. The remaining i 
members of this group have vacant d-orbitals of suitable energy ` 
and hence they can expand their coordination number to 6 or D 
more by making use of these orbitals. j 


Hydrated beryllium ion exists as tetrahedral [Be(H,O) A 100, 
whereas magnesium ion exists as [Mg(H,0),]°. BeCl, accepts — 
lone pairs from Lewis bases forming compounds of the type i 
BeCl L, where L is an ether, aldehyde, ketone containing lone 4 
pair on oxygen. h 


3 


In contrast to the coordination behaviour of Be, the heavier 
members of this group form six-coordinate as well as four- ù 
coordinate compounds. y 


ILLUSTRATION 5.7 fr 
t 


a. Na, SO, is soluble in water whereas BaSO is insoluble. 


Why? Y 
b. When Mg metal is burnt in air, a white powder is left behind hi 
as ash, What is the white powder? \ 


| Sol. k 

a. The lattice enthalpy of Na,SO, is less than its hydration \ 

enthalpy whereas the lattice enthalpy of BaSO, (because of ‘i 

+2 charge on Ba?*) is very high as compared to its hydration \ 

enthalpy. That is why Na,SO, is soluble in water whereas | 
BaSO, is insoluble. 


ea 
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P esium on burning in air reacts with oxygen and 
p, Ma en resulting in the formation of MgO and Mg,N 


rtf 
sgt Os? MBO 


3 Mgt N, í 
white powder is the mixture of MgO and Mg,N.,. 


ee. 


BeF] exits, but [BeCl,]* does not. Give reason. 
d Hydrated beryllium ion exists as [Be(H,O) ales whereas 
} hydrated magnesium ion exists as [Mg(H,0),]°*. Give 


reason. 


* 


—— Mg,N, 


i [BeF T exists (sp? ), but [BeF ng does not. 
Due to the absence of low-lying d-orbitals in beryllium, it 
cannot expand its coordination number beyond 4, hence 
[BeF P exists, but [BeF] does not. 
b. Hydrated beryllium ion exists as [Be(H,0) Aa 
Due to the presence of only four orbitals of equivalent 
energy in Be? ion and due to the absence of low-lying 
d-orbitals in Be”* ion, it can coordinate with four water 
molecules only, hence hydrated beryllium ion exists as 
[Be(H,O) Nae sp Hybridisation (Tetrahedral geometry) 
Whereas in case of magnesium, due to the availability of 
low-lying d-orbitals of suitable energy, Mg can expand 
its coordination number to 6. 
Hence, hydrated magnesium ion exists as [Mg(H,0),}°*. 
spd Hybridisation (octahedral geomery) 


5.5 GENERAL CHARACTERISTICS OF 
COMPOUNDS OF THE ALKALINE 
EARTH METALS 


The alkaline earth metals predominantly form dipositive upe 
ate due to higher enthalpy of formation or higher lattice ao 
u the solid state and higher hydration enthalpy in the ae 
‘olution, as already discussed. Alkaline earth 5 5 g E the 
compounds which are predominantly ionic but less i0PIC Y ad 
corresponding alkali metal compounds, due to smaller pa p 
Beater charge. The general characteristics of few comp 

alkaline earth metals are discussed below. 


3.5.4 OXIDES aoa MO. Whereas Be 
‘ the alkaline earth metals form monoxides eroxides. 

oms only the monoxide, all the others form P M2", is quite high 
The positive field on alkaline earth metal 10 $ y i 

X to its small size and +2 charge- 
~% oxygen (O,) attract the electron ¢ 


The positive field around the cations of other alkaline earth 
metals is not strong enough to prevent the formation of 0-05" 
in peroxide, but is strong enough to prevent the formation of 
(O-:-O)° in superoxide ion. Hence, all other group 2 elements, 
except Be, also form peroxides. 

The monoxides of alkaline earth metals are more stable than 
those of alkali metals, due to more compatibility in the size of 
M°" and O% as compared to MÊ and O7, which results in higher 
lattice energy of alkaline earth metal monoxides. 

Down the group (J), as the size of the cation (M?") increases, the 
ease of formation and stability of peroxides formed also increases. 
MgO, < CaO, < SrO, < BaO, 

The monoxides can be prepared by the following: 
1. Heating or burning the alkaline earth metal in oxygen. 
M +0, —*» MO (where M = Be, Mg, Ca, Sr) 
Note: BaO cannot be prepared by this method, as it forms 
some Ba,O, also. 

2. Thermal decomposition of their carbonates and sulphates. 

MCO, —^> MO +CO,? 
(where M = Be, Mg, Ca, Sr, Ba) 
MSO, —> MO +SO,t 


3. BeO canalso be prepared by pyrolysis of Be(OH), or BeSO,,. 
Be(OH), —> BeO + H,O 


BeSO, —™ BeO + SO, 

Some of the characteristics of oxides are as follows: 

a. All the monoxides, except BeO, are ionic and have the 
NaCl type or rock salt structure (6:6 coordination). BeO 
have a covalent lattice similar to that of ZnS in wurtzite 
(4:4 coordination). 

b. The oxides are highly stable as they have high crystal 
lattice energy obtained by packing doubly charged ions 
in a rock salt or wurtzite structure. 

c. The lattice energy decreases as the radius of the cation 


increases. This is reflected in the melting points of the 
oxides (Table 5.5). 


Table 5.5 Some properties of oxides 


Acid—base 
character 


BeO White 
MgO | White 


ve l where WA = weak acid _ 
naya making the a -o oea ticularly true in case of acid, WB = weak base, SB 
llising the monoxide, 5 


beryllium 
‘| “Smallest ion of the group, Be2*. Hence, bery 


;' ; ide. 
Monoxide and not peroxide or superox 


= strong base. 


ly d. The followi 
forms on wing properties of the l , 
earth metals make them use monoxides of alkaline 


ful for lining fu 
hence are used as refractory materials g turnaces and 


= 
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Due to small size and high ionisation enthalpy of Be 


i. High melting points 
ii. Very low vapour pressure 
iii. Chemical inertness 
iv. Good conductors of heat 
y. Electrical insulators 
e. Although BeO is covalent but still it h 
point. 
Due to small size of Be?” ion, BeO is covalent. BeO 
is polymeric and thus has high melting point. Each Be 
atom is tetrahedrally coordinated to four O-atoms. 
ater: BeO is unreative to water, even 
f Be?” is evidently 
lising effect of the 


as high melting 


f. Reaction with w 
the larger enthalpy of hydration o 
insufficient to overcome the stabi 
high lattice enthalpy. 

MgO reacts slowly with water, that too only when it has 
not been previously heated at high temperature. CaO, 
SrO and BaO react with water (slake) readily. 

MO + H,O —> M(OH), + Heat (where M = Ca, Sr, Ba) 

BeO is amphoteric, while all other alkaline earth metal 

oxides are basic in nature. 

The amphoteric behaviour of BeO is due to small size 

and relatively large positive charge density on Be” ion. 

BeO dissolves both in the acids and alkalis, and thus it 


Gc, 
= 


is amphoteric, 
BeO + 2HCI——> BeCl, + H,O 
BeO + 2NaOH —> Na, BeO, + H,O 
Sodium beryllate 
Other oxides are basic in nature as they combine with 
water to form basic hydroxides. 
MO + H,O —> M(OH), + Heat 
(where M = Mg, Ca, Sr, Ba) 
Down the group ( $), with the increase in the size of the 
element, ionisation energy decreases and hence basic 
character increases. 


BeO MgO CaO SrO BaO 
Amphoteric Weakly Basic Strongly 
basic basic 


Basic nature increases 


5.5.2 HYDROXIDES 
Preparation: Be( OH), and Mg(OH), are prepared by precipitating 
them by addition of dilute solution of NaOH to an aqueous solution 
of their salts. 
BeSO, + H,O —> Be(OH),4 + Na,SO, 
MgSO, + H,O —> Mg(OH),4 + Na,SO, 
ee Sr(OH), and Ba(OH), are obtained by the reaction 
of monoxides with water. This process is also known as s/aking 
p + H,O —> M(OH), (where M = Ca, Sr, Ba) 
ome ofthe characteristics of the alkalin i i 
eae e earth metal hydroxides 
1. Be(OH), is amphoteric whereas other hydroxides are basic 
The basic strength increases down the group (4) E 


Be(OH), is amphoteric. Therefore, it dissolves both in acids 


and bases. 
OH), + 2HCI + 2H,O —> [Be(H,0),]Cl, 


Be( 
Be(OH), + NaOH —~ Na,BeO, + 2H,O 
Or 
Na,[Be(OH),] 
sodium beryllate 
7 Or 
Be(OH), + 20H —> [Be(OH),]” 
Beryllate ion 


Basic strength depends upon the ease with which the 


hydroxide ion can be separated from the metal ion. The 


separation of OH from the base depends on the folowing: 


a. Distance between M and OH in M—OH 


b. Polarity of M-OH bond 


Greater the polarity of the bond, greater is the ease of 
ionisation and hence greater is the basic strength. Down the 
group (4), ionisation enthalpy decreases and hence polarity 
of the M—OH bond increases. Consequently, basic strength 
increases from Be(OH), to Ba(OH),. 


. The hydroxides decompose on heating. The thermal stability 


increases down the group ( +). 


M (OH), —> MgO+H,0 


_ Alkaline earth metal hydroxides are less basic than the 


corresponding alkali metal hydroxides. 

This is due to (i) decrease in size of metal ions and 
(ii) increase in ionisation enthalpies, on moving from group 
1 to group 2. As a result, M—OH bond strength increases, 
and ease of ionisation decreases. Thus NaOH is more basic 
as compared of Mg(OH),. 


. Solubility of alkaline earth metal hydroxides increases down 


the group (4). (Refer to chapter 1 also P.1.64 point 10) 
Solubility of a salt in water depends on lattice enthalpy and 
hydration enthalpy. Both lattice and hydration enthalpy 
decrease down the group (J) with the increase in the size 
of cation. But lattice enthalpy decreases more rapidly 3 
compared to hydration enthalpy and hence the solubility of 
MOH increases down the group (4). 


Be(OH), 
Mg(OH), 
Ca(OH), 
Sr(OH), 

Ba(OH), 


increases 


< 
bo 
g 
Ko) 
E 
77) 
2 
S 
ea) 


Solubility in 
water increases 


water) and 
d estimat? 
nding 


Aqueous solution of calcium hydroxide (lime 
barium hydroxide (baryta) are used to detect an 
CO, because they give precipitates of corresP® 
carbonates with CO}. 
Ca(OH), + CO, —> CaCO,v + H,O 

White ppt 


/ pal | 
_ earth metal hydroxides are less soluble in water as 
7 aea to corresponding alkali metal hydroxides. 
B compat 


auDES . 
T z characteristics of halides are as follows: 


gel! jii halides, BeX, (where X = F, Cl, Br, I) are 
L” all covalent due to high polarising ability of small 


„sen 2+. 
pE y charged Be * ion. As a result: 


ze, hig 

“i beryllium halides are soluble in organic solvents. 

r They are hygroscopic and fume in moist air due to 

hydrolysis. On hydrolysis, they produce acidic solution. 
geCl, + 2H,O — Be (OH), + 2HCI 
~ (Moisture) (Fumes of HCI) 

yalides ofother alkaline earth metals (except Be) are ionic. 

Their ionic character decreases down the group ($) due to 

jecrease in polarising ability of M” ion with the increase 

n size down the group (J). 

Jonic character: BeX, < MgX, < CaX, < SrX, < BaX, 

With the increase in ionic character or decrease in covalent 

character, the tendency to hydrolyse decreases. 

BeCl, > MgCl, > CaCl, > SrCl, > BaCl, 

Anhydrous beryllium halides’are polymeric. 

Since halides of beryllium are electron-deficient compounds 

as they have only four electrons in the valence shell. Therefore 

to complete their octet, they undergo polymerisation. 

Anhydrous beryllium halides do not conduct electricity 

in fused state and sublime quite readily on heating. The 

addition of even small quantities of alkali halide to the melt 
considerably increases their electrical conductivity because 
of the formation of complex ions. 

2NaF + BeF, —> Na® [BeF,]” 

4. BeF, is glass amorphous solid of random structure, other 
beryllium halides are crystalline with covalent lattices. 
Structure of BeCL,: Beryllium chloride possesses different 
structures in solid and vapour state. In solid state, it exists in 
the form of polymeric chain structure in which each Be atom 
is tetrahedrally surrounded by four chlorine atoms. Two 
of the chlorine atoms are bonded by covalent bonds while 
the other two by coordinate bond. The bridged structure 
consisting of infinite chains is shown below. 


` 


~ 


ee 


C g CI CI 
Q, Cl Cl 
N X \ O63 oo a a 
~-"Be 98° Be————— pe 7 A 
ANANS N N 


(Be) (sp hybridised) 
ith a 
it exists as a monomer W! 
In the vapour state, however It exists above 1200 K. But 


linea: dipole moment 
T st nd zero dip , 
— c structure even In vapour 


below 1200 K, it exists as dimeri MgCl, 6H,0 
State. ¢ ) 


o, — BaCO, X + H,O 
oH): ON White ppt 
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vw 
Cl—Be——Cl] Cl—Be Be— CIl 


oF 


(Dimer) (Be; sp hybridised) 


(Monomer) 
(Be; sp hybridised) 


5. Halides containing larger and therefore more polarisable 


ions like chloride, bromide, iodide show larger degree of 
covalency in that order. 

Covalent character: MF, < MCI, < MBr, < MI, 

For example, MgF, possesses considerable ionic character 
while other magnesium halides are covalent. 

According to Fajans’ rule, cation remains the same, as the 
size of the anion increases, the tendency of the cation to 
polarise the electron cloud of anion also increases, which 
gives rise to increasing covalent character in the compound. 


6. BeF, is highly soluble in water, whereas the other fluorides 


are sparingly soluble. High solubility of BeF, is due to 
high hydration enthalpy of small Be’ ion which more than 
compensates the high lattice enthalpy of BeF,. In case of 
other halides, the reduced hydration enthalpy is just not 
enough to compensate the lattice enthalpy, hence they are 
sparingly soluble. (Refer to chapter 1 also P.1.64 point 10) 
In case of fluorides, down the group ($) the lattice enthalpy 
decreases more rapidly as compared to hydration enthalpy 
and therefore, their solubility increases slightly along the 
series, hence BaF, is more soluble as compared to CaF.. 
The chlorides, bromides and iodides of all other elements 
(Mg, Ca, Sr and Ba) are ionic, have higher melting points 
than the fluorides and are readily soluble in water. The 
solubility decreases slightly down the group (4) with the 
increase in size of the cation. 


7. Beryllium and to certain extent magnesium halides act as 


Lewis acids. 


8. The halides are hygroscopic and readily forms hydrates, 


MgCl,-6H,0, CaCl,-6H,O, SrCl,-6H,O and BaCl,-2H,O. 
However, BeCl, fumes in moist air due to hydrolysis. 


9. The anhydrous salts may be obtained by dehydration of the 


hydrated chlorides, bromides and iodides of Ca, Sr and Ba 
by heating, but those of Be and Mg undergo hydrolysis. 


` CaCl,6H,0 —> CaCl, + 6H,0 


SrCl,-6H,0 —*> SCI, + 6H,0 
BaCl,2H,0 —“> BaCl, + 2H,0 
Hydrated Be and Mg halides on heating are hydrolysed by 


their water of crystallisation first to form the basic chloride 


and finally at higher temperature, oxide is produced with 
the evolution of HCI. 


MgCl,-6H,0 


A 
—— > Mg(H,0),(OH)CI + HC! 
Mg(H 


20)(OH)Cl1 “> MpO+HCI+ 5H,O 
—— MgO + 2HCI+ SH,O 


5.18 


10. 


Inorganic Chemistry 


Anhydrous magnesium chloride may better be prepared by 
the action of dry Cl, on a mixture of MgO and carbon at 
dull red heat. 

MgO + C + Cl, —> MgCl, + CO 

MgF,, being more ionic is not hydrolysed so easily and may 
be prepared by dissolving magnesium in hydrofluoric acid, 
HF. 

Mg + 2HF —> MgF, + H, 

Bromide and iodide of magnesium are prepared by direct 
synthesis using anhydrous conditions. 

Except BeCl, and MgCl,, the other chlorides of group 2 
impart characteristic colours to the Bunsen flame. 

CaCl, Brick red 

Srcl, Crimson 


BaCl, Apple green 


Note: 


i. 


: 


CaF, or fluorspar is the most important fluoride of group 2 
as it is the only large-scale source of fluorine. 


Anhydrous CaCl, is used as a desiccant (i.e. drying reagent). 


iii. CaCl, is widely used for melting ice on roads, particularly 


iv. 


in cold countries, because 30% eutectic mixture of CaCl, 
and ice freezes at 218 K compared to NaCl and ice mixture, 
which freezes at 225 K. 

Anhydrous MgCl, is used in the electrolytic extraction of 
magnesium. 


5.5.4 SALTS OF OXOACIDS 


Alkaline earth metals form salt of oxoacids, few of them are 
discussed below: 


5.5.4.1 Carbonates and Bicarbonates 


Preparation of carbonates: Alkaline earth metal carbonates are 
prepared by: 


1. 


Passing calculated amount of CO, through the solution of 
alkaline earth metal hydroxides. 


M(OB) a0) + CO,,,, —> M,CO 


2(g) + H,O 


3(s) 


. Adding sodium or ammonium carbonate to the aqueous 


solution of alkaline earth metal salt, e.g. 


MgCly,,, + NayCO4,,,,—> MgCO,,, + 2NaCl 


Properties of carbonates: 


(aq) 


a. All the carbonates are ionic, but BeCO, is prone to 
hydrolysis. It eonan the hydrated ion, [Be(H 50) 
rather than Be” and hence it is precipitated only in the 
atmosphere of CO,. 


» boonee of CO} 
eee ee gs 
BeCO, + 4H „O ran 
Presence of CO3 


[Be(H,0),] + COF 


b. Thermal stability: All the alkaline earth metal carbonates 
decompose on heating to form the corresponding metal 
oxide and CO,. 


A 
MCO; s) > MO, + COx,) 


The temperature of decomposition increases 


a 
BeCO, to BaCO, (Table 5.6). rom 


Table 5.6 Thermal stability 


(Pco, = 


Decomposition 
temperature (°C) 


= l atm) 


This shows that thermal stabilities increase with the increase 

in atomic number of the metal. 

Explanation: In the crystalline solid, the M” 
' 2- 

surrounded by the oxygen of CO, 

ionic charge 


ion is 
ion. When the 

— - ratio or polarising ability of the cation jg 
(ionic radius) 


high, a partial covalent bond is set between M and O atoms, 
thus weakening the C—O bond by electron withdrawal. This 
results in the decomposition of MCO, into MO and CO.. 


wee 


S 
S S 


The large CO,” ion can be polarised more easily by smaller 
cations making them more covalent and less stable, hence 


BeCO, is least stable and BaCO, is maximum stable. 
This trend of increasing thermal stability of carbonates can 
also be explained on the basis of variation of lattice enthalpy 
of MCO, and MO with the increasing cation size. 


l 
(Lattico enthalpy = | 
hot 


The lattice enthalpy of the salt of a large anion is not 
particularly sensitive to the size of the cation, for the ionic 
separation rg +r- is determined primarily by rs (since rs 
is negligible as compared to r.). 


Therefore, the carbonate becomes only slightly less stable as 
the size of the cation increases. Whereas the lattice energy 
of an oxide MO is sensitive to the size of cation, because 
the radii of O7 and M** 
Thus, the oxide of the smaller cation will be much more 
stable than those of large cations. The carbonates of smaller 
cations will therefore decompose to their oxides more easily 


are comparable. 


than those of the larger cations. 
Thermal stability: 
BeCO, < MgCO, < CaCO, < SrCO, < BeCO, 


. Solubility in water: The carbonates of alkaline earth metals 


are sparingly soluble in water and their solubility decreases 
down the group (4). (Refer to chapter 1 also P 1.64 point 
10(c)) 

For a compound to be soluble in water, its hydration enthalpy 
must exceed lattice enthalpy. Down the group (4), both 
lattice enthalpy and hydration enthalpy decrease. In case of 


ee aDts = 
á „rbonate®» mee ; an n ton 1s negligible as compared 
radii of CO,” ion, there is very small decrease in lattice 
ihalpy down the group (4). 
en 
l 


. enthalpy = 
patice Mat T "co? 


the other hand, hydration enthalpy decreases rapidly 
ad result, decrease 1n hydration enthalpy is more rapid 
; compared to lattice enthalpy. Thus, solubility decreases 


“  BeCO, to BaCO}. 


fom Be 
all the alkaline earth metal carbonates are more soluble 
n water in e eee of CO,, due to formation of 
corresponding bicarbonates. 


MCO; * CO, + H,O MCO) ag 


gicarbonates: The bicarbonates of alkaline earth metals are 


repared by passing excess of carbon dioxide, CO,, through 
solution of metal hydroxide. 


M(OH), + CO, —> MCO, + H,O 

MCO, + CO, + H,O —> M(HCO,), 

All the bicarbonates of alkaline earth metals are stable 
only in the solution and decompose on heating even in the 
dissolved state. 

M(HCO,), —— MCO, + H,O + CO, 


Therefore, these cannot be isolated in the solid state and 
differ in this respect from the bicarbonates of alkali metals. 


5.4.2 Nitrates 
\iates of alkaline earth metal can be prepared in solution and are 


s-Block Group 2 Elements: Alkaline Earth Metals 
5.5.4.3 Sulphates 
Preparation: Alkaline earth metal sulphates are prepared by 


action of H,SO, on metals, metal oxides, metal hydroxides and 
metal carbonates. 


M + H,SO,—> MSO, + H,t 

MO + H,SO,—> MSO, + H,O 

M(OH), + H,SO,—> MSO, + 2H,O 
MCO, + H SO}, —> MSO, + CO, + H,O 
Properties: 

1. All the alkaline earth metal sulphates are white solids. 
Beryllium, magnesium and calcium sulphates crystallise 
as hydrates, i.e. BeSO,-4H,0, MgSO,;:7H,0, CaSO,2H,O 
but strontium and barium sulphates crystallise as anhydrous 
salts SrSO, and BaSO,. 

2. The sulphates decompose on heating to give oxides 


MSO, —*» MO +SO,t 


The ease of decomposition decreases or thermal stability 
increases down the group (4). This is evidenced by the 
temperature at which they decompose. 


Decomposition 
temperature (K) 


This is due to increase in electropositive character of the 
metal down the group (1) or increase in lattice enthalpy 
down the group (4). l 

3. The solubility of the sulphates in water decreases down the 
group ($). BeSO, and MgSO, are highly soluble, CaSO, is 


yallised as hydrated salt by the action of nitric acid (HNO,) on 


udes, hydroxides and carbonates. 

!0+2HNO, —> M(NO,), + Hj? 

10H), + 2HNO, —> M(NO,), + 2H,O 
KCO, + 2HNO, —> M(NO,), + CO, + H,O 


Magnesium nitrate crystallises as Mg(NO,),°6H,O, whereas 
mn nitrate crystallises as Ba(NO,),, an anhydrous salt. The 
“Teasing tendency for hydration down the group (4) is due to 
“asing hydration enthalpy with increasing size of the cation, 


"from Be2* to Ba’*. 
Allthe nitrates on heating do not give the anhydrous sal 
Pose to give oxide. 


1 
10), — 2M0 + 4NO, + O, 


sos nitrates can be prepared by using liquid dinitrogen 
lee N,0,, and ethyl acetate. Be is unusual in that it forms 
“nitrate in addition to normal salt. 


NN Oo o 
tos, Be(NO,),-2N,0, A DEL y Be(NO,), 


125°: 
[Be,O(NO; )«] 
Basic beryllium nitrate 


by : : 
vg, elium nitrate (Be,O (NO;).) is covalent and has 3 
j Me Structure, Ao. 


t, but 


sparingly soluble but SrSO, and BaSO, are insoluble. 


For a compound to be soluble, the hydration enthalpy must 
be greater than lattice enthalpy. Both hydration enthalpy 
and lattice enthalpy decrease down the group. In case 
of sulphates, since the size of metal ion is negligible as 
compared to the size of sulphate, there is very less decrease 
in the lattice enthalpy down the group (LU œx Wr? +r?) 
However, hydration enthalpy decreases appreciably with the 
increase in size from Be?” to Ba?*. In other words, decrease 
in hydration enthalpy is more rapid as compared to lattice 
enthalpy. Consequently, solubility of the sulphates decreases 
down the group ($). 

BeSO, > MgSO, > CaSO, > SrSO, > BaSO, 

The sulphates of alkaline earth metals are less soluble than 
the corresponding alkali metal sulphate. 


Note: 
i The almost negligible solubility of BaSO, in water is 


used in the detection and estimation of SO; ions: 


ii BaSO, is both insoluble in water and opaque to X-rays, 
That is why barium meal is used to obtain a shadow 
of the stomach on an X-ray film which is useful in 
diagnosing stomach ulcers. 


as 
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5.5.5 NITRIDES 


Statement: All the alkaline earth metals react with nitrogen on 
heating to give nitrides, M,N.,. 


3M +N, —> M,N, 


This is in contrast to the alkali metals, where only Li forms a 
stable nitride, Li,N. 
Explanation: Since nitrogen (N,) is a stable molecule, large 
amount of energy is required to convert N, into N* (nitride) ion. 
The large amount of energy required is more than compensated by 
the large amount of lattice enthalpy released when the crystalline 
solid is formed. Nitrides of group 2 elements have high lattice 
energy due to small sizes and high charges of M°” ion and N* ion. 

Among group 1 elements only Li forms a stable nitride, Li,N, 
because Li,N has high lattice to small sizes of Li® ion and N* ion. 

The vigour of the reactions increases down the group (4) due 


to increase in electropositive nature of the alkaline earth metals 
from Be to Ba. 


Some of the characteristics of nitrides are as follows: 
1. They are all colourless, crystalline ionic compounds, except 
BeN.. 


. Be,N, is covalent due to greater charge density or polarising 
ability of small-sized Be?™* ion. 


. Be,N, being covalent is volatile, while other group 
2 nitrides are not volatile but crystalline solids. They 


decompose on heating, e.g.. 
M,N, —^ 3M+N, 
4. They react with water liberating ammonia, e.g. 
M,N, + 6H,0 —> 3M(OH), + 2NH, 
(where M = Be, Mg, Ca, Sr, Ba) 
. Reaction with CO: The nitrides of magnesium, calcium and 


strontium lose nitrogen, forming the oxide when heated in 
carbon monoxide. 


M,N, +3CO —^> 3MO +N, +3C 
(where M = Mg, Ca, Sr) 
Barium nitride forms cyanide on reaction with CO, 
Ba,N, + 2CO —> 2 BaO + Ba(CN), 
5.5.6 CARBIDES 


Alkaline earth metals form various carbides viz. M,C, MC, and 
M,C}. 


M,C type of carbide is formed only by beryllium. Be,C is 
prepared as follows: 
1. Direct reaction between Be and C at 1900°C. 
2Be +C —"*, Be C 
2. By heating BeO with carbon at 2000°C. 
2BeO + 2C —-> Be,C + 2CO 


Be,C is brick red coloured ionic compound 


and liberates 
methane on hydrolysis. 


Be,C ——+ 2Be** + C% (methanide ion) 


Be,C + 4H,0 —> 2Be (OH), + CH, 


MC, type of carbide: They are formed by all the alkaline earth 
metals though the preparative conditions differ; BeC 
are prepared by heating Be and Mg in acetylene, wh 
SrC, and BaC, are prepared by heating Ca, Sr and 
with carbon. | 
Be + C,H, — BeC, +H, 


5 and Mec, 
ereas CaC, ) 
Ba directly / 

| 


Ca +C > CaC, j 
CaC, can also be obtained by heating CaO with C | 
Cao +C 2“, Cal, + CO | 


All these carbides react with water producing acetylene: 
2- _ ©) C) 
C 2s Cree rcs) 
(Acetylide ion) 
CaC, + 2H,O —+ Ca (OH), + C,H, 


Calcium carbide (CaC,) is a salt containing og ion and it 


absorbs nitrogen from air forming calcium cyanamide, CaCN, or | 
CaNCN. 


CaC, + N, —> CaNCN + C 
(Air) 
Mixture of CaCN, and carbon is known as NJTROLIM, which 
is widely used as a nitrogenous fertiliser. It acts as nitrogenous 


fertiliser as it hydrolyses slowly over a period of months evolving 
ammonia (NH,) gas. 


CaCN, + 3H,O —> CaCO, + 2NH, 

M,C, type of carbide: Mg,C, is obtained by heating Mg with 
acetylene at 600°C. 

3Mg + C,H, —>.Mg,C, + H, 

It liberates propyne on hydrolysis. 

Mg,C, —> 2Mg”* + oe (Propynide ion) 

Mg,C, + 4H,0 —> 2Mg(OH), + CH,C = CH 


Propyne 
5.5.7 SULPHIDES 


All the elements of group 2 form sulphides of the type MS 
corresponding to the monoxide, MO. 
Preparation: BeS is formed by burning Be in sulphur vapour 


or by passing hydrogen Sulphide (H,S) over beryllium chloride 
(BeCl,) at red heat. i 


BeCl, + H,S 


> BeS + 2HCI 


MeS is prepared by passing sulphur vapour over Mg at 600°C. 
Mg + S 600°C Mes 
Sulphides of Ca, Sr and B 


a may be obtained by heating their 
sulphates with carbon. 


MSO, + 4C - > MS +4CO (where M = Ca, Sr, Ba) 
Properties: BeS is covalent 
the sulphides of other alk 
hydrolyse rapidly, 


and is unaffected by water, whereas 
aline earth metals are ‘salt like’ and 


2 MS + 2H,0—> M(OH), + M(SH), 
M(SH), + 2H,0 —“+ M(OH), + H.S 
(where M = Mg, Ca, Sr, Ba) i 


A 


_<>MALOUS BEHAVIOUR OF 


iS yLLIUM 

Be, anomalous behaviour, i.e. the properties of 

alo rst member of the alkaline earth metals, differ 

ast of the members of its group. This difference is 

a ecause ol: 

al size of Be a 
sing power. 

es sively high electronegativity and ionisation energy as 

, Rela „red to other members. 

oe of d-orbitals in its valence shell. 

a ortant points of difference between beryllium and 

bers of its group (especially magnesium) are given 


9+ 
tom and Be^ ion. 


I. v ' 
pigh pola" 


j) 


sane imp 
+ ofthe mem 


ALE “gs I 
j senllium is lighter than other members of the family. 


p Beryllium has much higher melting and boiling points than 
he other members. | 
;, Beryllium does not exhibit coordination number more than 


auras it has only four orbitals in its valence shell. 


Other members of this group can have a coordination number 
of six by using low-lying vacant d-orbitals. 
35 3p 3d 

vg ft) (LT) LLU 

4, The oxides and hydroxides of beryllium are amphoteric, i.e. 
soluble in acids and bases; unlike the other member of the 
group. 
BeO + 2HC1—> BeCl, + H,O 


BeO + 2NaOH —> Na,BeO, + H,O 
Sodium beryllate 


5. Beryllium does not react with water even at high temperature 
while other members decompose water. 
Mg + 2H,O —> Mg(OH), + H,Î 
6. Beryllium carbide reacts with water to give methan 
other members of the group give acetylene. 
Be,C + 4H O —> 2Be(OH), + CH, 
CaC, + 2H,0 —> Ca(OH), + CH, 
Beryllium forms fluoro-complex ion [BeF, 
whereas other members of the group do not 
fluoro-complexes in solution. 
* Beryllium because of high charge 
“ovalent compounds, whereas othe 


e, while 


|} in solution, 
form stable 


1, 


to radius ratio forms 


r members form ionic 


Be” = eA 0.064; Al* = — = 0 056 | 
3] 53.5 


Some of the similarities are as follows: 
1. Both Be and Al are not readily attacked by acids due to the 


formation of invisible protective oxide film on the surface 
of the metal. 


. Like aluminium, beryllium forms covalent compounds. 
. The oxides and hydroxides of beryllium and aluminium are 


amphoteric in nature, i.e. they dissolve in acids as well as 
in bases. 
BeO + 2HCI —> BeCl, + H,O 
BeO + 2NaOH —> Na,BeO, + H,O 
ALO, + 6HCI —> 2A ICI, + 3H,O 
ALO, + 2NaOH —> 2NaAlO, + H,O 
Be(OH), + 2HC] —> BeCl, + 2H,O 
Be(OH), + 2NaOH —> Na,BeO, + 2H,O 
or Na,[Be(OH),] 
or s 
Be(OH), + 20H —> [Be(OH g 
Beryllate ion 
Al (OH), + 3HCI —> AICI, + 3H,O 
Al(OH), + NaOH —> NaAlO, + 2H,O 
Sodium metaalumimate 
or Na[Al(OH),] 
or m 
Al(OH), + OH—> [AI(OH),] 


Aluminate ion 


. Beryllium and aluminium form fluoro-complex ions, 


[BeF,]" and [AIF] in solution. 


. The oxides of both Be and Al, i.e. BeO and ALO, are high 


melting insoluble solids. 


. Carbides of both Al and Be give methane gas on hydrolysis. 


Be,C + 4H,0 —> 2 Be(OH), + CH,? 
Al,C, + 12H,0 —> 4Al(OH), + 3CH,? 


7. Salts of Be and Al are extensively hydrolysed. 


. Both BeCl, and AICI, act as strong lewis acids and are used 


in Friedel-Crafts catalysis. 


. Both BeCl, and AICI, have bridged chloride structure in the 


vapour phase. 


Cl Cl Cl ~ 
K Cl 
Ci — B a — C] Ve ‘al 
N 


5.8 ALKALINE EARTH METALS: 
EXTRACTION AND USES 
Magnesium: Magnesium occurs as magnesite MgCO 
CaMg(CO,), or CaCO,:MgCO,, epsomite M 
carnallite, K,MgCl,-6H,0 or 2KCI-MgCl,-6H,O and langbeinit 
~~ e, 


K,Mg,(SO,) or K.SO.-2 
gre) 3 2904 2MgSO, deposits. Th . 
sulphate of magnesium occur in sea os e chloride and 


compounds. 


à 
) 


7 DIAGONAL RELATIONSHIF 
BETWEEN BERYLLIUM AND 
_ ALUMINIUM ~ 


: . . 
= resembles aluminium, primaril 
ame electronegativity (Be = 1.5; Al 
| Neatly same value of charge tO radiu 


~ 


» dolomite, 
gSO,-7H,O and 


y due to: 
= 1.5) 
m which it is being 


tio 
ssä a extracted on an Increasing scale 
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Extractions: 
1. From magnesite or dolomit 
form the oxide. 
MgCO, —> MgO + CO, 
CaCO, MgCO, —> CaO:-MgO + 2CO, 
The metal iS obtained from the oxide or th 


e: The ore is first calcined to 


e mixed oxides 


as follows: 
a, From MgO—the oxide 
in a current of chlorine gas. 
MgO +C + Cl, — MgCl, + CO 
The chloride thus obtained is subjected to electrolysis. 
b. The mixed oxides (CaO:MgO) obtained from 
calcination of dolomite (CaCO; MgCO,) are reduced 
by ferrosilicon under reduced pressure above 1273 K. 
dehydrated in a current of 
f fused chloride is 


is mixed with earbon and heated 


_ From carnallite: The ore iS 
hydrogen chloride and the mixture 0 


electrolysed. 
3. From sea water (Dow’s process): Sea water containing 
magnesium chloride is concentrated under the sun and 
is treated with calcium hydroxide, Ca(OH),. Magnesium 
hydroxide is thus precipitated, filtered and heated to give 
the oxide. The oxide so obtained is treated as in (1a) above 
and then electrolysed. 
Anhydrous MgCl, cannot be directly obtained by heating 
the hydrated salt. g 
If magnesium chloride hydrate, MgC1,:6H,0O is heated 
strongly, it hydrolyses to yield magnesium oxide (Magnesia) 
which is a refractory material. 
MgCl1,-6H,0 —> MgO + 2HCI + 5H,O 
Electrolysis of magnesium chloride: Magnesium chloride 
obtained by any of the above methods (1a), (2) or (3) is fused and 
mixed with additional mixture of sodium chloride and calcium 
chloride in the temperature range of 973-1023 K. The molten 
mixture is electrolysed. Magnesium is liberated at the cathode 
and chorine is evolved at the anode: 
At cathode: Mg’ + 2e” —> Mg 
At anode: 2C1° —> Cl, + 2e° 
A stream of coal gas is blown through the cell to prevent oxidation 
of magnesium metal (Fig. 5.2). Magnesium metal is obtained in 
liquid state, which is further distilled to give magnesium. 
Carbon anode (+ve) 


ta 


Coal —= 
gas 


Molten Mg 


Porcelain hood 


Steel cell cathode (—ve) 


Fig. 5.2 Electrolysis of magnesium chloride 


Uses: Some important uses of alkaline earth metals are ag f l 
ollow 
8: 


Beryllium: 
1. Metallic beryllium is used for making windows of 
tubes due to its high transparency to X-rays, 
2. Used as moderator in nuclear reactors, as beryllium abg 
fewer neutrons than any other known structural rH, 
3. In manufacture of alloy, copper—beryllium alloys are i , 
in preparation of high strength springs. ii 


4. Used to make electrodes of neon signs. 


X-ray 


Magnesium: 
1. As an antacid: A suspension of magnesium hydroxide į 
n 


water, also known as milk of magnesia is used as an antacid 


in medicine. 
2. Magnesium forms alloys with aluminium, zinc, tin and 
manganese. Mg-Al! alloys being light in mass are used in 


aircraft construction. 


a. Mg = 0.5%, Mn = 0.5%, Cu = 4%, Al = 95%, used in 


making airships. 
Magnalium, Mg = 1% to 15%, Al = 85% to 99%, used 


in making balance beams and light instruments. 


Used for igniting Al powder in thermite process. 


b. 


. In making Grignard reagent. 

MgCO, is an ingredient of toothpaste. 

Magnesium (powder and ribbon) is used in flash powders 
and bullbs. 


Calcium: 
1. Calcium is used in the extraction of metals from oxides 


which are difficult to reduce with carbon. 
levated 


2. Owing to its reactivity with oxygen and nitrogen ate 
temperatures, it is often used to remove air from vacuum 


Nn wh W 


tubes. 
3. For removing sulphur from petroleum. 


4. Asa dehydrating agent in the preparation of absolute alcohol. 


Strontium: 
1. Strontium chloride is used in toothpaste for sensitive teeth. 


2. For producing glass (cathode ray tubes) for colour 


televisions. 


3. Strontium salts are used in flares and fireworks for a crimson 
colour. 


Barium: Owing to its reactivity with oxygen and nitr 
ove air from 


ogen al 


elevated temperatures, it is often used to rem 
vacuum tubes. 
Radium: 

1. Radium salts are used in radiotherapy, for example in the 
treatment of cancer. 

2. Radium salts are used in manufacture of luminous 
which are used for painting clock and watch dial 
buttons etc. The paint consists of a mixture of sulph 
Zn, Cu, Mn etc. containing a trace of radium bromide. 


paints, 
s, push 


| 


ides of 


| 


f does the solubility of alkaline earth metal hydroxides 
E water increase down the group. 

| i y does the solubility of alkaline earth metal carbonates 
| D > 4 sulphates in water decrease down the group? 


| P o alkaline earth metal hydroxides, the anion being 
' ommon, the cationic radius will influence the lattice 
enthalpy: Since lattice enthalpy decreases much more 
shan the hydration enthalpy with increasing ionic size, the 
solubility increases down the group (1). 
b. The size of anions being much larger as compared to cations, 
the lattice enthalpy will remain almost constant within a 
particular group. Since the hydration enthalpies decrease 
down the group, solubility will decrease as found for alkaline 
earth metal carbonates and sulphates. 


Be.C +H,O —> BeO +X 

CaC, + H,O —> Ca(OH), +Y 

Mg,C; + H,O —> Mg(OH), + Z 

identify (X). (Y) and (Z). 
| E Be,C + H,O — BeO + CH, 
(X) 
CaC, + 2H,0 —> Ca(OH), + C,H, 
(Y) 
Mg,C, + H,O —> Mg(OH), + H,C = CHCH; 
(Z) 

Hence, (X) > CH,, (Y) > C,H, Z => H,C = CHCH, 


Give reasons for the following: 

& Alkaline earth metals cannot be 
- teduction. 

b. Alkaline earth metals have stronge 
- complexes than alkali metals. 

© Magnesium nitride on reacting with 
_ but magnesium chloride does not give 
Water, 


a. Alkaline earth metals cannot be obtained by chemist 
reduction, as they themselves are stronger re or . sale 
than common reducing agents. With carbon, 

Carbides. 

b. As compared to alkali metals, 

have 


obtained by chemical 
r tendency to form 


water gives ammonia, 
HCI on reacting with 


alkaline earth metal cations 


i. Smaller size 
ii. Greater charge 7 
Hence, charge to radius ratio or posit! 
earth metals is greater, hence they have 
1 4 


ve field of alkaline 
greater tendency tO 


ATA, 
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c. mene nitride, Mg,N,, is a salt of Mg(OH),, a strong 
ase and NH,, a weak acid, gets hydrolysed to give NH,. 
Mg,N, + 6H,0 —> 3Mg(OH), + 2NH, 
Whereas magnesium chloride, MgCl, is a salt of Mg(OH),. 


a strong base and HCI, a strong acid, hence it does not get 
hydrolysed. 


1.0 g of magnesium ribbon was placed in a crucible and heated 
with the lid on, until the magnesium began to burn brilliantly. 
At the end of experiment, there was 1.45 g of white powder. 
Show that this result does not agree with the equation: 

2Mg (4) + On) —? 2 MB06) 


Give an explanation for your answer. 


BOND 2Mg,, + O —> 2Mg0,, 
24x2¢g (24+ 16)%2¢g 
= 48 g = 80g 
48 g of magnesium ribbon gives 80 g of MgO 


80 
<. 1.0 g of magnesium ribbon gives = 48 x 1.0 g of MgO 


= 1.66 g of MgO 
The actual amount of white ash produced = 1.45 g 
The possible reasons are: 
a. Some of MgO escaped as smoke. 
b. Magnesium did not react completely. 
c. Magnesium might have reacted with N, (air) to form 
magnesium nitride. l 


5.9 SOME IMPORTANT 
COMPOUNDS OF MAGNESIUM 
AND CALCIUM 

5.9.1 MAGNESIUM CHLORIDE (MgCl,-6H,O) 


Preparation: 
1. By passing dry chlorine or HCI over heated magnesium. 


Mg + Cl, — MgCl, 
Mg + 2HCI —> MgCl, + H, 

2. By heating double salt, MgCl,-NH,CLoH,O 

A 


MgCl,-NH,CL6H,O > MgCl, + NHCl + oH,O 
Properties: 
1. Itis colourless, crystalline solid and higly deliquescent and 
soluble in water. 
2. Itcrystallises as MgCl, OHO. When heated, it decomposes 
as follows: . 
MgCl,-6H,0 —*> Mg(OH)Cl + HCI + 5H,0 
Basic magnesium chloride 
Mg(OH)Cl ——> MgO + HCI 
3. When a saturated solution of MgCl, is mixed with MgO, 
the resulting mass sets to hard marble like substance having | 
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composition MgCl,-SMgO-xH.O. This is known as Sorel 

cement or magnesia cement. 

When Sorel cement is mixed with dust, cork waste etc., a 

fairly weather proof material known as Xylotite is obtained. 
Uses: 

1. In the preparation of Sorel cement whichis used (i) as dental 
filling, (ii) for cementing glass and porcelain and (iii) as a 
finish for plaster. 

2. In the preparation of Xylotite which is used as covering for 
floors, laboratory tables etc. 

3. For preparation of MgO and other magnesium compounds. 


5.9.2 MAGNESIUM OXIDE (MgO) 
Preparation: It can be prepared by the following reactions: 
2Mg + O, —> MgO 
Mg(OH), —> MgO + H,O 
2Mg(NO,), —™— 2MgO + 4NO, + O, 
MgCO, —> Mg0+CO, 
Magnesite 
Properties: 
1. It is a light infusible white powder. 
2. It is slightly soluble in water and forms magnesium 
hydroxide. 
MgO + H,O —> Mg(OH), 
3. Itis basic in nature. With water, it forms hydroxide and with 
acid, it forms corresponding salts. 
MgO + 2HCl —> MgCl, + H,O 
MgO + H,SO, —> MgSO, + H,O 
4. Itis reduced by carbon at very high temperature. 
MgO + C —> Mg + CO 


1. In medicines, as an antacid. 
2. As a refractory material for lining electric furnaces. 


3. As an adsorbent in the manufacture of dynamite and in the 
vulcanisation of rubber. 


5.9.3 MAGNESIUM HYDROXIDE (Mg(OH), ) 


Preparation: It is prepared by dissolving magnesium in water or 
by treating magnesium salt with an alkali. 
MgO + H,O —> Mg(OH), 
MgCl, + Ca(OH), —> Mg(OH), + CaCl, 
MgCl, + 2NaOH —> Mg(OH), + 2NaCl 
Properties: 
1. It is a white powder, sparingly soluble in water, 
2. It is basic in nature and reacts with acids to form 
corresponding salts. 
3. It decomposes on heating. 
. It readily dissolves in strong solution of NH 4Cl. 
Mg(OH), + 2NH,Cl —> MgCl, + 2NH,OH 


Uses: In medicine, suspension of Mg(OH), in water is used as an 
antacid, and is known as milk of magnesia. 


5.9.4 MAGNESIUM CARBONATE (MgCO,) 


It occurs in the minerals, magnesite MgCO,, dolomite p 


MgCO,-CaCO,. 


Preparation: It can be prepared by adding NaHCO, to a hot 


solution of magnesium salt. 
MgSO, + 2NaHCO, —> MgCO, + Na,SO, + H,O + CO, 
Properties: 
1. It is a white powder, insoluble in water. 
2. It dissolves readily in water containing excess CO,. 
MgCO, + CO, + H,O —> Mg(HCO,), 
3. It dissolves in acids forming salts with evolution of CO,. 
MgCO; + 2HCI —> MgCl, + H,O + CO, 
MgCO; + H,SO, —> MgSO, + H,O + CO,Î 
4. On heating, it decomposes with evolution of CO.. 
MgCO, —> MgO+Co,* 
5. It forms double carbonates with alkali carbonates. 


MgCO, + Na,CO, —> Na,CO,.MgCO, 


1. As a filler for paper, rubber and pigments. 
2. In the form of magnesite as a refractory material. 
3. In the manufacture of glass and ceramics. | 


5.9.5 MAGNESIUM SULPHATE (MgSO,-7H,O) 


Common name: Epsom salt 


Since it was formally prepared from water of Epsom spring, it {jj 


occurs in nature as minerals: 

1. Kieserite, MgSO,-H,O as Stassfurt deposits 

2. Epsomite, MgSO,-7H,O in certain gypsum deposits. 
Preparation: 


1. Laboratory preparation involves dissolving Mg metal or its 4 


oxide, hydroxide or carbonate in dil H,SO,, evaporating and 
crystallising out the salt. 


Mg + H,SO, —> MgSO, + H, 
MgO + H,SO, —> MgSO, + H,O 
Mg(OH), + H,SO, —> MgSO, + 2H,O 
MgCO, + H,SO, —> MgSO, + CO, + H,O 
2. Commercially, it is prepared by extracting Kieserite with 


water, than the solution is filtered and the salt crystallises 
out. 


MgSO,;H,O + 6H,O — MgSO,-7H,O 
3. By dissolving dolomite in boiling dil H,SO,. 
MgCO,-CaCO, + 2H,SO, —> MgSO, + CaSO,4 
Dolomite dil + 2H.O + 2CO, 
fs 2 


CaSO,, being insoluble in water is filtered off. 
Properties: 


L. It is a colourless, crystalline, efflorescent, quite soluble in 
water and bitter in taste. 


2. It readily forms double salts with alkali metals, e.g. 
K,SO,-MgSO,-6H,0. 


/ 


neated to 150°C, it changes to monohydrate. 
pen 


g p heating, it becomes anhydrous at 200°C. On strong 


furthe 


jng it decomposes into MgO. 
peate’ 


E 


MgSO,-H,O — 12S, Meso, 
MgO + SO, + 50; Strong heating 


Magnesium sulphate is reduced by lampblack at 800°C. 


800°C 
» MgSO, +C — 2MgO + 2SO, + CO, 


| pes: 


| 


4s mordant in dyeing and tanning industry. 
| in the fire proofing of fabrics. 
Asa filler for paper. 


} 

3 . . 

4, In the soap and paint industry. 
5 


In dyeing cotton goods. 


6, In medicine as a purgative. 


59.6 CALCIUM OXIDE (CaO) 
Common name: Quicklime or burnt lime 
Preparation: On commercial scale, it is prepared by heating 
limestone (CaCO,) in a rotary kiln at 1070-1270 K. 
CaCO, = CaO + CO, 
Since the reaction is reversible, to make the reaction proceed in 


forward direction, CO, should be removed as soon as it is formed. 
Properties: 


1. CaO is white amorphous solid. It has a melting point of 


JA 


3. 


4. 


- Quicklime, CaO slaked with soda gives 8 


- CaO is a basic oxide and combine W 


- CaO reacts with carbon dioxide 


2870 K. 


When heated in oxyhydrogen flame, it gives brilliant white 
light called limelight. 


On exposure to atmosphere, it absorbs moisture and carbon 
dioxide. 
CaO + H,O —> Ca(OH), (slaked lime) 
CaO + CO, —> CaCO, 
Calcium carbonate 
CaO is usually obtained in the form of Jumps. On addition 
of limited supply of water, the lumps of lime break. be 
process is called slaking of lime and the fine powder obtaine 
is called slaked lime and this process is higly uncer 
CaO + H,O —> Ca(OH), AH = Oe! 
Slaked lime or calcium hydroxide. 


The paste of lime in water is called milk of lime, nas al 
filtered and clear solution is called limewater. Cn 


eit . R i droxide. : 
her of these is calcium hy odalime 


(CaO + NaOH). th acids and acidic 
Oxides to form salts. 

CaO + 2HC] —> CaCl, + H,O 

CaO + SiO, —> CaSiO, 


6 CaO + POs —> 2 Ca, (PO4)2 sulphur dioxide 


(CO;), ao 
st conditions, but 


i oi 
(SO,), hydrochloric acid (HC!) ane 7 
No reaction occurs when these gase 
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CaO + CO, —> CaCO, 

Calcium carbonate 
CaO + S0, —> CaSO, 

Calcium sulphite 
CaO + 2HCI —>» CaCl, + H,O 


Calcium chloride 


- For the manufacture of sodium carbonate from caustic soda. 
- For the manufacture of CaCl,, cement, mortar and glass. 

. For drying gases and alcohol. 

. As milk of lime in white washing and refining sugar. 

. As Limelight. 


. As limewater, it is used as laboratory reagent and in 


medicines. 


5.9.7 CALCIUM HYDROXIDE (Ca(OH),) 
Common name: Slaked lime 


Preparation: 


1. 


On commercial scale, it is prepared by addition of water to 
quicklime 


CaO + H,O —> Ca(OH), 


This process is known as slaking of lime and Ca(OH). 
therefore is known as slaked lime. 


2. By the reaction of calcium chloride with caustic soda. 
CaCl, + 2NaOH —> Ca(OH), + 2NaCl 
Properties: 
1. 


It is white amorphous powder, which is sparingly soluble 
in water. The suspension or paste of Ca(OH), in water is 


called milk of lime, whereas the filtered and clear solution 
in water is called /imewater. 


. Reaction with carbon dioxide—When carbon dioxide gas is 


passed through limewater, it tums milky due to the formation 
of calcium carbonate. 


Ca(OH), + CO, —> CaCO, + H,O 
On passing excess of CO, gas, the milkiness disappears as 
the precipitate, CaCO,, reacts with CO, to form calcium 


bicarbonate or calcium hydrogen carbonate which is soluble 
in water. 


CaCO, + CO, + H,O —> Ca(HCO,), 


. Milk of lime reacts with chlorine to form hypochlorite, a 


constituent of bleaching powder. 


2 Ca(OH), + 2Cl, —> CaCl, + Ca(OCI), + 2H.O 


Uses: 
l. For the preparation of bleaching powder, mortar (i.e. a 
building material). 7 
2. In white wash due to its disinfectant nature 
3. In glass making and tanning industry, 
4. In purification of sugar, 
5.9.8 CALCIUM CARBONATE (Caco.) 
Calcium carbonate is fi i i 
f ate is found in i) li i 
meaa nature as (i) limestone, (ii) chalk, 
and (iv) in mineral dolomite, C 
$ aCO,-MgCo, 


Preparation: 
1. By passing CO, through Ca(OH),. 
Ca(OH), + CO, —> CaCO, + H,O 
2. By addition of aqueous solution of sodium carbonate to 
calcium chloride. 
Na,CO, + CaCl, —> 2NaCl + CaCO,} 
Properties: 
1. CaCO, is a white fluffy powder, almost insoluble in water. 
2. It is insoluble in water, but dissolves when excess of CO, is 
passed through the solution, due to the formation of calcium 
bicarbonate or calcium hydrogen carbonate. 
CaCO, + CO, + H,O —> Ca(HCO;), 
3. CaCO, decomposes to evolve CO,, when heated to 1200 K. 


Caco, —“*> Cao +0, 


4. CaCO, reacts with dilute acids to liberate CO,. 
CaCO, + H,SO, —> CaSO, + H,O + CO, 
CaCO, + 2HC] —> CaCl, + CO, + H,O 
Uses: 
1. As an antacid, as mild abrasive in toothpastes, and as a filler 
in cosmetics, a constituent of chewing gum. 


2. Calcium carbonate along with magnesium carbonate is used 
as flux in the extraction of metals such as iron. 

3. Specially precipitated CaCO, is extensively used in the 
manufacture of high quality paper. 

4. As a building material in the form of marble. 

5. In the manufacture of quicklime, cement, washing soda and 
glass. 


5.9.9 CALCIUM CHLORIDE (CaCl,-6H,O) 
In occurs in sea water. 
Preparation: In laboratory, it can be prepared by the action of 
hydrochloric acid on calcium, its oxide (lime) or carbonate. 
Ca + 2HC] —> CaCl, + H,Î 
CaO + 2HCI —> CaCl, + H,O 
CaCO, + HC] —> CaCl, + CO,T + H,O 
On evaporating the resulting solution to a syrup and then cooling, 
colourless hexagonal crystals of CaCl,-6H,O are obtained. 
Properties: 
1. On heating at 473 K, CaCl,-6H,O loses four water molecules 
to form dihydrate CaC]l,-2H,O and finally becomes 


anhydrous on fusion. 
473 K 


CaCl,6H,O ——— CaCl,:2H,O —> CaCl, 
The anhydrous salt is an excellent drying agent. 

2. Calcium chloride is a deliquescent substance and extremely 
hygroscopic. 

3. It is extremely insoluble in water, but soluble in alcohol 
and ammonia due to the formation of CaCl,-4CH,OH, 
CaCl,-8NH,. Hence, it cannot be used as drying agent for 
these substances. 


1. The anhydrous salt is used as a drying agent. 

2. The hydrated compound is used for making freezing 
mixtures and in refrigeration. 

3. Highly concentrated solution of calcium chloride is Used in 
liquid baths for heating purposes. 

4. Itis also sprinkled on roads to keep them wet and to Prevent 
dust from flying. 


5.9.10 CALCIUM SULPHATE 
Chemical formula| Commonname | Chemi 


4 


Piel aMmen 


1 Plaster of Paris 
CaSO; 5 H,O 


Preparation: 
1. Gypsum can be prepared by adding dil H SO, to the solution 
of calcium salt. 
CaCl, + H,SO, —— CaSO, + 2HC1 
2. Plaster of Paris is obtained when gypsum is heated to 


re Wt 
Calcium sulphate 
dihydrate 
Calcium sulphate 
hemihydrate 


Anhydrous calcium 
sulphate 


or 
Dead burnt plaster 


393 K. i 
CaS0;2H,0 “> CaSO, 5 H,O + 5H20 
or 


2(CaSO,-2H,O) — => 2(CaSO,)-H,O + 3H,O 


3. Anhydrous calcium sulphate is formed when plaster of Pans 
is heated to 393 K. 


l ; 
CaSO, -> H,O — == CaSO, + * H,0 


Anhydrous calcium sulphate is also known as dead burn! 
plaster or anhydrite. 
Properties of gypsum: 
1. It is crystalline and sparingly soluble in water. 
2. It forms double salt with ammonium sulphate; 
CaSO, (NH,), SO,:H,O. 
3. Action of heat: When heated to ~393 K, gypsum forms 
plaster of Paris. 
Properties of plaster of Paris: 
1. Calcium sulphate hemihydrate is a white powder. 


2. It exhibits a remarkable property of setting Wi 
When mixed with water (one third of its weight), it forms? 
plastic mass and quickly sets to a hard porous mass Na : 
5-15 minutes. This process is highly exothermic. During 
setting, a slight expansion (~1%) in volume occurs 8° á 


th water. 


_ 


the mould completely and takes a sharp impression. 
f setting takes place in two steps. 


1 9 —2——> CaSO,:2H,0 ——___> 


CaSO,’ 2 Setting ; Hardening 
2 step a step 
(Monoclinic 
form) 


Final product of the setting process is gypsum. The setting 

af plaster of Paris may be catalysed by NaCl, while it is 

retarded by alum or borax. 

Reaction with carbon: On strongly heating with carbon, 
| plaster of Paris forms calcium sulphide. 

CaSO, + 4C — CaS + 4CO 


Calcium 
sulphide 


A suspension of gypsum when saturated with ammonia 
and CO, forms ammonium sulphate ((NH,),SO,), a 
nitrogeneous fertiliser. 

CaSO, + 2NH, + CO, + H,O —> (NH,), SO, + CaCO, 
Properties of dead burnt plaster: 

1. Anhydrous CaSO, unlike plaster of Paris does not set 
with water and absorbs water only slowly (like naturally 
occurring anhydrite). 

2. On strong heating, a slight decomposition takes place. 


Strong 
CaSO, -iang CaO + SO, + O, 


tes 


A 


Uses of gypsum: 
1. Itis used in surgery for plastering (i.e. setting) the fractured 
bones. 
2. In making castes for statues, in dentistry, surgical instruments 
etc. ` 
3. In making black board chalks. 


59,11 CEMENT 
Cement is an important building material, which was first 
troduced in 1824 by Joseph Aspdin, a mason of Leeds, England. 
found that when a strongly heated mixture of limestone and clay 
i mixed with water and allowed to stand, it hardened to stone- 
Pie which resembled Portland rock, a famous building stone 
ngland those days. He, therefore, named it as Portland cement. 
0 : ment is a dirty greenish heavy powder which is a mixture 
ma mestone, silica along with oxides of aluminium, iron and 
Snesium,. 


Ve 
rage composition of Portland cement: 


a CaO 50-60% 
Ainiin SiO, 20-25% 
Magnesia ca. ALO, 5-10% 
a i oxide MgO 2-3% 
phur o FeO, 1-2% 
oxide SO, 1-2% 


w 
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ents: Alkaline Earth Metals 
SiO,) to alumina 
tio of lime (CaO) 
(A1,O3) and iron 


s-Block Group 2 Elem 


For a good quality cement, the ratio of silica ( 
(AI,O,) should be between 2.5 and 4.0, and the ra 
to the total of oxides of silicon (SiO), aluminium 
(Fe,O,) should be as close as possible to 2. 

%SiO, 
%AI,O,; 


=2.5to4 


%CaO -2 
%SiO, + %AI,O; + %Fe,O; 
1. Cement containing no iron is white, but hard to burn. | 
2. If the lime present is less than given by the above ratio, 
cement is low in strength and sets very Soon. | 
3. Ifthe lime present is more than given by the above ratio, the 
cement cracks. 
4. Excess of silica produces a low hardening cement. 


5. Excess of alumina produces a quick setting product. 
Raw materials used for the manufacture of cement: 


1. Limestone (CaCO,)—lIt produces lime ( CaO). 

2. Clay—lIt is A1,O,-SiO,-Fe,O,2H,0. Clay provides silia 
(SiO,), alumina (AL0;3). Some of the clays do ne contain 
Fe,O,; and the cement obtained in this case is white and hard 


to burn. 
3. Gypsum (CaSO 4'2H,O)—The addition of gypsum decreases 
the setting time of cement. 
Xylotite, a weather proof material is obtained by mixing sorel 
cement with dust, cork waste etc. 


5.9.11.1 Manufacture of Cement 
Following steps are involved in the manufacture of cement: 
1. Preparation of raw meal or slurry: The raw material, 
namely limestone and clay are mixed in proper proportion 
by either of the processes discussed below: 


a. Dry process: This process is employed when the raw 
materials, namely limestone and clay are hard. 


Limestone is first broken into small pieces. Then, clay 
is mixed to it in proper proportions and the mixture is 
pulverised to fine powder so that it can pass through a 
100 mesh sieve. The homogeneous mass so produced 
is known as raw meal. 


b. Wet process: This process is employed when the raw 
materials, namely limestone and clay are soft, climate 
is fairly damp and fuel is cheap. 


Limestone is crushed to suitable size and clay is washed 
with water in wash mills to remove foreign materials, 
like flint. The powdered limestone is mixed with clay 
paste in the ratio 3:1, and the mixture is finely ground 
and made homogeneous. The resulting paste is known 
as slurry and contains about 40% water. 
2. Calcination of raw meal or slurry: Raw meal or slurry 
prepared by the above-mentioned methods is introduced 
into the rotary kiln with the help of screw conveyer. The 
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rotary kiln consists of a long steel cylinder 6-8 feet in 
diameter and 100-250 feet in length, which is lined inside 
with fire bricks (Fig. 5.3). The kiln rotates on its axis at 
the rate of 1/2 to 1 revolution per minute. When the kiln 
rotates, the charge slowly moves downwards because of the 
rotary motion of the kiln. When it reaches the lowest part 
of the kiln, the temperature is about 1500°C, which is the 
maximum temperature of the kiln. This zone of the kiln ts 
called maximum temperature zone. The charge takes 2-3 h 
to cover the journey in the kiln. 


Raw material 
Hopper for 


coal dust 


Screw 
_7 conveyer 


Cement clinker discharge Cooler 


Fig. 5.3 Manufacture of Portlant cement 


Various reactions taking place in the rotary kiln are as 
follows: 
a. In the moderate temperature zone or upper part of the 
kiln: 
i. In this zone, temperature is up to 800°C. 
ii. Free moisture is removed and clay is broken into 
oxides of aluminium, silica and iron. 
AL,O,-Si0,-Fe,0,-2H,O —> ALO, + SiO, + Fe,O, 
(Clay) + H,O 
b. In average temperature zone or middle of the kiln: 
i. In this zone, temperature is 800-1000°C. 
ii. Limestone decomposes to lime and carbon dioxide. 
CaCO, — >» CaO + CO, 


Lime Lime Carbon dioxide 
stone 


c. In maximum temperature zone or lower part of the kiln: 
i. In this zone, temperature is 1000-1 500°C. 
ii. The oxides, viz. CaO, SiO}, ALO, and Fe,0, combine 
to form calcium silicates, aluminates and ferrite. 
2 CaO + SiO, — 2CaO-SiO, 
Dicalcium silicate 
3 CaO + SiO, —> 3CaO:SiO, 
Tricalcium silicate 
2 CaO + ALO, —> 2CaO-AL0, 
Dicalcium aluminate 
3 CaO +Al,0, —> 3Ca0-A1,0, 
Tricalcium aluminate 
4 CaO + ALO, + FeO, —> 4Ca0-A1,0,-Fe,0, 
Tetracalcium aluminoferrite 


n as Cement Clinker, 
coloured balls ranging 


The resulting product is know 
which is greenish black or grey 
in size from small nuts to peas. 


3. Addition of gypsum to cement clinker: The Cooled 
cement clinker is mixed with 2-3% of its weight of BYpsum 
(CaSO,:2H,9). 

Flow diagram of the manufacture of cement is aş given 
below. 


Limestone and clay 
are powdered and 
mixed to prepare 
Raw Meal or 
slurry 


Calcination 
in 


Rotary kiln 


Cement Clinker 
Main constituent: 


2CaO-SiO>, 3Ca0-Si0p, 
2CaO:’Al,03, 4CaO-AL0; Fe,0, 


Addition of gypsum 


Portland cement 


5.9.11.2 Setting of Cement 


When the cement is mixed with water, it absorbs water to form 
initially a gelatinous mass which slowly sets into a hard mass and 
very resistant to pressure. This is known as setting of cement. 


Reactions involved in the setting of cement are as follows: 
1. During the first 24 hours: 

a. When cement is mixed with water, tricalcium aluminate, 
3CaO-Al,O,, absorbs water and forms a colloidal gel 
of composition 3CaO-Al,O,-6H,O. 
3CaO-Al,O, + 6H,0 —> 3Ca0-Al,O,-6H,O 

Hydrated colloidal gel of 
tricalcium alummate 
This gel slowly crystallises. 

b. Tricalcium aluminate, 3CaO-Al,O.,, which is 3 fast 
setting material, reacts with gypsum to form calcium 
sulphoaluminate. 

3CaO-Al,O, + 2(CaSO,-2H,O) + 2H,0 — 
(Gypsum) 
3CaO-Al,0,-3CaSO,2H:0 
Calcium sulphoaluminate + 61,9 
Thus, addition of gypsum removes the fast setting 
constituent of the clinker and hence the setting process 


a : oth 
of cement gets retarded and results in the better streng 
of the mass that sets. 


2. Between 1 and 7 days: 


3CaO-SiO, and 3CaO-Al,O, get hydrolysed. 


Hydrolysis 
Solas Ca(OH), ppt. 


+2Ca0°Si93 
(Amorphous) 


3CaO-SiO, + H,O 


Hydrolysis 3Ca (OH), 4 


+ 2Al (OH); 


Is 
formed above changes into needle shape CY “ 
ts studded in the colloidal gel, 2Ca0-SiO,, 


3Ca0-Al,0, + 6H,O 


Ca(OH), 
Which ge 


gore asin its strength. Al(OH), formed above fills the large n 


! erstices resulting in hardening of the mass. 
in 


| getween 7 and 28 days: 


j, ) ca0:SiO, begins to hydrate a slow reaction and forms 
7 the hydrated colloidal gel 


(2Ca0'Si0,'xH,0) 


Hydrati 
9 Ca0:SiO, + xH,O —— ton 2Ca0-SiO,-xH,O 


Hydrated colloidal gel of 
dicalcium silicate 


= caOĦ)}, needles formed in step (2) gets studded in hydrated 
| colloidal gel (2CaO-Si0,-xH,O) and thus impart strength 


to it. 

pb. 4Ca0-Al,0,-Fe,O, gets hydrated to form colloidal gel 
(3Ca0-Al,0,-6H,O). The gel slowly loses water partly 
due to evaporation and partly by forming hydrates. Thus, 
cement sets to a hard mass. 


;10 BIOLOGICAL IMPORTANCE OF 
_ MAGNESIUM AND CALCIUM 


| Chemistry of life involves many chemical elements, magnesium 
ad calcium are those elements which play an important role 
n biological processes. An adult body contains about 25 g of 
mgnesium and 1200 g of calcium compared with only 5 g of 
mon and 0.06 g of copper. The daily requirement of calcium and 
magnesium is 200-300 mg. Magnesium ions are concentrated in 
tte body fluids outside the cell, just in the same way as potassium 
ws concentrate inside the cell and sodium ions outside. 
Magnesium ions catalyse a number of enzymatic reaction. 
'acrgy is stored in living beings in the form of phosphate 
‘akages in adenosines phosphate (ATP). The formation of these 
aage, Le. storage of energy is catalysed by magnesium ions. 
“versely, hydrolysis of phosphate linkages is accompanied by 


‘ig of energy and this process is also catalysed by magnesium 


Kni diet is rich in phosphate ions, magnesium may precipitate 

i magnesium phosphate, Mg, (PO,),. This most commonly 
cy * In infections of urinary tract. 

i lorophyll, a green colouring pigment in plants which absorbs 


„e“ and is : ; i ium 
ln, Mg2+ essential for photosynthesis, contains magnesi 


"ai ne is also an essential element for all organisms. 
| Patite ii of the body calcium is present in bones and teeth 
Bta po Oa) and the enamel on teeth as fluoroapatite 
muset 2 Fa: Calcium is required to tri gger the contraction 
E co © maintain the regular heart beat and in blood clotting. 
it j ncentration of calcium in blood plasma is ~100 mg L 
Parathy, Maintained by two hormones namely, calcitonin and 
alci „Bone is not an inert and unchanging substance. 
bones are continuously dissolving into and 
bal um aes the blood plasma to the extent of ~400 mg 
lp nce, ee beings. In normal adults, this exchange }s In 
| i One Ps women and elderly people, there is sometimes net 
j nium calcium, leading to the disease called osteoporosis. 

: Jordie cficiency is caused due to actual absorption. One 
uity is the tendency for calcium to be precipitated by a 
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large number of anions present in food. In this regard, phosphate 
ion interferes to the greatest extent. Therefore, a protein-rich diet, 
Which is rich in phosphates will be unfavourable for calcium 
absorption. 


a. Give an example of laboratory desiccant. 
b. What are the products formed when MgC1,:6H,0 1s heated? 


a. Anhydrous CaCl.. 
b. MgCl,-6H,O —“> MgO + 2HCI + 5H,O 


Plaster of Paris on losing water and gaining water gives A and 
B. Identify A and B. 


| 1 
Sol. Plaster of Paris is CaSO, - a aM 


On losing water, it forms CaSO, 
1l 1 
CaSO, - 5 HLO CaSO, + 229 


(A) Dead burn plaster 
On gaining water, it forms CaSO,-2H,O 


1 3 
CaSO, - 5 H,O + Par ad — CaSO,.2H,O 
(B) Gypsum 
(A) and (B) are CaSO, and CaSO,-2H,O respectively. 


BaO, is a peroxide, but PbO, is not a peroxide. Why? 


Sol.) Metallic oxides which on treatment with dilute acids 
produce hydrogen peroxide are called peroxides. All peroxides 
contain a peroxide ion (O,~ ) having the structure [O—O]--. PbO, 
does not contain peroxide ion and hence it cannot be called a 
peroxide. 


Which is the weakest base among NaOH, Ca(OH),, KOH and 
Be(OH),. 


[SGD Be(OH), is the weakest base, since alkali metal hydroxides 

are stronger base than alkaline earth metal hydroxides. Also, basic | 
character of hydroxides increases on moving down the group. | 
Hence, Be(OH), is the weakest base. 


a. Why sodium chloride is added during electrolysis of fused 
anhydrous magnesium chloride? 
b. Why magnesium oxide is used for the linin 


g of steel makin 
furnace? 5 
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a. Sodium chloride (NaCl) is added to lower the fusion 


temperature of magnesium chloride (MgCl,) and to make 
the mixture as a good conductor of electricity. 


b. MgO is used for the lining of steel making furnace as it 


forms slag with the impurities and thus helps in removing 
them from iron. 


Give the names and formula of the compounds indicated in the 
following statements. 


a. 
b. 


A compound of Ca used in setting fractured bones. 

A compound of calcium and hydrogen which is used as a 
portable source of hydrogen for filling balloons. 

A compound of Ca, O, Cl and H used as germicide. 


d. Acompound of Mg, O, Cl and H used as a cement for joining 


cracked teeth. 


e. A compound of Mg, Cl and O used as a drying agent. 


A compound of Ca and O which when heated in oxycoal 
gas flame gives limelight. 


g. Acompound of Ca, C and N used as a fertiliser. 
h. A triatomic compound of Ca which gives H, on treatment 


with water. 


1 
a. Plaster of Paris, CaSO; 5 H,O 


b. Calcium hydride, CaH, (Hydrolith) 

c. Bleaching powder, CaOCl,-H,O 

d. Sorel cement, MgCl,-SMgO-xH,O 

e. Anhydrone, Mg (C1O,), 
It has strong affinity for water giving Mg(ClO,),-6H,O. It 
loses all six water molecules of crystallisation at 250°C and 
drying property is regenerated. 

f. Calcium oxide, CaO 

g. Calcium cyanamide, CaCN, (nitrolim) 

h. Calcium hydride, CaH, 
CaH, + 2H,O —> Ca(OH), + 2H, 


a. What is the hybrid state of Be in BeCl, in vapour state. What 
will be the change in the hybrid state of BeCl, in the solid 
sate? 

b. Draw the structure of (i) BeCl, (vapour state) and 
(ii) BeCL, (solid state). 

c. Why do halides and hydrides of beryllium polymerise? 


a. In the vapour state, BeCl, exists as a linear molecule, i.e. 
each Be is bonded to two Cl atoms and Be is sp hybridised. 
Whereas in the solid state, BeCl, exists as a polymer and 
each Be is bonded to two Cl atoms by covalent bond and 


} 


. Complete the following equations for the reaction R 


two a atoms by coordinate bond. Be atom in solid BeCl, y 
is sp’ hybridised. ar 


_ In vapour state, BeCl, has chlorobridged dimer structure y 


lal 


which dissociates into ingar monomer at 1000°C. 


CI f. 
Z N / 
Cl — Be Be — Cl Cl — Be — Cl (i 
} 
re (0 
(Dimer) (Monomer) i 
Solid BeCl, has polymeric structure h 
Cl Cl i 
\ N ZN | 
PR aN e } 
i 
c CI ii 


. The monomer BeH, and BeCl, formed with normal covalent i! 
bonds will result in oniy four eoni in the valence shell of ql 
beryllium and thus they are electron- deficient compounds. ¥' 
By polymerising, each atom shares its electrons with several g 
neighbours and receives a share in their electron making 
the situation more favourable. Therefore, the hydrides and 
halides of Be polymerise. 


i 

CONCEPT APPLICATION EXERCISE 5.1 s 
4 
i 


1. Name an element which is invariably bivalent and whose 


oxide is soluble in excess of NaOH and its dipositive ion | 


has a noble gas core. | i 

. Differentiate between ) 
a. quicklime b. limewater c. slaked lime | i 

. How is plaster of Paris prepared? Describe its chief | 
property due to which it is widely used. f 

. Give reason for, ‘NaHCO, is known in solid state but l 
Ca(HCO,), is not isolated in solid state.’ L 

. Contrast the action of heat on the following with reason: + 
a. Na,CO, and CaCO, 

b. MgCl,-6H,O and CaCl,-6H,O | 

Ù 


c. Ca(NO,), and NaNO, | 


between ` | M 


a. Ca + H,O b. Ca(OH), + Cl, l 
c. BeO + NaOH d. BeO, + H,SO, 


. The enthalpy of formation of hypothetical CaC ly | d 


theoretically found to be —188 kJ mol! and the AH 
for CaCl,/,) is -795 kJ mol! '. Calculate the AH for the | t 
disproportionation reaction. 


t 
2 CaCl. —> CaCl.) + Ca, 


. Compare and contrast the chemistry of group | metals ' 


with that of group 2 metals with respect to Y 
a. Nature of oxides I, 
b. Solubility and thermal stability of carbonates M 
c. Polarising power of cations t 
d. Reactivity and reducing power y 


- Mention the main constitutes of Portland cement. \ 


rhappens whens 
mha ium is burnt 1n air 
} Magnes! x sia 
; icklime is heated with silica 
u R ; 
"chlorine reacts with slaked lime 
c calcium nitrate is heated 
‘cribe two important uses of each of the following: 
pescriDe © l 
Caustic soda 
4 sodium carbonate 
n Quicklime . . 
a the raw materials required in the manufacture of 


L d cement. What is the role of gypsum in it? 


“portlan | 
Like lithium in group 1, beryllium Shows anomalous 

‘ehaviour in group 2. Write three such properties of 
beryllium which make it anomalous in the group. 
geryllium exhibits some similarities with aluminium. 

. Point out three such properties. | 

Name the chief forms of occurrence of magnesium in 
nature. How is magnesium extracted from one of its ores? 

Commercial aluminium always contains some 
magnesium. Name two such alloys of aluminium. What 
properties are imparted by the addition of magnesium to 
these alloys? 

Why is it that the s-block elements never occur free in 
nature? What are their usual modes of occurrence and 
how are they generally prepared? 

_ How will you distinguish between: 

a. Magnesium and strontium 
b. K,SO, and BaSO, 
_ Give reasons for the following: 
a. BeO is used as a refractory material. 
b. Beryllium halides are polymeric. 
¢. Be(OH), dissolves in NaOH, but Ca(OH), does not. 
d. On hydrolysis at room temperature, Mg;N, gives 
ammonia, whereas MgCl, gives HCl. 

How is anhydrous magnesium chloride prepar 
magnesium chloride hexahydrate? 

Give reasons for the following: 

a. Why is calcium preferred over sodium t 
traces of alcohol? l 
b. A piece of buring magnesium rinyon 
burn in SO,. 
c. Halides of Be are soluble in orga 
those of Ba are insoluble. he 
d. BeCl, fumes in moist ar, but © 
metal chlorides do not. CaF, and BaF, 
Lattice enthalpies of BeF,, wae aot respectively 
~2906, ~2610, —2459 and T 2+ ae" Ba’ and 


+ ’ l 
Hydrati Ipies of Be > E _457 kJ mol 
F are 3194, 921, 1577, -130 and ~o highest 


rides has 
respectively. Which of the a 
Solubility in water? 


ed from 


o remove last 
continues to 
nic solvents, while 
r alkaline earth 


are 


eleme da 
"On treatment with cold war” ae le Gili a 
quietly liberating a colourles® 4 with (B) y! 


a e 
basic solution (C). Lithium r 
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solid product (D) which effervesced with water to give 
a strongly basic solution (E) and gas (F). When CO, was 
bubbled through solution (C), initially a white ppt. (G) 
was formed, but this redissolved forming solution (H) 
when more CO, was passed, precipitate (G) effervesced 
when moistened with conc HCI and gave a brick red 
colouration to the Bunsen flame. When (G) was heated 
with carbon at 1000°C, a caustic white compound (I) was 
formed, which when heated with N, at 1000°C gave a 
solid (J) of some commercial importance. Identify (A) to 
(J) and explain the reactions. 
24. Give reasons for the following: 


a. Anhydrous calcium sulphate (anhydrite) cannot be 
used as plaster of Paris. 

b. Limewater turns milky on passing CO, through it, 
but milkiness disappears on passing excess of CO,. 

c. The reaction between marble and dil H,SO, is not | 
used to prepare CO,, 

d. In the manufacture of Mg by carbon reduction of 
MgO, the product is cooled in the stream of an inert 
gas. 

e. Magnesium metal burns in air to give a white ash. 
When this ash is treated with water, the odour of 
ammonia can be detected. 

25. What happens when: 
a. Water is added to CaC, and the resulting gas is passed 
through dil H,SO, containing HgSO,,. 
. Hydrated MgCl, is heated in presence of NH gC. 
. FeCl, solution is treated with Mg. 
. NH,Cl is heated with Mg. 
. CO, is passed through limewater. 
f. SO, is passed through limewater. 
26. Give the chemical formula of the following: 
a. Plaster of Paris 


0 aAa T 


b. Asbestos 


c. Hydrolith d. Lithopone 
e. Gypsum f. Marble 
g. Anhydrite h. Baryta water 


i. Quicklime j. Slaked lime 
l. Kieserite 

n. Baryta 

p. Witherite 


_ © Pluorspar 


k. Magnesite 
m. Epsom salt 
0. Beryl 

q. Celestine 


een 


i Solved Examples d 
ees E E 


Chemical (X) js use 
hardness. (X) reacts 
soda. When CO 


d for water ; 
softening t 
. : o remo 
With sodium Carbonate to ve tempor 


2 İs bubbled through (X)? 


8enerate caustic 
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Ca(OH), + Na,CO, —> 2NaOH + CaCO, 


Sodium hydroxide 
or caustic soda 


Ca(OH), + CO, —> CaCO, 4 + H,O 
Milkiness 
Hence, (X) is Ca(OH),. 


Magnesium on heating in air gives (A) and (B). On reaction with 
water (B) gives a colourless gas (C). (C) when passed through 
CuSO, solution, gives a blue coloured solution (D). Identify 


(A), (B), (C) and (D). 


Mg+air —2> (a)+(B) 
|H20 
(D) CuSO, solution (C) 
ccc 


Blue coloured Colourless gas 
solution 


Magnesium, Mg reacts with O, and N, present in the air to give 
Mg + O, 5 MgO 
(air) 
Mg + N, —> Mg.N, 
(air) (B) 
MgO + H,O —> Mg(OH), 
Mg,N, + 6H,O —> 3Mg(OH), + 2NH, 
Since on hydrolysis, Mg,N, produces a colourless gas NH,, (B) 
is Mg.N,. (A) is MgO and (C) is NH. 
4NH, + CuSO, + H,O —> [Cu(NH,),]SO,-H,O 
(D) Blue coloured solution 


Thermal decomposition of a compound (X) yields, basic oxide 
(Y) and an acidic oxide (Z) simultaneously. The acidic oxide (Z) 
can be absorbed by alkaline KOH. Indentify (X), (Y) and (Z). 
HB x: — Y + Z 


Basic Acidic 
oxide oxide 


CaCO, “+ CaO + CO, 


(X) Basic oxide Acidic oxide 
(Y) (Z) 
CO, + KOH —> K,CO, + H,O 
) 


Hence (X), (Y) and (Z) are CaCO, CaO and CO, respectively. 


Strong 
(a h ae ti 
R ATE <-> E (C) 
gypsum 
| 120°C 
(A) 
Identify (A), (B) and (C). 


120°C l 3 
ED CaSo,.2H,0 — 1S, CaSO, 5 H,O + 3 H,0 
Gypsum (A) Plaster of Paris 


SS E e 
CaS0,2H,0 — = CaSO, + 2H,0 
(B) 
Dead burnt plaster 
CaSO, Strong heating ~ CaO + SO, + O, 


(C) 


Lime 


l 
Hence, (A) is plaster of Paris, CaSO; 5 H,O, (B) is dead burnt 
plaster, CaSO, and (C) is lime, CaO. 


When a colourless gas (A), which is poisonous and burns with 
blue flame, is passed through aqueous NaOH solution, gives a 
compound (B). Compound (B) on heating gives (C). (C) gives a 
white precipitate (D) with CaCl. Both (C) and (D) decolourises 
KMn0O,,. Identify (A) to (D). 


+ NaOH soln (B) 


i (A 
Colourless, poisonous 
gas burns with 


blue flame 


(B) > © 
(C) + CaCl, —> (D) 
White ppt. 
(C) and (D) decolourise KMnO,, this indicates that both are- 
reducing agents. i 
(A) is CO, i.e. carbon monoxide which burns with blue flame . 
and is poisonous. 
CO + NaOH —> HCOONa 
(A) Sodium formate 


(B) 


2 HCOONa —* > COONa 
| +H, 
COONa 
(C) 
Sodium Ni 
oxalate 


COONa COOCa 
| + CaCl — | + 2NaCl 
COONa COOCa 

(D) 


Both (C) and (D) decolourise KMnO yas the MnO} ionis 
reduced to Mn?*, a colourless species. 2 
COO" SS 
| = 200; + 5 |x5 
COO" = 


[ MnOy) + Se” + 8H® —5 Mn” 4 4H,0]x 2 
—_— UUO i. ) 
5 COO" f 

| +2MnO,’ + 16H® —> 10CO, +2Mn2* +8H,0 | 
COO® | \ 
\ 


a 
m 


f , . C 
nce, (A) 18 CO, (B) is HCOONa, (C) is i OONa 
He COON and (D) 
a 
cool a 
‘-p0C? 


element (A) of A 2 gives brick red colour in the Bunsen 
fie (A) burns in nitrogen atmosphere to give (B), which gets 
jysed to produce gas (C) and an alkaline solution (D). The 
‘an (D) on exposure to air produces a thin solid layer (E) 
atte surface. Identify (A) to (E). | 


Given 
” (A) 


r N => @) 


Group 2 element 
P [1o 
Flame test 
j (C) + (D) 
Brick red Gas Alkaline 
colouration solution 
Air 
(E) 
Thin solid layer 


Since (A) gives brick red colouration in the Bunsen flame, (A) 
s cakium. 
3Ca + N, —> CaN, 
(A) (B) (Calcium nitride) 
Ca, N, + 6H,O0 —> 3Ca(OH), + 2NH, 
(D) (C) 
Ca (OH), + CO, —> CaCO, + H,O 
(D) (Air) (E) 
Hence, (A) is calcium (Ca), (B) is Ca3N,, (C) is NH}, 
40H), and (E) is CaCO,,. 


(D) is 


Identify from (A) to J. 
14) 0 
A) m (B) (gas) + (© 
colourless solution 
odourless 
Ba H,O E) + Gas 
+1 ==> D) with effervescence r solution 
solid 
(C XCESS ° 
b E E). (G) 
white ppt. AgNO 
meon, gjeo DP 
: TE ! te white ppt 
| C] and 


i oS, : ‘ctened with cone: 
vcipitate (F) effervesced when Some 
We deep red colouration to a flame fae 


TEED since (F) gives deep red colour to far 


s-Block Group 2 Elements: 


Alkaline bart thud wh! hs 


ne, it ahi nll bya l A 


Ca 20 5 H, + Ca(OH), —2-» CaCO, 


(A) 


LIH 
(D) 


ao. 


20 LiOH + H; (gas) 
(E) 


(B) 


Li 
A 


7 WV) 


(C) 
Aecenn Cartum 
CO; DOE» Cth 
14$) 
Ca(HCO;) 
(G) 


Basic solution 


Identify P, Q, R and S. 


Calcium mide > Q + R (Gas) 


3Mg(OH), 


| Bleaching powder 


5 L + 3H,O 
a R( Gos) nga S(Gas) + 3CaCl1, ; 


(ii) O 


(i) Ca(NH) + 2H,O —> Ca(OH), + NH, (g) 


(P) 


(Q) (R) 


(ii) 2NH, + 3CaOCl, —> N, (g) + 3CaCl, + 3H,O 


(R) 


Bleaching 
powder 


(S) 


6H,O 
Mg,N, ———> 3Mg(OH), + 2NH, 
iR) 


oe - 


e- 


T 


ative TEEN time "sy 


Single Correct Answer Type il 


General characteristics of Alkaline Earth Metals 


1. 


10. 


11. 


12. 


Beryllium shows diagonal relationship with 
(1) Mg (2) Na 
(3) Al (4) B 
. Dolomite is mineral whose formula is 
(1) CaCO, (2) MgCO, 
(3) CaCO, ‘MgCO, (4) CaSO,°2H,O 


. The ionisation enthalpy of alkaline earth metals is 


(1) Greater than alkali metals but less than elements of 
group 13 

(2) Less than alkali metals 

(3) Greater than elements of groups | and 13 

(4) Equal to alkali metals 


. Out of the following metals that cannot be obtained by 


electrolysis of the aqueous solution of their salts is 
(1) Ag (2) Mg 
(3) Cu (4) Au 


. An important ore of magnesium is 


(1) Malachite 
(3) Carnallite 


(2) Cassiterite 
(4) Galena 


. Calcium is obtained by the 


(1) Roasting of limestone 

(2) Electrolysis of a solution of calcium chloride in water 
(3) Reduction of calcium chloride with carbon 

(4) Electrolysis of molten anhydrous calcium chloride 


. Which of the following compound is most soluble in water? 


(1) MgSO, (2) CaSO, 

(3) SrSO, (4) BaSO, 
. Ca? is isoelectronic with 

(1) Mg” (2) Kr 

(3) Ar (4) Na? 


. Which of the following electronic configurations in the 


outermost two shells is characteristic of the alkaline earth 
metals? 

(1) (n- 1) s*p°ns* 
(3) (n—- 1) s*p°ns*p! 


(2) (n—-1) spd’ Ons? 
(4) None of these 


Magnesium combines with nitrogen to form a nitride, which 
reacts with water to form a colourless gas. The gas is 

(1) NH, (2) N,O 

(3) NO (4) N,O 

Which has the highest electronegativity? 

(1) Li (2) Be 

(3) Mg (4) Na 

Which of the following undergoes disproportionation? 

(1) Ba” (2) Ba” 

(3) BaH, (4) BaSO, 


Exercises 


fea at os ll eet aa mi Oc a ee y 


a y 
ji 
j 
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13. Which of the following alkaline earth metal oxide ; is m 
Ost 


basic? 
(1) BeO (2) MgO 
(3) CaO (4) BaO 


14. Which of the following metal reacts with cold HLO with the 
evolution of H, gas? 


(1) Ca (2) Al 
(3) Zn (4) Cu 
15. Which of the following salt will give a green colour in fire 
works? 
(1) Ca (2) Ba 
(3) Mg (4) Sr 
16. Which of the following does not contain the true peroxide 
ion? 
(1) Na,O, (2) H,O, 
(3) BaO, (4) SrO, 
17. The most abundant alkaline earth metal in the earth’s crust is 
(1) Be (2) Mg 
(3) Ca (4) Sr 
18. The hydration enthalpy of Mg” is greater than 
(1) AP* (2) Na? 
(3) Ca?” (4) Sr 


19. Which of the following metal is the most difficult to extract 
from its oxide? 
(1) Cs (2) Ca 
(3) Mg (4) Ag 
20. The most probable reason that the alkaline earth metals give 
dipositive ions instead of unipositive ion is 
(1) The compounds with +2 oxidation state have more lattice 
enthalpy than those with +1 oxidation state. 
(2) The values of their first and second ionisation potentials 
are not very much different. 
(3) The dipositive ion has grater charge than the unipositive 
ion. 
(4) The compounds of +1 oxidation state of these metals are 
not stable. 
21. Typical elements is the name given to the elements of 
(1) Zero group (2) Group 2 
(3) 2nd and 3rd period (+) Group | 


22. Two metals (A) and (B) belong to the same group of the 
periodic table. Metal (A) forms an insoluble oxide but 4 


metal (B) forms a soluble oxide but an 


soluble sulphate, 
droxides 


insoluble sulphate, Both metals (A) and (B) form hy 
which are soluble in alkalis. (A) and (B) are 
(1) Ba and Mg (2) Na and K 
(3) Mg and Ba (4) K and Rb 

23. Which of the following forms covalent compound? 
(1) Be (2) Mg 
(3) Ca (4) Sr 


he i 35. 
JA agnetic nature: 
y piamagnetic (2) Antiferromagnetic 
ferromagnetic (4) Paramagnetic s 
: the nuclear charge increases from neon to calcium, the ` 
s 
-orbital energies 
|) Increase (2) Increases very rapidly 
(4) Fall IT 


(3) Increase very slowly 
¢, Be and Al exhibit many properties which are similar. But the 
two elements differ in 
(1) Forming covalent bonds 
(2) Forming polymeric hydrides 
(3) Exhibiting maximum covalency in compounds 
(4) Exhibiting amphoteric nature in their oxides 
17, Magnesium is an important component of which biomolecule 
occurring extensively in living world? 
(1) Haemoglobin (2) ATP 
(3) Chlorophyll (4) Vitamin B, 
18. Several blocks of magnesium are fixed to the bottom of a 
ship to 
(1) Prevent action of water and salt 
(2) Prevent puncturing by under sea rocks 
(3) Keep away the sharks 
(4) Make the ship lighter 
+9. A compound (A) gives brick red flame and breaks down on 
heating giving oxygen and brown gas. (A) is 
(1) CaCO, (2) MgCO, 
(3) Mg(NO,), (4) Ca(NO,), 
4. Which of the following pair of substances give same gaseous 
Product on reaction with water? 
(1) Na and Na O, (2) Ba and BaO, 
3) Ca and CaH, (4) Ca and CaO 
iL An alkaline earth metal gives a salt with chlorine which is 


Paringly soluble in water at room temperature but fairly 


Soluble in boiling water. It also forms a sulphate whose 
mixture with a sulphide of a transition metal is called 
lithopone’ and is used as white pigment. The alkaline earth 
metal js 


(1) Ca (2) Mg 
„ÒS (4) Ba 
i 

The Metal that is extracted from sea water is 

(D) Mg (2) Ca 
p Be (4) Ba 

hs element which shows radioactivity is 

) Mg (2) Sr 

(3) Ba 

4, (4) Ra 


Snesium wire burns in the atmosphere of CO, because 
“8nesium acts as an oxidising agent 
3 “8nesium has two electrons in the outermost orbital 
“8Nesium acts as a reducing agent and removes oxygen 
from CO 


4 2 
None of the above 


compounds of alkaline earth metals have the following 


38. 


39, 


40. 


41. 


42. 


43. 


44. 


s-Block Group 2 Elements: Alkaline Earth Metals 5.35 
—— P c Elements: Alkaline Earth Metals 5.35 
On strong heating of CaO and C, the products fromed are 


(1) Ca and CO (2) CaC, and CO 
(3) Ca(OH), (4) CaC, and CO, 
The nature of the oxide of radium is 

(1) Basic (2) Acidic 

(3) Neutral (4) Amphoteric 
Radium is obtained from 

(1) Limestone (2) Rutile 

(3) Pitchblende (4) Barytes 


Which of the following is used for taking the X-ray spectra 
of the digestive system: 


(1) CaSO, (2) BaSO, 
(3) MgSO, (4) BaCO, 
Among the given statements, the incorrect one is 


(1) Be differs much from other alkali metals than Li does 
from other alkali metals. 


(2) Be generally forms covalent compounds. 

(3) Be forms a very strong complex, [Be(H,O) ae 

(4) Be usually has more than four water of crystallisation 
associated with it. 

Mg is precipitated and estimated gravimetrically as: 

(1) Mg (NH,) PO, (2) Mg (NH,) PO,-6H,O 

(3) Mg,P,0, (4) Mg,(PO,), 

Select the incorrect statements 

(1) Thermal stability of BaCO 3 Is more than that of BeC O, 

(2) BaO is more basic than BeO 

(3) BeSO, is used in diagnosing stomach ulcers. 

(4) Ksp value of Ba(OH), is greater than that of Be(OH), 

Select the incorrect statement 


(1) Mg is used as a reducing agent in the extraction of boron 
and silicon. 


(2) White pigment lithopone is (BaS + ZnSO,) 

(3) The order of hydration energy of the following is: 
Al” > Be** > Mg** > Mg?” > Na® 

(4) Alkaline earth metals are we 


aker reducing agent than 
alkali metals, 


Select the correct statements 
(1) Function of CaCl, in the electrolytic Preparation of Na is 
raise the melting point of NaCl melt. 
(2) Be shows a covalency beyond 4, 
(3) BeCl, fumes in air. 
(4) Dehydration of MgCl-6H,O is carried out with H,SO, 
Select the incorrect statements 
(1) Be(OH), dissolves in NaOH and forms 
sodium tetra hydroxidoberyllate. 
(2) Be(OH), dissolves in acid to form beryllium salt. 
(3) Mg and C are produced when MgO reacts with CaC, 
(4) Melting point of CaF, is lower than that of Cal, 


yin 


5.36 Inorganic Chemistry 

Compounds of Alkaline Earth Metals 

45. Formula of gypsum salt is 

(2) CaSO; 5 H,O 


(1) CaSO,2H,O 
(3) 2CaSO,'H,O (4) CaSi0, 
46. CaC, reacts with water to give 
(1) Methane (2) Ethane 
(3) Ethylene (4) Acetylene 
47. Plaster of Paris is 
(1) CaSO," 5 H,O (2) CaSO; 2H,0O 
(3) CaSO, CaCO, (4) CaSO; 5H,0 
48. Mixture of CaCN, and C is called 
(1) Barytes (2) Anhydrite 
(3) Nitrolim (4) Iceland spar 
49. Lithopone is a mixture of 
(1) BaSO, and BaS (2) BaSO, and ZnS 
(3) BaO and ZnS (4) BaCO, and ZnO 
50. Slaked lime is obtained when water is added to 
(1) CaSO ‘ H,O (2) CaCl, 
(3) CaO (4) CaCO, 
51. Which of the following is not present in cement? 
(1) Gypsum (2) Clay 
(3) Alumina (4) Alum 
52. Gypsum on heating to 390 K gives 
(1) CaSO,-2H,O (2) CaSO, 
(3) CaSO; Z H,O (4) SO, and CaO 
53. Ripening of fruits can be carried out in presence of 
(1) Na SO, (2) NaCl 
(3) CaCL (4) CaC, 
54. The drying agent which absorbs carbon dioxide and reacts 
violently with water is 
(1) Sódium carbonate (2) Alcohol 
(3) Conc HSO, (4) Calcium oxide 


55. The difference of number of water molecules in gypsum and 
plaster of Paris is 


5 
(1) T (2) 2 


(3) 1/2 (4) i> 
2 

56. Which of the following decomposes at highest temperature? 
(1) SrCO, (2) BaCO, 

(3) CaCO, (4) MgCO, 

57. When a substance A reacts with water it produces a 
combustible gas B and a solution of substance C in water. 
When another substance D reacts with this soution of C, it 
also produces the same gas B on warming but D can produce 


B on reaction with dilute sulphuric acid at room tempera 
A imparts a golden yellow colour to a smokeless 
Bunsen flame. A, B, C and D are respectively. 


(3) CaC,, C,H,, Ca(OH),, Fe (4) Ca, H,, Ca(OH),, Sn 
58. The basic strength of which hydroxide is maximum 


flame of 


(1) LiOH (2) NaOH 
(3) Ca(OH), (4) KOH 
59, Of the following, an amphoteric hydroxide is 
(1) Ca(OH), (2) NaOH 
(3) Be(OH), (4) LiOH 


60. The following compounds have been arranged in order of 
their increasing stabilities. Identify the correct order. 


K,CO,(J) MgCO, (II) 
CaCO, (IIT) BeCO,(IV) 
(1) 1< II < HI <TIV (2)IV <II<II <I 
(3) IV <II <I<II (4) 0 <IV<I<I 
61. Which of the following is insoluble in acetic acid? 
(1) CaCO, (2) CaC,O, 
(3) Ca(OH), (4) CaO 
62. Which of the following fluoride is more soluble in water? 
(1) BaF, (2) BeF, 
(3) MeF, (4) CaF, 
63. Solubility of alkaline earth metal carbonates in water is as 
follows: 


(1) BeCO, > MgCO, > CaCO, > BaCO, 

(2) BeCO, > CaCO, > MgCO, > BaCO, 

(3) BeCO, < MgCO, < CaCO, < BaCO, 

(4) BaCO, < BeCO, < MgCO, < CaCO, 
64. Epsom salt is 


(1) MgS0,7H,0 (2) CaSO, 2H,0 
(3) CaSO, (4) FeSO,-(NH,),SO,6H,0 


65. Which of the following alkaline earth metal carbonate IS 
thermally least stable? 


(1) BeCO, (2) CaCO, 
(3) MgCO, (4) BaCO, | 

66. The basic character of the alkaline earth metal hydroxides 5 ` 
as follows: 


(1) Mg(OH), > Ba(OH), > Ca(OH), > Sr(OH), 
(2) Be(OH), > Sr(OH), > Ca(OH), > Mg(OH), 
(3) Sr(OH), > Ca(OH), > Ba(OH), > Mg(OH), 
(4) Mg(OH), > Ba(OH), > Sr(OH), > Ca(OH); 
67. Which of the following bicarbonate is insoluble in water. ' 
(1) Mg(HCO,), (2) NaHCO, 
(3) KHCO, (4) Ca(HCO;), 
68. The oxidation state of the most electronegative © 
the products of the reaction of BaO, with dil H,SO, ae ( 
(1) 0 and -1 (2) -1 and -2 
(3) -2 and 0 (4) — 2 and +1 
69. Anhydrous MgCl, is obtained by heating h 
MgCl,-6H,0O. 


lements !" 


ydrated salt, h 


Í 
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80. The substance not likely to contain CaCO, is 


s-Block Group 2 Elements: Alkaline Earth 
strongly in alr 


l jn presenc? pi . (1) Dolomite (2) A marble statue 

4 p presence of conc H,SO, which absorbs moisture (3) Calcined gypsum (4) Sea shells | 

i In presen” i pa alt 81. One mole of magnesium nitride on reaction with an excess 
pih of the following is used as an antacid? of water gives i 
i MgO (2) Mg(OH), (1) One mole of NH, (2) Two moles 0 3 

i MgSO; MSCS, (3) One mole of HNO, (4) Two moles of HNO; 


50, i soluble in water whereas BaSO, is sparingly 
‘ jj 


© egluble because , 
ie lattice enthalpy of Na,SO, is less than its hydration 


enthalpy. 


0) Sodium is monovalent ion whereas barium is a divalent 
ion. 
3) The hydration enthalpy of sodium sulphate is less than its 


lattice enthalpy. 
(4) The lattice enthalpy of barium sulphate is less than its 
hydration enthalpy. 


+ Mg bums in air to give 


(1) Mg3N, (2) MgO 
(3) MgO and Mg,N, (4) MgCO, 

3. Which of the following is decomposed on heating? 
()Na,C0, (2) Mgco, 
B)K,C05 (4) Pb,CO, 


4, For two ionic solids, CaO and KI, which of the following 
statement is false? 
(1) Lattice enthalpy of CaO is much higher than that of KI. 
(2) CaO has high melting point. 
(3) KI has low melting point. 
(4) Kl is soluble in benzene. 


3. Which of the following substance can be used for drying 
neutral or basic gases? 


())Na,CO, (2) CaCO, 

OQO (4) Na,CO, 

É Which one is the active constituent of bleaching powder? 
Merete 0) COC, 

„ o C10), (4) Ca(C10,)CI 

' "leeching powder loses its power on keeping for a long time 
cause 


(1) It absorbs moisture 


It changes into calcium hypochlorite 
‘ i changes into calcium chloride and calcium chlorate 
l i changes into calcium chloride and calcium hydroxide 


“A sodium salt of unknown anion when treated with MgCl, 


BIveg a white ppt. on boiling. The anion is 
(1) HCO® (2) co? 
Hi (4) NOS 
y 
| i wat . 
Ki of the following on thermal decomposition yields a 
Ukas well as an acidic oxide? 
B) Nan (2) Na,CO, 
: SO (4) CaCO, 


82. 


83. 


84. 


85. 


86. 


87. 


88. 


89. 


90. 


The name and formula of the compound of magnesium, 
chlorine and oxygen used as a drying agent is 

(1) Magnesium oxychlorite, Mg(OC!), 

(2) Magnesium chlorate, Mg(CIO,), 

(3) Magnesium perchlorate, Mg(C10,), 

(4) None of the above 

Salt used as a purgative is 

(1) NaCl (2) MgCl,-6H,O 

(3) MgSO,:7H,O (4) Ca, Al0O5 

Silica reacts with magnesium to form magnesium compound 
(X). (X) reacts with dilute HCI and forms (Y). (Y) is: 


(1) MgO (2) MgSiO, 

(3) SiCl, (4) MgCl, 

Which of the following gives propyne on hydrolysis? 
(1) ALC, (2) Mg,C, 

(3) B,C (4) La,C, 


A metal X on heating in nitrogen gas gives Y. Y on treatment 
with H,O gives a colourless gas which when passed through 
CuSO, solution gives a blue colour. Y is: 


(1) Mg(NO;), (2) Mg,N, 

(3) NH, _ (4) MgO 

A metal M readily forms water soluble MSO,. water 
insoluble M(OH), and oxide MO which becomes jnen on 
heating. The hydroxide is soluble in NaOH. Then M is: 

(1) Be (2) Mg 

(3) Ca (4) Sr 


A sodium salt on treatment with MgCl, 


TERI. . x ? gives W 1 
precipitate on heating. The anion of the sodium hite 


T > Salt is: 
(1) CO} (2) HCOS 
(3) SOF (4) Nos 


Select the incorrect statement 

(1) Polymeric (BeCl,) 
bonds. 

(2) MgSO,.7H,0 is isomorphous with ZnSO 

(3) Be forms tetrahedral complexes e 

(4) Al forms [AIF,]*" an octahedral ¢ 

Select the incorrect statement 

(1) Milk of magnesia which is used 
(MgCl, + MgO) 

(2) Mortar is a mixture of Ca(OH), Sij; 


contains three 
n centre three 
electron 


[B +7H,O | 
S, | (Ox @) ) >. | 
omplex, * 2l 


(3) Plaster of Paris is SaR O 


(4) Plaster of Paris when mixed P 
water sets into a solid mass —_ 
CaSO,°2H,0. © to the 


5.38 Inorganic Chemistry 


91. Select the incorrect statement 
(1) Mg,C, reacts with H,O forms propyne gas, ah ion 
contains 20-bond and 27-bond 
(2) Density of Mg is less than Ca 
(3) Be, Sn and Ga are amphoteric metals. 
(4) CaO, is more stable than MgO, 
92. Select the incorrect statements 
(1) Ca,(PO 4) can be used directly as fertilizer. 
(2) Li,SO, does not form double salt like alum. 
(3) BeCl, can be easily hydrolyzed 
(4) ko and NH® ions have many similarities in their test 
93. Select the incorrect statement 
(1) Li reacts with NH, to form LiNH, 
(2) Mg gets oxidized, when heated in CO, atmosphere 
(3) Be and Mg do not dissolve in liquid NH, 
(4) BeF, forms complex ion with NaF 


Multiple Correct Answers Type il 


General characteristics of alkaline earth metals 


1. Which of the following is/are example(s) of diagonal pairs? 
(1) Li and Na (2) Li and Be 
(3) Li and Mg (4) Be and Al 


2. Which of the following elements form peroxides when 
heated in excess of air? 


MK (2) Na 
(3) Ba (4) Ca 
3. The alkaline earth metals forming ionic oxides are 
(1) BeO (2) MgO 
(3) CaO (4) SrO 
4. Which of the following metals dissolve in liquid ammonia? 
(1) Sr (2) Ca 
(3) Ba (4) Be 


5. Which of the following properties show a reverse trend in 
moving down the group of alkali and alkaline earth metals? 
(1) Solubility of hydroxides (2) Solubility of carbonates 
(3) Solubility of sulphates (4) Solubility of oxides 

6. Which of the following statement (s) is/are not true about the 
diagonal relationship of Be and Al? 

(1) Their oxides are basic 

(2) They become passive by conc HNO, 

(3) Both react with NaOH to liberate hydrogen 
(4) Their carbides give acetylene on hydrolysis 

7. The hydration enthalpy of M gt ion is higher than that of 
(1) AP* (2) Be?” 

(3) Na® (4) K® 


8. Which among the following has the tendency to form 
covalent compounds? 


(1) Li (2) Be 
(3) Sr (4) Mg 


9. Select the correct statements about barium: 
(1) It shows photoelectric effect. 
(2) It is silvery white metal. 
(3) It forms Ba(NO,), which is used in preparation of green 
fire. 

(4) Its ionisation enthalpy is less than radium. 

10. Which of the following oxides have rock salt structure With 
coordination number 6:6? 
(1) BeO (2) MgO 
(3) CaO (4) SrO 

11. Mg and Zn have the following resemblance: 
(1) MgO and ZnO are amphoteric. 
(2) MgCO, and ZnCO, both on heating give corresponding 

oxide. 

(3) Both are used as electrodes. 
(4) Both are used to prevent corrosion. 

12. Be and Al have the following resemblance due to diagonal 
relationship: 
(1) Have nearly equal electronegativity 
(2) Form amphoteric oxides 
(3) Have same charge/radius ratio 
(4) Both form dimeric halides 

13. Which of the following metal(s) do(es) not give characteristic 
flame colouration? 
(1) Ca 
(3) Be 

14. Dolomite is a mineral of 


(2) Mg 
(4) Na 


(1) Aluminium 
(3) Calcium 
15. Select the incorrect statements 


(1) Generally IE, of Ist group elements < IE, of 2nd group 
elements 

(2) Generally solubilities of sulphates of Ist group elements 
is greater than that of 2nd group sulphates 

(3) Be reacts with steam to give Be(OH), 

(4) Mg is extracted by the oxidation of MgO 


(2) Magnesium 
(4) Potassium 


Compounds of alkaline earth metals 


16. Soduim sulphate is soluble in water but barium sulphate is 
sparingly soluble because 


(1) The hydration enthalpy of Na,SO , is more than its lattice 
enthalpy. i 


(2) The lattice enthalpy of BaSO, is more than its hydration 
enthalpy. 
(3) The lattice enthalpy has no role to play in solubility. 


(4) The lattice enthalpy of Na,SO, is more than its hydratio” 
enthalpy. n 


17. Which of the following statements are false? 


(1) BeCl, exists as dimer in the vapour state and polymeric | 
in the solid state. 


(2) Calcium hydride is called hydrolith. 
(3) The oxides of Be and Ca are amphoteric. 
(4) Bicarbonates of Na and Sr are insoluble in water. 


— | 


wing groups of el 
“40 the follo g group ements have properties 
whe most similar? 
re 


pt? K, Cs (2) Mg, Sr, Ba 

M al Ca (4) Be, Ra, Cs 

(3) esim burns in the atmosphere of the following gases? 
{ag 

eA (2) N,O 

(1) (4) SO, 

3) N 


H i of the ole hydration enthalpy is greater than 
j A lattice enthalpy: 


1) B18 (2) BaCO, 

3 NaSO; @) Nace, 
- yellow phosphorous on reaction with Ca(OH), gives: 
(1) Ca(HPO4)2 (2) Ca(H,PO,), 

3) PH (4) PH, 


, which of the following pairs can be distinguished by the 
” xction of heat? 
(1) Na,CO; and CaCO, 
0) K,CO; and MgCO, 
(3) Ca(NO,), and NaNO, 
4) MgCl, 6H,O0 and CaCl,-6H,O 
; Identify the correct statement(s): 
(1)Gypsum contains a lower percentage of calcium than 
plaster of Paris. 
(2) Gypsum is CaSO% 2H,0O. 
(3)Plaster of Paris is obtained by hydration of gypsum. 
(4) Gypsum is obtained by hydration of plaster of Paris. 
. The correct statement(s) is/are 
(1) BeCl, is a covalent compound 
(2) BeCL, can form dimer 
(3) BeCL, is an electron-deficient molecule 
(4) The hybrid state of Be in BeCl, is sp” 
. Gypsum on heating gives 


l 
(1) CaSO; H,O (2) CaSO, 


8) C0 + SO, (4) CaS + O, 

' Mg can be detected and estimated in hard water by titrating 
with EDTA at pH = 10 using NH,OH + NH,Cl buffer. The 
“nd point is given by the apearance of blue colour. The 
Indicator used is 


(1) Solochrome black 


(2) Eriochrome black T 
(3) Eosin 


Sel (4) Bromophenol - 

DM the correct statements 

, 8Cl,.6H,0 on reaction with (Na,HPO, + NH 40H) 

ŝives Mg(NH,)PO, 
| © anhydrous CaSO, is called gypsum. 
S0; is used as meat preservative. 
1 wea! on heating at 125°C gives (CaSO,),H,O 
(1) the correct statements 

an tes salt of alkaline earth metals and Zn(HCO;), 

Ag(HCO,) exist in solid state. 


(2 


a 
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(2) Ionic size of following is: 
P> > §2-5 Key ct 


(3) Electric conductance of following in aqueous solution is: 
Na? > K® > Rb? > Cs® 

(4) lonic mobilities of following in aqueous solution is: 
F° > CIP > Bre > J? 

29. Select the correct statements 

(1) Sorel cement composition is MgCl,.5MgO.xH,O 

(2) Xylotite is a weather proof material is obtained by mixing 
sorel cement with dust, cork waste etc. 

(3) For good quality of sorel cement. 

% CaO 

“SiO, +% Al,O,+ % Fe,O, 


(4) For good quality of sorel cement. 
% SiO, 
% ALO, 


= 2.5 to 4. 


Linked Comprehension Type Ill 


Paragraph 1 
Solubility ofan ionic compound in water is mainly dependent on: 


(1) Lattice enthalpy 
Both these factors oppose each other and the resultant of these 
determines the solubility of an ionic compound in water. If lattice 
enthalpy has greater value, the compound is less soluble. In case 
hydration enthalpy has greater value, the compound is highly 
soluble in water. 


(2) Hydration enthalpy 


1. Compounds of alkaline earth metals are less soluble than 
alkali metals, due to: 


(1) Their high hydration enthalpy 
(2) Their high lattice enthalpy 
(3) Their increased covalent character 
(4) Their high ionisation enthalpy. 
2. Which of the following is more soluble in water? 
(1) MgSO, (2) CaSO, 
(3) SrSO, (4) BaSO, 
3. BeF, is soluble in water while fluorides of other alkaline 
earth metals are insoluble because of: 
(1) Covalent nature of BeF, 
(2) Ionic nature of BeF, i 
(3) Greater hydration enthalpy of Be-* ion 
(4) Greater lattice enthalpy of Be?* ion 
4, Which of the following is less soluble in water? 
(1) Mg(OH), (2) Ca(OH), 
(3) Sr(OH), (4) Ba(OH), 
, Compound is soluble in water if i 
(1) Hydration enthalpy is greater than lattice enthalpy 
(2) Hydration enthalpy is less than lattice enthalpy 


(3) Hydration enthalpy and lattice enthalpy are same 
(4) None of the above 


D > ie 
j 
j i 


n 


Paragraph 2 


Alkali and alkaline earth metals have low ionisation enthalpies 
and hence exhibit characteristic flame colouration. They have 
high negative electrode potentials and hence are strong reducing 
agents. They dissolve in liquid ammonia to give a solution which 
conducts electricity and act as strong reducing agent. Being 
stronger reducing agent than hydrogen, they are usually prepared 
by the electrolysis of their fused chlorides. Their oxides are basic 
and the basic strength increases down the group. The solubility 
of carbonates and sulphates of alkali and alkaline earth metals 
show opposite trends. Only the carbonates of Li and alkaline earth 
metals decompose on heating. The bicarbonates of both alkali and 
alkaline earth metals on heating give carbonates. 
6. Which of the following process is used in the extractive 
metallurgy of sodium? 
(1) Electrolysis of aqueous solution 
(2) Thermite reduction 
(3) Electrolysis of fused salt 
(4) Sel&reduction 
7. The correct decreasing order of basic character of the oxides 
is 
(1) K,0 > MgO > SrO > Cs,O 
(2) Cs,0 > K,O > SrO > MgO 
(3) MgO > SrO > K,O > Cs,O 
(4) Cs,O0 > K,O > MgO > SrO 
8. Property of alkaline earth metals that increases with their 
atomic number is 
(1) lonisation enthalpy 
(2) Solubility of their hydroxides 
(3) Solubility of their sulphates 
(4) Electronegativity 
9. Identify the correct order of thermal stabilities. 
(1) K,CO, < MgCO, < CaCO, < BeCO, 
(2) BeCO, < CaCO, < MgCO, < K,CO, 
(3) BeCO, < MgCO, < CaCO, <K,CO, 
(4) CaCO, < BeCO, < MgCO, < K,CO, 
10. The compound insoluble in acetic acid is 


(1) Calcium oxide (2) Calcium carbonate 
(3) Calcium oxalate (4) Calcium hydroxide 
Paragraph 3 


According to Fajans’ rules, the percentage of covalent character 
in an ionic compound increases if the cation is highly charged 
or small in size and the anion is large or cation has 
gas configuration. As a result of the increased covale 
solubility in less polar solvent increases 
decreases. 


pseudoinert 
nt character, 
and the melting point 


11. Which of the following has the lowest melting point? 
(1) KCI (2) LiC] 
(3) CsCl (4) RbCI 

12. The correct order of decreasing covalent character is 
(1) LiCl > NaCl >BeCl, (2) BeCl, > LiCl > NaC] 
(3) NaCl > LiCl > BeCl, (4) BeCl, > NaCl > Lic] 


13. The correct order of increasing ionic character is 
(1) NaCl < KCI < RbCI < CsC] 
(2) NaCl < KCI < CsCl < RbCI 
(3) KCI < NaCl < CsCl < RbCI 
(4) CsCl < RbCI < KCI < NaCI 
14. The correct order of increasing ionic character is 
(1) BeCl, < MgCl, < CaCl, <BaCl, 
(2) BeCl, < MgCl, <BaCl, < CaCl, 
(3) BeCl, < BaCl, < MgCl, < CaCl, 
(4) BaCl, < CaCl, < MgCl, < BeCl, 
15. Which of the following has highest melting point? 


(1) Licl (2) NaCl 
(3) KCI (4) RbC] 
Paragraph 4 


A compound (A) on heating in Bunsen flame imparts brick req 
colouration. (A) on heating gives CO, gas and a residue (B ). The 
residue (B) when treated with water gives (C). On Passing an 
excess of CO, through (C) in water, a clear solution ( D) is obtained. 
On boiling (D), compound (A) is reformed. 


16. Compound (A) is 


(1) CaCO, (2) MgCO, 
(3) SrCO, (4) BaCO, 
17. Residue (B) is 
(1) CaO (2) CaO, 
(3) SrO (4) BaO 
18. Compound (C) is 
(1) Ca(OH), (2) Sr(OH), 
(3) Ba(OH), (4) [Sr(H,0),}- 
19. Compound (D) is 
(1) Ca(HCO,), (2) S(HCO,), 
(3) Ba(HCO,), (4) Ca(OH), 
Paragraph 5 


Cement is one of the most important building material of the 
present time. It is a dirty greyish heavy powder containing calcium 
aluminates and silicates. The important raw materials needed for 
the manufacture of cement are limestone, clay and gypsum. The 
main step in the manufacture of cement is the heating of raw meal 
or slurry in the rotary kiln at a very high temperature 1400—1600°C. 
Finally 2% or 3% gypsum is added. | 
When cement is mixed with water and left as such for sometime, 
it becomes a hard mass. This is known as setting of cement. [t's 
believed that various aluminates and silicates present in the cement 
form hydrates with water which separate in the form of gel. ea 
gel formed start losing water partly by evaporation and srt 
forming hydrates with unhydrated constituents. This results 1n 
formation of a hard mass. 


20. Portland cement does not contain 


(1) CaSiO, (2) CaSiO, 
(3) Ca,.AL,O, (4) Ca,(PO,), 

21. Setting of cement is . 
(1) Exothermic reaction (2) Fndothermic reaction 


(3) Hydration process (N “one of these 


4a 


p Ceme 
Cement, limestone and water 
Cement, slaked lime and water 

(4) Cement, sand and water 

sum İS added to Portland cement 

|) To fasten the process of setting 

(2) To slow down the process of setting 

(3) To improve the colour of the cement 


(4) All of the above are incorrect 


14, 
( 


paragraph 6 , 
alkaline earth metal nitrate (A) on heating decomposes, leaving 


„solid residue (B) which goes into solution with dilute HC1. The 
lution of (B) gives a white precipitate (C) with ammonium 
carbonate solution. The precipitate (C) is dissolved in dilute HCI 
ind the solution is treated with potassium chromate to get yellow 
precipitate (D). The solution (B) with dilute H,SO, also gives a 
white precipitate (E) insoluble in diute HCI and nitric acid. The 
precipitate (E) is a part of a white pigment lithopone. 


15, The compound (E) is 


(1) BaSO, (2) MgSO, 
(3) CaSO, (4) Na,SO, 
16. The yellow precipitate (D) is 
(1) PbCrO, (2) BaCrO, 
(3) CaCrO, (4) none of these 
17. The metal nitrate (A) is 
(1) Ca(NO,), (2) Pb(NO,), 
(3) Ba(NO,), (4) KNO, 
28. The solid residue (B) is 
(1) CaO (2) PbO 
(3) ZnO (4) BaO 


j The nitrate (A) can be confirmed by flame test. The colour 
imparted by the salt to the Bunsen flame is 


(1) Yellow (2) Green 
(3) Blue '(4) Red 
Paragraph 7 


Both alkali metals and alkaline earth metals are s-block elements. 

€Y resemble each other in many respects but still there are 
“tain dissimilarities in their properties due to different number 
“electrons in the valence shell, different atomic radii, ionisation 


ae electronegativity, etc. 

Na ithium, Be also differs from rest 0! 

lon “count of its small atomic size and hi gh e 

Nig small and exerts a high polarising effec 
“lated with it. 


f the alkaline earth metals 
lectronetativity. Be 
on any anion 


. i er is 
The correct sequence of increasing covalent charact 


(1) Bec, <Nacl<Licl (2) NaCl < LiCl < BeCl, 
8) BeCl, < LiC] < NaCl (4) LiCl < NaCl < BeCl, 


a 


(1) Li,CO, 
(3) BaCO, 


(2) MgCO, 
(4) BeCO, 


32. Which of the following statements are true for group 2 


elements? 


(1) Lattice enthalpy of oxides, carbonates, fluorides decreases 
from Be to Ba. 


(2) All form nitrides in air. 
(3) The solubility of the hydroxides increases from Be to Ba. 
(4) All are correct. 
33. The alkaline earth metal which does not directly combine 
with hydrogen is 
(1) Be (2) Ca 
(3) Sr (4) Ba 
34. The solubility in water of sulphates down the group (1) is 
Be > Mg > Ca > Sr > Ba. This is due to 
(1) Increase in melting point 
(2) Increase in molecular mass 
(3) Decrease in lattice enthalpy 
(4) High heat of solvation for smaller ions 
35. Which of the bicarbonate does not exist in solid state? 
(1) NaHCO, (2) KHCO, 
(3) Ca(HCO,), (4) RbHCO, 
36. The element which does not directly combine with carbon on 
strong heating: 


(1) Li (2) Be 
(3) K (4) Ca 
Paragraph 8 


Limestone is a naturally occurring form of calcium carbonate. 
It is used as building material and also for manufacture of 
other building materials such as Portland cement. It is used for 
the production of quicklime and slaked lime which have wide 
applications in chemical, metallurgical and construction industry 
The pure CaCO,, called precipitated calcium carbonate. is us d 
extensively as filler, providing bulk to materials such i i 
plastics, printing inks and rubber. It is also used in tooth E 
cosmetics and antacids. Quicklime and slaked lime are the va 
and the most widely used bases for neutralising unw . a4 
Lime 1s used to neutralise acidic soils. An im eam en 
; portant application 


of quicklime is in air i 

pollution contr 

electric power plants. Slaked lim a ee 
other alkalis and bleachin 


hides and in water softeni 


i is used in the manufacture of 
g powder, i ing, i i 

a n sugar refining, in tanning 
37. The substance not likel 


(1) Dolomite y to contain CaCO, is 


(3) Sea shells (2) A marble statue 
38. Slaked lime reacts with chy (A) Calcined gypsum 
(1) CaCl, arme to give 
(3) CaOCl, (2) CaO 
39. Quicklime is (4) Caco, 
(1) CaO 
(3) Ca(OH) (2) CaCo, 
4 
(4) Caso, 
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40. The drying agent which absorbs CO, and reacts violently 
with water is 


Highest Its carbide react 


solubilities with water to 
(1) Sodium carbonate (2) Quicklime of their give propyne 
(3) Cone H,SO, (4) Alcohol hydroxides (CH,-C = CH) 
41. Chemical compound (A) is used to remove temporary and fluorides gas 


hardness from water. It reacts with Na,CO, to generate in water 


caustic soda. When CO, is passed through (A) it turns 
cloudy. What is (A)? 
(1) CaCO, (2) Ca(HCO,), 
(3) Ca(OH), (4) CaCl, 
42. Quicklime is used in electric power plants with carbon to 
check pollution. What product of calcium is formed? 
(1) CaSO, (2) CaSO, 
(3) CaS (4) CaSO, 10H,O 


Matrix Match Type i] 


This section contains questions each with two columns-]I and II. 
Match the items given in column I with that in column II. 


Its carbide 
reacts with 

water to give 
CH, gas 


Lowest 
ionisation 
enthalpy 


It exhibits 
similarity in 

their properties 
with Al. 


For Q.4 to Q.7 


Answer the questions given below by appropriately matching the 
information given in three column of the following table. 


. (Gotan Toten tr 
EEEE TE TRN TE 

kpa fer ——— 
c. | Fluorapatite ‘iii, | 3BeO-AL,0,68i0, | 
E [omoten | [Meco 
e [mee e oa 
— A 


"Galan 


. Be , | Column It 


ease TE T 


Strongest 


reducing agent 


On heating with 
excess of air 


forms peroxides 


Its chloride in 
solid state exists 
in polymeric 


Brick red 

in flame 
colouration 
Don’t show 
flame colour 


On heating with 
excess of air 
form oxides 


chain structure 


Ingredient used 
in toothpaste 


b | Superphosphate fli |i | COH, 
e [emee [a [ex 
e pore e fear, 


f. Lime ae 9PO,),°2H,0 + 
2CaSO,:2H,O 


Lowest 
solubility of 
their sulphates 
and carbonates 
in water 


4. For calcium, correct combination is 


3. Match the itmes given in column I with that in Column II k a 
and III. (3) a—ii—p (4) b-iv-q, r 
7 mi | Col m 5. For beryllium, correct combination is 
Ch a (1 a ts re L I (1) c-iii-q,r (2) c-iii-q 
I Fears a TRE PPEP i tien iD “(3) c-iv-q (4) c-iv-q, r 
eae oe NS meb pega san a oe Bo: boi 6. For barium, correct combination is 
Carnalite Ca Lowest thermal (1) d-i-s (2) d-i, ii-s 
stabilities of (3) c—ii-p (4) d-ii-s 
| their carbonates 7. For magnesium, correct combination is 
Gypsum Its carbide react (1) a-ii-p (2) d-i, ii-s 
with water to 3) b-i i 
give acetylene bave (4) b-iv—-q, r 
(C,H,) gas 


= ta 


NH; (liquid) -> 
ion 


etal sulphate Fr 
Metal oxide + SO, + O, 


the items given in Column I with that in Column Il. 


T3 y SS | A . 


FE MAIN 


ingle Correct Answer Type 


L The solubilities of carbonates of magnesium group decreases 
down due to decrease in 
(1) interionic attractions 
(2) entropy of solution formation 


(3) lattice energy 


09 
(4) hydration energy of cation (AIEEE 2% ! 
he extractive 


Which of the following process 1s used in t 


Metallurgy of magnesium? 
(I) Fused salt electrolysis 
(2) Self-reduction 
(3) Aqueous solution electrolysis 
2009) 
(4) Thermite reduction _ 
' Molecular formula of Glauber’s salt 1s H,O 

(1) Mosc . 2) CuSO, 5H, 
B S 7H,O ane S0, 10H,0 

4 7H,O 2 (AIEEE 2010) 


) . om time to 
4. In curing cement plaster, water is sprinkled fr 


time. This helps in l , 
(1) hydrating sand and gravel mixed wl 
(2) converting sand into silicate 


th cement 


DE 7 W 


Archives e 


. Which of the following on thermal 
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Numerical Value Type lil 


1. How many alkaline earth metals are known? 
. : 9 
2. How many water molecules are associated with Epsom salt? 


3. Calcium carbide reacts with nitrogen and forms an 


important fertiliser, calcium cyanamide. How much calcium 
cyanamide is formed when 6.4 g of calcium carbide 1s 
completely converted into cyanamide? 


4. Magnalium is an alloy of aluminium and magnesium. What 


is the percentage of magnesium in this alloy? 


5. Magnesium oxide when mixed with a saturated solution of 


MgCL,, sets to a hard mass known as ‘Sorel cement’ is formed. 
The composition of Sorel cement is MgCl, nMgO-xH,0. 
What is the value of n? 


6. How many water molecules are present as water of 


crystallisation in gypsum? 


f ae 
5 n 


(3) developing interlocking needle like crystals of hydrated 
silicate 


(4) keeping it cold 


(AIEEE 2011) 


. A metal M readily forms sulphate MSO, which is water 


insoluble. It forms oxide MO which becomes inert on 
heating. It forms insoluble hydroxide which is soluble in 
NaOH. The metal M is 

(1) Mg (2) Ba 


(3) Ca (4) Be (ATEEE 2011) 


. d 4 
basic as well as an acidic oxide? composition yields a 
(1) KCIO, 


2)C 
(3) NH,NO, (2) aCO, 


(1) CaSO, 


(3) BaSO, (2) BeSO, 


. Both lithium and Pee aa. (JEE Main 2015) 


properties due um  displa a 

which is i fo the diagonal relati 7 ti Several similar 
is incorrect jg: tonship; however, the one 

(1) both form basic 


uble bj 
(3) both form nite bicarbonates 
(4) nitrates of bot 


h è 
Li and Mg yield NO 


carbonates 
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EXERCISES 
Single Correct Answer Type 


Linked Comprehension Type 


1. (2) 2. (1) 3. (3) 4. (1) 5. (1) 
6. (3) 7. (2) 8. (2) 9. (2) 10. (3) 
oe O SO O LO 12.2) 130) 140) 15.4) 
6. (4) 7.(1) 8. (3) 9. (4) 10.1) 16.(1) 17.) 18.1)  19.(1) 20. (4) 
1.2) 12 13.) 140)  15.(2) 210,3) 226) 23.0) 24. (2) 25. (1) 
16.(2) 17.6) 18%.@  19%.()  20.(1) 26.(2) 27.3) 28. (4) 29. (2) 30. (2) 
21.(2) 2268) 23.1) 24.1)  25.(4) 31.2)  32.(4) 33. (1) 34. (4) 35. (3) 
26.(3) 27.3) —-28.(1) 29. (4) 30.63) 36.(3)  37.(4) 38. (3) 39. (1) 40. (2) 
31L.) 32.1) 33. (4) 34. (3)  35.(2) tO 40 
36.2) 37.6) 38. (2)  39%.(4 40.83) i 
41. (3) 42. (2) 43. (3) 44. (4) 45. (1) Matrix Match Type 


46. (4) 47.1) 48. (3) 49. (2) 50. (3) 
51. (4) 52. (3) 53. (4) 54. (4) 55. (4) 
56. (2) 57. (2) 58. (4) 59. (3) 60. (2) 
61. (2) 62. (2) 63.(1) 64. (1) 65. (1) 
66. (2) 67. (2)  68.(2) 69. (4) 70. (2) 
71. (1) 72.3) B.D 74.4) 75. (3) 


4. (3) 5. (1) 6. (2) 7. (4) 
76. (2) 77. (2) 78. (1) 79. (4) 80. (3) 8. (a > p, r, s; b > p, S; € > p, q, S; d > p, s) 
81. (2) 82. (3) 83. (3) 84. (4) 85. (2) i 9. (a > p, q; b > r,s; c > p, q; d > r, s) 
86. (2) 87. (1) 88. (2) 89. (1) 90. (1) 


91. (2) 92.(1) 93. (1) 


Numerical Value Type 
Multiple Correct Answers Type 


1. (6) 2.17) 3. (8) 4. (5) 5. (5) 
6. (2) 
1. (3, 4) 2. (2,3, 4) 5.10, 3,4) 
4. (1, 2, 3) S. (2, 3) 6. (1, 4) ARCHIVES 
7. (3, 4) 8. (1,2) 9. (2, 3,4) ee aie 
10. (2,3, 4) 11. (2,3, 4) 12. (1, 2,3, 4) JEE Main 
i a > 5 3) 15. 3,4) Single Correct Answer Type 
AL . 8,4) i8. (1,2,3 
19. (1,2,3,4) 20. (3,4) 21. (1,3) l 1. (4) 2. (1) 3. (1) 4. (3) 5. (4) 
22. (1, 2) 23. (1, 2, 4) 24. (1,2, 3) 6. (2) 7. (2) 8. (1) 
25. (1, 2, 3) 26. (1, 2) 27. (1, 4) 
28. (2,3, 4) 29. (1,2, 3, 4) 


p13: The Boron Family 

f "m p 13 of the periodic table constitutes boron (B), 
' pminiom (Al), gallium (Ga), indium (In) and thallium 
i), This group of elements belongs to p-block and marks 
he beginning of p-block elements. l 

,, General electronic configuration: ns? np". 

; Aluminium is the most abundant metal and the third most 
abundant element after oxygen and silicon by mass in the 
earth's crust. 

4 Boron is fairly rare but occurs as concentrated deposits of 
borax. 

5, Gallium is twice as abundant as boron but indium and 
thallium are much less common. 

6. Atomic radii of group 13 elements are less than the 

corresponding group 2 elements. 
Atomic radii: B < Ga < Al <In<TI. This irregular variation 
inradii, down the group (1), is due to inclusion of fully filled 
lesser shielding 3d orbital in Ga, 4d orbital in In and 4fand 
5d orbitals in Tl between the valence shell electrons and 
noble gas core. Consequently, the valence shell electrons 
experience greater force of attraction and thereby causing 
an irregular variation in radii. 

"First ionisation enthalpy of group 13 elements is less than the 
list ionisation enthalpy of corresponding group 2 elements, 
*p-clecirons are less penetrating and hence less tightly held 
than s-electrons, 

The ionisation enthalpy values vary irregularly as follows: 

8>Ga>Al>T1> In. This is due to the presence of fully 
lled lesser shielding d and/or f-orbitals in between the 

Valence shell electrons and noble gas core in Ga, In and Tl. 
ê successive ionisation enthalpies vary in the order: 

E\> IE, >IB,. | 

“elements of group 13 are less electropositive or metallic 
“compared to corresponding group 1 and 2 elements. 

"“lectropositive character: Al > B> Ga> In> Th, Boron 
"Ving the highest sum total of first three ionisation 

“nthalpies is least metallic or behaves as 4 non-metal. 
uminium is the most metallic. The remaining three are 

Weakly metallic, 


10. 


11. 
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13. 


14. 


15. 


16. 


17. 


18. 


— __ OVERVIEW 


Group 13 elements have higher densities as compared to 
corresponding group 2 elements due to their smaller atomic 
and ionic radii. Down the group (|), density varies in the 
order: B < Al < Ga<In<TI. 

Melting point: B > Al > TI > In > Ga. Abnormally high 
melting point of boron is due to the fact that it exists as Bp 
(icosahedron structure) in both solid and liquid state. Boron 
exists as Gallium consists of unusual structure. It consists 
of only Ga, molecules. Gallium’s melting point is 30°C and 
it exists as a liquid up to 2000°C and hence is used in high 
temperature thermometry. Al, In and T1 have closed packed 
metal structure. 

Boiling point: B > Al > Ga > In > TI. 

The reluctance of ns? electrons to unpair and participate in 
the chemical bond formation is known as inert pair effect. 
This gives rise to the concept of variable valency. 

B and Al exhibit an oxidation state of +3 (i.e. group oxidation 
state). Ga, In and Tl, besides +3 oxidation state also show 
an oxidation state +1 due to the inert pair effect. 

Stability of higher oxidation state, +3 decreases in the order : 
B>AIl>Ga> In > TI. Stability of lower oxidation state, +1 
increases in the order : Ga < In < TI. 


TI(II) compounds behave as strong oxidising agents, 
whereas Ga(I) compounds behave as strong reducing agents. 


Gallium is apparently divalent in few compounds such as 


GaCl,, but actually it is Ga [GaCl 4]. 

Bonding in compounds of group 13 is mainly covalent, due 

to the following: 

a. Small size and high charge of ions, resulting in high 
polarising ability (charge/radius ratio). 

b. Very high sum total of the first three ionisation enthalpies 

c. High electronegativity values. 


Boron always forms covalent compounds. In the anhydrous 
state, AlCl}, GaCl, are covalent, whereas in the solution state 
Al, Ga, In and TI form metal ions due to the high hydration 
enthalpy. Thallium compounds are ionic in nature. 

Pure boron is less reactive than impure finely powdered 
boron, which burns in air forming oxide. Al reacts with air 
to form oxide layer on Its surface, which prevents it from 


eo ~ ee 


6.2 Inorganic Chemistry 


19. 


20. 
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22. 
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24. 
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26. 
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28. 


further attack. In industry, the oxide film on Al is purposely 
increased by anodising. Anodised cooking vessels are used 
as non-stick cookwares. 

Ga and In are not affécted by air. Tl forms an oxide layer 
on its surface. B and Al combine with nitrogen and carbon 
on heating to form nitrides and carbides respectively. 
Boron carbide (B,C) is the hardest known artificial substance 
and is called morbide. 

Reactivity towards water: Boron is unaffected by water or 
steam. Al decomposes cold water, if the oxide layer is not 
present on its surface. Ga and In are not attacked by water, 
unless O, is present. Tl is attacked by moist air. 


Boron is not affected by non-oxidising agents, while other 
elements dissolve forming trivalent salts. The oxidising acids 
react with all the elements. However, Al and Ga become 
passive with conc HNO, due to the formation of oxide layer. 
B, Al and Ga react with alkalis, evolving H,, but In and TI 
remain unaffected. 

With halogens, all these elements form corresponding 
halides. 

Boron combines with metals on heating to form borides. 
The rest of the elements do not combine with metals. 
Group 13 elements have greater complex forming tendency 
as compared to s-block elements due to the following: 

a. Small size 
b. High charge 
c. Availability of vacant d-orbitals 
All group 13 elements form oxides of the type M,0,. ALO, 
exist in a and y form. -alumina is called corundum. 
It is hard, refractory material and is used as an abrasive. 
y-alumina is also known as activated alumina and is used in 
chromography (due to its large surface area). Thallium also 
forms T1,0 which is more stable and behaves as an alkali 
metal oxide. Ga is used in high temperature thermometer 
(due to lowest melting point). 
Down the group (|), there is a gradual change from acidic 
to amphoteric and then to basic character of the oxides. 
BO, AlO, Ga,0; In,0O,  TI1,0, 

noe Amphoteric Basic 
Group 13 elements form hydroxides of the type, M(OH),. 
Down the group (|), there is a gradual change from acidic 
to amphoteric and then to basic character. 

B(OH); AI(OH),; Ga(OH),; In(OH), TI(OH), 

Acidic Ampkoteris Basic 

Group 13 elements do not combine with hydrogen directly, 
however, a number of hydrides are known. Boron forms a 
number of stable covalent hydrides, namely closoboranes, 
BH in+4) and nidoboranes, B,,H(,46): Boranes are electron- 
deficient compounds. Aluminium forms a polymeric 
hydride, Alane (AIH,)„. Gallium forms dimeric hydride, 


digallane (Ga,H,). Indium forms a polymeric hydride. 
Thallium does not form any hydride. 
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B, Al and Ga form complex anionic hydrides such as N 
LiAlH, and LiGaH,. | 
Group 13 elements form trihalides, MX,. Boron trihalides 9 
are covalent. Being electron-deficient compounds, they act (4 
as Lewis acids. The trifluorides of Al, Ga, In and TI are 
ionic while the chlorides, bromides and iodides are la 
covalent when anhydrous. 


aBH,,| y 


tgely M 


However, the covalent nature decreases on moving from Ga M 
to TI. Trihalides fume in air and undergo hydrolysis, They 
also act as Lewis acids. Tendency to undergo hydrolysis 
decreases down the group (|) with decrease in charge/radius 
ratio of the cation. - 
Boron halides complete their octet by back-donation, ip! 
whereas other members form dimers. The dimer form j 
exists in vapour and non-polar solvents. In aqueous w 
solution, the dimer form disappears as it get ionised to form is 
[M(H,0),]° * and 3 X° ions due to high hydration enthalpy. 
Borax is also known as Tincal or Suhaga. Tincal contains 
45% borax. Borax exists in three forms: 

a. Prismatic borax—Na,B,0,"10H,O 


b. Octahedral borax—Na,B,0,-5H,O (also known as 
Jeweller’s borax) 


yi 
g h 


W 


c. Anhydrous borax—Na,B,0, (also known as borax glass) 


Borax on heating swells due to elimination of water and 
then melts, which solidifies to transparent glassy bead. 


Na,B407:10H,0 — nro” Na,B,0,+10H,O 
740° 
Na,B,0, 2NaBO,+B,0, 
Glassy bead 


Glassy bead when heated with coloured salt in oxidising and 


reducing flame, gives characteristic colours. This is known 
as borax bead test. 


Boron exists in two forms: amorphous and crystalline. 
Amorphous boron is chemically active, whereas crystalline 
boron is inert. Boron is used as a deoxidiser in the casting of 
copper and for making boron steel which are used as control 
rods in nuclear reactors. 


Diborane (B,H,) is the simplest hydride of boron. With 
ammonia, at -120°C it forms [B,H, (NH),]® [BH,]° 
When this product is heated at 200°C, B;N,H, ; borazol or 
inorganic benzene is formed. On strong heating, borazon 
(BN), is formed. Borazon is harder than diamond. It is used 
as an abrasive. 

On heating borazine, a product similar to naphthalene, 
known as inorganic naphthalene is formed. 

The relative Lewis acid strength of boron trihalides is BF, 
< BCI, < BBr, < BL. This is due to the back-donation of 
election pair from filled np, orbital on halogen to vacant 2P, 
orbital on B-atom. 


Aluminium due to its lightness, good conductivity and 
resistance to corrosion is used for making alloys. 


9. Alum is used to describe any double salt having the 


I+ 3+ 
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Thin foils of Al are used for wrapping soaps, confectionary 
ac, Al wire is used in transmission lines and coils for 
dynamos and motors. It is also used as silver paint and in 


thermite process. 

38. Anhydrous AICI, is prepared by passing dry HCl or Cl, gas 
over heated Al turnings in absence of air. Anhydrous AICI, 
is covalent, whereas hydrated AICI, - 6H,O is ionic. 


40. 


41. 


42. 


43. 


composition M,SO,: M2 (SO,),;:24H,O. The most 
commonly known alum is potash alum, 


K,SO,° Al, (SO,), : 24H,0. It is used as an antiseptic, as a 
mordant in dyeing, in leather tanning and water softening. 


Ultramarine is an artificial Lapis Lazuli, a rare mineral 
(Na, Al, Si, S, O,,), which has fine blue colour and is used 


in making blue paint. 


Pseudoalums are double sulphates of divalent ions and 


trivalent ions with 24 water molecules of crystallisation, 
2+ 34 


e.g., MSO,:M2(SO,),:24H,O. These are not iso- 


morphous with alums. 
Aluminium acetate, commonly known as red liquor, is used 


as a mordant in dyeing and calico painting. 


The most toxic element of group 13 is thallium. 


6.4 Inorganic Chemistry 


6.1 GROUP 13: THE BORON FAMILY 


The elements in which the last electron enters the outermost 
p-orbital are known as p-block elements. As there are three 
degenerate (same energy) p-orbitals, in the p-subshell, each of 
which can accommodate two electrons, therefore the maximum 
number of electrons that can be accommodated in a set of 
p-orbitals is six. Hence, there are six groups of p-block elements 
in the periodic table, i.e. 13, 14, 15, 16, 17 and 18. Boron, carbon, 
nitrogen, oxygen, fluorine and helium heads the groups. 


6.2 GENERAL CHARACTERISTICS OF 


THE p-BLOCK ELEMENTS 


6.2.1 ELECTRONIC CONFIGURATION AND 
OXIDATION STATES 


The valence shell electronic configuration of p-block elements 
is ns-np'* (except helium). The inner core of their electronic 
configuration may, however, differ. The difference in the inner 
core of elements greatly influences their physical properties (such 
as atomic and ionic radii, ionisation enthalpy, electronegativity, 
etc.) as well as chemical properties. As a result, a lot of variation 
in properties of elements in a group of a p-block is observed. 

The maximum (or highest) oxidation state shown by a p-block 
element is equal to the total number of valence electrons, i.e. the 
sum of s- and p-electrons, or the group number minus 10. The 
maximum oxidation state is also known as group oxidation state. 
In addition to the group oxidation state, p-block elements may 
show other oxidation states. As the number of s- and p-electrons 
in the valence shell increases, the number of such possible 
oxidation states increases across the period (—). These oxidation 
states usually but not necessarily differ from the group oxidation 
state by the unit of two. The important oxidation states shown by 
p-block elements are given in Table 6.1. 


Table 6.1 General electronic configuration and oxidation states 
of p-block elements 


ans 
ns-np° 
( 15? for 


He) 


In boron, carbon and nitrogen families, the group oxidation 
state is the most stable state for the lighter elements in the group. 
However, a lower oxidation state, two unit less than the group 
oxidation state, becomes progressively more stable for the heavier 
elements in each group. The occurrence of oxidation state, two 
unit less than the group oxidation state, is attributed to the ‘inert 

air effect’, and this becomes more prominent, down the group 
(4). The relative stabilities of these two oxidation states, i.e. the 


group oxidation state and the oxidation state, two unit less than 


ener — 
the group oxidation state, vary from group to group and wil] be 
described at appropriate places. 

6.2.2 GENERAL CHEMICAL BEHAVIOUR 


It is interesting to note that among the four blocks (i.e. S-,p-,d-and 


/-) of elements in the periodic table, the non-metals and metalloids 


exist only in the p-block of the periodic table. The common 
metalloids among p-block elements are silicon, germanium 
arsenic, antimony and tellurium, while all the remaining elements 
are non-metals. In general, down the group (L), non-metallic 
character decreases. In fact, the heaviest element in each p-block 
group is most metallic in nature. This change from non-metallic 
to metallic character brings diversity in the chemistry of these 
elements depending on the group to which they belong. In general, 
the following is a list of characteristics: 

1. Non-metals have higher ionisation enthalpies and higher 
electronegativities as compared to metals. Therefore, in 
contrast to metals, which readily form cations, non-metals 
readily form anions. 


2. The compounds formed between highly reactive metals and 
highly non-reactive non-metals are generally ionic because 
of large differences in their electronegativities. 

3. The compounds formed between non-metals themselves are 
largely covalent in character because of small differences 
in their electronegativities. 

The change from non-metallic to metallic character can best be 
illustrated by the nature of oxides they form. The oxides of non- 
metals are either acidic or neutral, whereas the oxides of metals 
are always basic in nature. However, oxides of metalloids are 
amphoteric. In general, the more electropositive the metal. the 
more basic is its oxide and the more electronegative the non- 
metal, more acidic is its oxide. 

Therefore, among p-block elements across a period (>). 
the acidic character of the oxides increases or basic character 
decreases. 

Down the group (J), the basic character of the oxide increases 


or the acidic character decreases. 


6.2.3 DIFFERENCE BETWEEN FIRST MEMBER 
AND THE REMAINING MEMBERS OF THE 
SAME GROUP 
The first member of each group of p-block elements (particularly 
13—17) differs from its succeeding members (also known as 
congeners) of their respective group in two major respects: 
1. Size and all other properties which depend upo? 
size: First element of each group of p-block elements differs | 
from the rest of the members of their respective groups R: i 
much the same way as the first element of each group ol , 
s-block elements, i.e. lithium or beryllium differs from the í 
rest of the elements of their respective groups. This is due 
to the following: 
a. Small size | 
b. High electronegativity 
c. High ionisation enthalpy 
2. Absence of d-orbitals in their valence she 
differences arise due to the absence of d-orbitals in the | 
elements of second period and the presence of d-orbitals | 
in the heavier elements, few of them are as follows: 
— | 


ll; Some | 


A Maximum covalency of four: The first member of each 
* sroup, Łe- the elements of the second period has four 
orbitals (one 2s and three 2p-orbitals) in the valence 
shell and hence can accommodate at the maximum four 
pairs Or eight electrons. In other words, these elements 
show a maximum covalency of four. In contrast, the 
elements of third (and higher) periods of p-block 
elements have vacant 3d-orbitals lying between 3p and 
4s level of energy. Using these orbitals, these elements 
can accommodate more electrons and hence can expand 
their maximum covalence beyond four. For example, 


i. While boron forms only [BF,] ion, Al can form 
[AIF,]° ion. 
ij. Carbon can form tetravalent compounds only, e.g. 
CCI, ete. whereas Si and Ge can form [SiCIJ7, 
[GeCl,] ete. 
| Chemical reactivity: Due to the presence of d-orbitals, 
| the elements of the third (and higher) periods are more 
a reactive as compared to the second period elements. For 
example, CCl, does not undergo hydrolysis whereas 
SiCl, readily gets hydrolysed. 
i Tendency to form multiple bonds: The combined effect 
è of size and availability of d-orbitals greatly affect the 
ability of these elements to form m-bonds. Thus, the first 
member of each group differs from the heavier elements 
in its tendency to form px—pr multiple bonds to itself 
(e.g. C=C, C=C, NEN) or with the other elements of 
the second period (e.g. C=O, C=N, C=N, N=O). This 
type of pn—pn bonding is, however, not strong in case 
of heavier p-block elements. The heavier elements also 
form n—bonds but this involves d-orbitals 1.e. dn-pr or 
da—dn. Because the d-orbitals are of higher energy than 
the p-orbitals, they contribute less to the overall stability 
of molecules than does pr-pr bonding of the second 
period elements. However, the coordination number in 
species of heavier elements may be higher than the first 
element in the same oxidation state. For example, in +5 
oxidation state, both N and P form oxoanions: NO; 
(three coordination with 2-bond involving one nitrogen 


- p-orbital) and PO; (four-coordination involving s, p 
and d-orbitals contributing to the m-bond). 


“6.3 GROUP 13 ELEMENTS—THE 
BORON FAMILY 


i» 13 consists of boron (B), aluminium (Al), gallium (Ga), 
W E i (In) and thallium (T1). Boron is a typical non-metal; 
W "Minium is a metal but shows many chemical similarities to 
po and gallium. Indium and thallium are almost exclusively 


“lllic in character. 
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“/P 3.1 ABUNDANCE AND OCCURRENCE 

a in two isotopic forms: OB (19%) and IB (81%). 

i tis, = abundance of boron in the earth’s crust is less than 
* Bo y iea The important minerals of boron are as follows: 
Torts. Na,[B,0,(OH),]:8H,O or Na, B407 10H,0 

hoboric acid: H,BO, 


ts: The Boron Family 


p-Block Group 13 Elemen 
e Kernite: Na, [B,0;(0H)4] or Na,B,0,'2H,O 
e Colemanite: Ca,[B,0,(OH),],'2H,0 or Ca,B,0,;'5H:0 
Boron in the form of borates is mainly found in the Turkey 
and California (USA). In India, borax occurs in the Puga Valley 
(Ladakh) and the Sambhar Lake ( Rajasthan). 


6.3.2 ISOLATION OF BORON 


for the preparation of elemental boron 


Four important methods 
are as follows: 
1. Reduction of boron oxide by an electropositive metal. 


B,03,.) + 3Mg,,) > 2B,,) + 3Mg0O,,) 
Electrolysis p © 
—— 
KBF 4(fused) K + BF, 
At cathode: K® + e° —> K reduction) 


- © 
At anode: BF,” —> B + 2F, +e (oxidation) 


2. Electrolytic reduction of fused borates or tetrafluoroborates 


(KBF,) in molten KCI/KF at 1073 K. 
3. The reduction of a volatile boron compound by dihydrogen 
at high temperature on a heated tantalum filament. 


1270K 
BCh + 3Hygy —_? 2 Bey + 6 HCl 


Boron of high purity (~ 99.9%) can be prepared by this 
method. 

4. By thermal decomposition of boranes and boron halides at 

temperatures ~1173 K. 

Aluminium is the most abundant metal and the third most 
abundant element in the earth’s crust (8.3% by mass) after 
oxygen (45.5%) and Si (27.7%). 

Important minerals of aluminium are as follows: 

1. Bauxite (hydrated aluminium oxide): Al,O,-2H,O 

2. Cryolite (sodium aluminium fluoride): Na, AIF, 

3. Corundum (anhydrous alumina): Al,O; 

4. Beryl: 3BeO-Al,0,-6Si0, or Be,Al,Si,0}¢ 

5. Mica (muscovite): K,O- 3A1,0,-6Si0,-2H,O 
or KAL, (Si AlO) (OH), 

In India, aluminium in the form of mica is found in Katni, Rewa 
(Madhya Pradesh), Belgaum (Karnataka), Orissa and Jammu. 

Gallium, Indium and thallium are less abundant than 
aluminium. Highest concentration of Ga (0.1-1%) is found in 
the rare mineral germanite which is a complex sulphide of Zn, 
Cu, Ge and As. 

Indium is found in traces in the sulphide ores of zinc, while 
thallium is found in the sulphide ores of lead. Abundance of 
group 13 elements in the earth’s crust is given in Table 6.2 


Thallium is also known as ‘duckbill platypus’ as it shows 
similarity with many other elements. 


6.4 GENERAL TRENDS IN ATOMIC 
AND PHYSICAL PROPERTIES 


Some important atomic and physical properties of group 13 
elements as mentioned in Table 6.2 are discussed below. 
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Symbol 


Atomic number 


Atomic mass (g mol`’) 10.81 26.98 


[He] 2s72p' | [Ne] 357 3p! 


Electronic configuration 


Atomic radii (pm) 


Tonic radii, M°* (pm) 
Tonic radii, M® (pm) 
Ionisation enthalpy (kJ mol ') 


cree 
eae 


Electronegativity (Pauling) 


Density (g cm) at 298 K 


=F 3+. 
E® (P) for MaMo 


6.4.1 ELECTRONIC CONFIGURATION 


The valence shell of group 13 elements are characterised by the 
configurations ns? np’. But there is an important difference in 
the complete electronic configuration of boron and aluminium 
on one hand and gallium, indium and thallium on the other. 
While boron and aluminium have a noble gas core beneath the 
valence shell, gallium and indium have fully filled d'°-core (3d'°, 
4d!’ respectively) present in between the noble gas core and 
valence shell, thallium has fully filled 5d'° and af" core present 
in between the noble gas core and the valence shell. Thus the 
electronic configuration of group 13 elements is more complex 
as compared to group 1 and 2 elements. This difference in the 
electronic configuration seems to influence substantially the other 
properties and consequently the chemistry of all the elements of 
this group. The electronic configuration of the elements of group 
13 is given in Table 6.3. 


[Xe] 


170 


—0.79 (acid) 
—1.39 (alkali) 


Gallium (Ga) (Z = 31) [Ar] 3a!° 4s? 4p! 
indi Ga) =A) | RAISES 
Thallium (Tl) (Z = 81) [Xe] 4/* 5d"? 6s? 6p' 


6.4.2 ATOMIC AND IONIC RADII 

Statement: The atomic and ionic radii of group 13 elemen 
less than the corresponding group 2 elements. 
Explanation: Along the period (—), i.e. from group 2 to grouP 
13 in a given period, the nuclear charge increases but the electron 
enters the same shell, which results in the increase in the effective 


ts are 


narge and the valence shell electrons are pulled in more 

p” wards the nucleus, which results in the decrease in 
0 

go. 

ic radil 

group (4), both atomic and ionic radii 

e due to addition of new shell with each 


However, a deviation is observed on moving 
dii of Al (143 pm) is greater than that 


135 pm): 


{ia ( 


„planation: The reason lies in the difference in electronic 
snfiguration 
[Ne] 38° 37" | 
walk TA 3d 4s 4P 

Gallium has fully filled 3d!° orbital present between the 
lence shell electrons and noble gas core. As the d-orbitals 
arger 10 size as compared to s- and p-orbitals, these 
anait electrons do not shield the nucleus effectively. As 
, consequence. in gallium, the force of attraction between the 
lence shell electrons and the nucleus is larger as compared to 
4s: in aluminium oT in other words, effective nuclear charge of 
„lium is greater than that of aluminium. Hence, atomic radii of 


of Al and Ga. 


(13): 


ge | 


| minium is greater than that of gallium. 


lonic radii. however, follow a regular trend and keep on 


| oceasing from B to TL. 


6.4.3 IONISATION ENTHALPY 


Statement: The first ionisation enthalpy of group 13 elements 1S 
ower than that of corresponding group 2 elements. 


Explanation: This can be explained on the basis of the general 


_<ecronic configuration of group 2 and group 13 elements. 


senera] electronic configuration of group 2 elements is ns’, 
raeas that of group 13 elements is ns? np. First ionisation 
“<tlpy for group 2 elements is the minimum energy required 
p remove an electron from ns? orbital, whereas for group 13 
“ements, it corresponds to the removal of electron from np’ 
Paa Firstly, since valence shel] (ns? orbital) in group 2 
oe is fully filled, electronic configuration is more stable 
"taba more energy is required for the removal of valence 
wn Gectron as compared to group 13 elements. Secondly, 
a ph penetrating as compared to np-orbital, electron 
ce removal a attracted than the electron in np-orbital and 
ompated tn y ofe ectron from ns-orbital requires more energy as 
be fre ie oe Because of the above-mentioned reasons, 
tat of the ae sree of group 13 elements is lower than 
onisation caine. mend 2 elements. For example, the first 
Statement. a py of B is less than that of Be. 
ected rh wn the group ($), the ionisation enthalpy values, as 
h Al the first vea trends, do not decrease smoothly. From B 
T light inc ga enthalpy decreases from Al to Ga, there 
Muc higher th eae but the first ionisation enthalpy of TI is 
'Dlanation: w isis and In. 
“Cause of the i e first ionisation enthalpy decreases from B to Al 
Vetcomes the ao atomic size and screening effect which 
there is a slight abr aeS nuclear charge. From Al to 
. a, In and T] there is inclusion 
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of fully filled lesser shielding d and/or f-orbitals in between the 
valence shell and noble gas core. (The shielding effect is in the 
order: ns > np > nd>nf.) Asa result, the valence shell electrons 
are more tightly held by the nucleus and more energy is required 
for their removal. That is why from Al to Ga, there is a slight 
increase in the value of ionisation enthalpy. 

From Ga to In, the increased shielding effect, due to the 
presence of additional 4d electrons is more than the effect of 
increased nuclear charge and hence the first jonisation enthalpy 
of In is lower than that of Ga. Thereafter, the effect of increased 
nuclear charge is more than the effect of shielding effect due to 
the presence of fully filled 4f and 5d electrons and hence the first 
ionisation enthalpy of TI is higher than that of In (Table 6.2). 

IE,: B > Al ~ Ga < In > TI 

(801) (577) (579) (558) 589 kJ mol 

The successive ionisation enthalpies increase in the order: 

IE, < IE, < IE}, as expected. 


6.4.4 ELECTRONEGATIVITY 

Statement: Down the group ( J), electronegativity first decreases 
from B to Al and then increases marginally from Al to Tl. 
Explanation: This is because of discrepancies in atomic size of 
the elements. From B to Al, the atomic size increases considerably 
hence the force of attraction between the nucleus and electrons 
decreases and electronegativity decreases. Thereafter, in spite 
of the fact that the size increases, the effective nuclear charge 
also increases due to the presence of fully filled lesser shielding 
d/f-orbital present in between the valence shell electrons and noble 
gas core. As a result, the force of attraction of the nucleus for the 
valence shell electrons increases and the electronegativity Increases 
from Al to Tl (Table 6.2). 


6.4.5 ELECTROPOSITIVE OR METALLIC CHARACTER 


Statement: The elements of group 13 are less electropositive or 
metallic as compared to the corresponding group | and group 2 
elements. 

Explanation: The electropositive character or metallic character 
decreases on moving from group | to 2 to 13 due to decrease in 
the tendency to lose valence shell electrons. This ts due to an 
increase in value of ionisation enthalpies required to remove the 
valence shell electrons. 

Statement: Down the group (4), the electropostive character first 
increases from B to Al and then decreases trom Al to TI. 
Explanation: Among group l3 elements, the sum of the first 
three ionisation enthalpies is highest tor B and hence it has little 
tendency to lose valence shell electrons. Consequently, B is least 
electropositive among group 13 elements, hence it behaves as a 
non-metal and a poor conductor of electricity. 

From B to Al, the sum of the first three ionisation enthalpies 
decreases substantially due to an increase in atomic size and 
hence electropositive character increases. Hence, Al is a meta] 
and a good conductor of electricity. 

Ga, In and TI are less likely to lose electrons (and thus are 
less electropositive) due to poor shielding caused by the presene 
of fully filled d and/or forbital in between the valence sh à 
electrons and noble gas core. | ii 
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The electropostive character of the group 13 elements can 
also be explained on the basis of their respective electrode 
potentials. As the electrode potentials for the reaction, 


M?t + 3e® — M increase from Al to TI, hence their 
(aq) (s) 


electropositive character decreases from AI to TI. 

The standard electrode potentials for M?*/M becomes less 
negative from Al to Ga to In and the potential becomes positive 
for TI. 

Since AG = -nFE* , it follows that the free energy of formation 
of the metal, e.g. Al?* + 3e° —> Al, is positive. Thus, it is 
difficult to make this reaction proceed. The reverse reaction, 
Al—> Al** + 3e° occurs spontaneously. The standard potential 
become less negative on descending the group so it becomes less 
difficult for the reaction to occur. Thus, the +3 oxidation state 

becomes less stable in aqueous solution, down the group (4). 
Similarly, the E* value for M®/M show that +1 oxidation state 
increases in stability down the group (1). With TI, the +1 state is 
more stable than + 3 state. 

Note: It should be remembered that in this type of explanation 
E~ and AG refer to the reaction with H,. 


3+, 3 ® 
Al + =H, —> Al +3H 


6.4.6 DENSITY 


Statement: Group 13 elements have higher densities as compared 
to the corresponding group 2 elements. 

Explanation: This is due to smaller atomic and ionic radii of 
group 13 elements as compared to group 2 elements, which makes 
density (= mass/volume) to increase. 

Statement: Down the group (1), density increases from B to TI. 
Explanation: This is due to the corresponding increase in atomic 
mass of the element which outweighs the effect of increased atomic 
size. The densities of B and Al are, however, quite lower than of 
other members. 


6.4.7 MELTING POINTS AND BOILING POINTS 


The melting points of group 13 elements do not show a regular 
trend as shown by group | and 2 elements. This is probably due 
to the unusual crystal struture of B and Ga. 

Statement: Down the group (J), the melting point decreases 
sharply from B to Ga and then increases from Ga to TI]. 
Explanation: Boron has the highest melting point (2453 K) since 
its crystal structure consists of icosahedral units with B atoms at all 
the 12 corners and each boron atom is bonded to five equidistant 
neighbours. In contrast, the crystal structure of Ga is markedly 
different from that of B. Each Ga atom has one close neighbour 
at a distance of 243 pm and six more distant neighbours at a 


distance of 270-279 pm. This suggests that gallium consists of 


almost discrete diatomic molecules, Ga,, and hence its melting 
point is exceptionally low (303 K) and it could exist as a liquid 
at room temperature in summer. In contrast, Al, In and TI have 
closed packed structures. Their melting points decrease from A] 
to In and increase again for T]. . 

However, the boiling points of these elements follow a regular 
trend and decrease regularly down the group (4). 


b 


l —_— = l kes it a useful materia] | a 
‘i oint of gallium ma a y 
ss mee high "temperature. Another unusual property of f 
reaR hat like Ge and Bi, liquid Ga expands when it changes 
ga 


id. i i liquid Ga). 

into solid, i.e. p (solid Ga) < p (liq Es p 

|! 
6.5 CHEMICAL PROPERTIES yi 
Some of the important chemical properties of the elements of p i 
group 13 are discussed here. 5 e 

SIN (i 

6.5.1 OXIDATION STATES AND TREND f 


CHEMICAL REACTIVITY f 
tates: The general electronic configuration of group 
13 element is ns np', i.e. they have three electrons in their valence À 
shell, i.e. two electrons in the ns orbital and one electron in np 16 
orbital. All the elements of group 13 are expected to exhibit a 
on state of +3, through the unpairing of two 


Oxidation $ 


characteristic oxidati 


; p 
„s-electrons and subsequent promotion of one of them to one of 
vacant np-orbital of the same quantum shell (Fig. 6.1). tal 
Ground state ns np ni! 
electronic ngu yl 
configuration a 
Excited state T i esl 
electronic LH Sin 
configuration id 
Fig. 6.1 Ground state and excited state electronic 35 
configuration of group 13 elements a 


This is true for boron and aluminium, which shows an oxidation ; 7 
state of +3 only, but gallium, indium and thallium shows an _ 
oxidation state of +1 also, in addition to +3 oxidation state, due 
to inert pair effect. 


Element 


Oxidation +3 


state 


| Q 
(+1),+3 +1,43 +E FECSA 1 
G 


The elements of group 13 have general electronic configration 
of ns? np’. The existence of lower oxidation state, +1, can be 
explained by the fact that ns? electrons remain paired up and do‘ 
not participate in the bond formation. The reluctance of the n5 `ù 
electrons to unpair and to participate in the bond formation is \ 
known as inert pair effect. If the energy required to unpair ns” |) 
electrons exceeds the energy evolved in forming two additional), 
bond, then the ns? electrons will remain paired up and lower 
oxidation, i.e. +1 will be more stable as compared to the higher 
oxidation state, i.e. +3, 

Inert pair effect arises due to the presence of fully filled lesse! 
shielding d and/or (orbitals in between the noble gas Cor o 
valence shell electrons. Due to poor or ineffective shieldin 6 
of ns? electrons by the electrons present in d and/or forbita’ 
(shielding effect: ns > np > nd > nf), force of attraction betwee 
the noble gas core and valence shell electrons increase 
hence unpairing of ns? electrons requires higher energy- . 
the energy which is required to unpair the ns? electron !5 
compensated by the energy which is released during compe 
formation, unpairing of ns? electrons would not occur 
lower oxidation state, i.e. +1 will be observed. 


— 


—_.| 


the group (1), the stability of the higher oxidation 


(DoW... +3 decreases, while that of lower oxidation state 


te J. 
stat’ increases. 


ve of stability: Gaii) > In() > THI) 
Or Ga(I) < In(l) < TI) 


o increase in inert pair effect down the group (1) 


i ; oe a 
eit of higher oxidation state, i.e. +3 decreases, while 
of lower oxidation state, 1.e. +1 increases. 

tha = 
ince in the case of Ga and In, +3 oxidation state is more 


' ‘able than +1 oxidation state , therefore both Ga(1) and In(1) 
alt undergo disproportionation (self oxidation-reduction) 


‘aqueous solution. 


(0) (IID) 
3+ C 
6X 7 S = Sag ed 
(0) (III) 


5 9 3+ © 
Xo T 21M) + May + 3X ag 


+ Th(I) compounds are more stable as compared to 
. TI) compounds due to inert pair effect. For example, 
aallous chloride and thallous hydroxide are more stable 
3s compared to thallic chloride and thallic hydroxide 
respectively. 
4 Since TII) is more stable than TI(III), TIQ) compounds 
behave as strong oxidsing agent. On the other hand, Ga(I)is 
less stable than Ga(III), Ga(1) compounds behave as strong 
reducing agent. 
Thus in s-block elements, groups 1 and 2 show only the 
soup valency, while groups in p-block show variable 
valency, differing in steps of two. Variable valency also 
occurs with elements in the d-block. This arises from using 
different number of d-electron for bonding, so in this case 
ine valence can change in steps of one (e.g. Cu® and Cu’). 
Gallium is apparently divalent in few compounds, such as 
“ACL, However, Ga is not really divalent, as the structure of 
CL, has been shown to be Ga® [GaCl,]” which contains 
_ Gal) and Ga(I). 
“important properties of thallium(I): Thallium(J) or thallous 
Pounds are well known. 


; They are typically colourless. 
` “Yare extremely poisonous, when ingested in traces, turn 
hair very black but in larger doses cause hair loss and 
Th(Y) compounds are toxic as they upset the enzyme 
i ms in the body. 
aii solution, TI(I) ion 1s much more sta ds 
1). The ionic radii of T] ion (1.50 A) is in between that 


i oi sto this, TI® 
te on (1.38 A) and Rb” ion (1.52 A). Due to this, - | 
points 


{es 


en 


ble than 


at group 1 ions in a number of ways. Some 
a “semblance are as follows: 
' Both TIOH and T1,O are soluble in water and 
Strongly basic. 
| hiy absorb CO, from the air to form T1,CO3. 


C, 
The solublity of most TI (1) salts are slightly lower than 


@: 0: mes, 
Salts. T]® ion can replace K~ ion in some enzy 
and i. Pa O . Then ler in the body. 


are 
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d. TIOH is yellow and on heating to 100°C, it turns into 
black TIO. 


e. The coordination number for TI” is usually 6 or 8, as 
compared with 6 for group 1 ions. 


f. TIF is insoluble in water, but other halides are almost 
insoluble. 


Thallium(I) resembles silver(I) too in the way, that like AgCl, 
TICI is also sensitive to light and darkens when exposed to light, 
but TIC] is insoluble in NH,OH while AgCI is soluble.Trends 
in chemical reactivity: Group 13 elements have three electrons 
in their valence shell. Apart from TI, they normally use these 
to form three bonds and show an oxidation state of +3. These 
elements in +3 oxidation state are expected to form covalent 
compounds due to the following: 

1. According to Fajans’ rules, small size of the ions and high 
charge of +3, favour the formation of covalent bonds. 

2. The sum of the first three ionisation enthalpies is very high 
and this also suggests that bonds will be largely covalent. 

3. The electronegativity values of group 13 elements are higher 
than groups 1 and 2. On reacting with other elements the 
difference in electronegativity is not likely to be large. 

4. The first ionisation enthalphy of B is 800 kJ mol ', which 
gives the impression that monovalent boron. B®, can be 
obtained. But in all the known compounds of boron it does 
not exist as B® X° but as BX,, a covalent compound. This 
is due to the fact that the energy released in the formation 
of B® x® ( ionic compound) is much less than the balance 
of the following: 

a. The energy needed to produce an sp" hybrid set of 
atomic orbitals 

b. The energy released in the formation of three covalent 
bonds in BX, compound 
This leads to more stable BX, (covalent compound) as 
compared to B® X“ (ionic compound). 

5. Boron, due to its small size and high sum of the first three 
ionisation enthalpies does not form B`% ion. Therefore, it 
does not form ionic compound and always form covalent 
compounds by sharing its valence electrons. 

6. Many simple compounds of other elements such as AIC1,, 
GaCl, and InCl, are covalent when anhydrous but in aqueous 
solution, these are ionic in nature. In anhydrous condition, 
the (charge/radius) ratio, i.e. polarisability of Al" is high 
and hence according to Fajans’ rule, AL" polarises Cl~ ions 
to large extent, thereby introducing covalent character in 
the compound, i.e. AIC, behaves as a covalent compound 
in anhydrous conditions. In aqueous medium, the ions get 
hydrated, because the amount of hydration enthalpy released 
exceeds the sum total of ionisation enthalpy required, i.e. 
to convert Al AL’, 5137 kJ mol of ionisation enthalpy 
is required, 


AH Hydration for AP* = — 4865 kJ mol! 
AH Hydration for CI“ =— 381 kJ mol! 
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Total hydration enthalpy = [- 4865 x 3 (— 381)] kJ mol | 
= — 5808 kJ mol ' 

Because the total hydration enthalpy exceeds ionisation 
enthalpy so AICI, ionises in solution to give [Al (H,O) 
ions. Since the (charge/radius) ratio of hydrated aluminium 
ion is much smaller as compared to that of Al**, the tendency 
of [Al (H,O)? * to polarise hydrated C 1° ion decreases and 
the resulting hydrated compound is ionic in nature. 


7. The hydrated metal ions have six water molecules of 
crystallisation which are held very strongly in an octahedral 
structure [M(H,0),]° * The metal oxygen bonds are very 
strong. This weakens the O-H bonds and the protons are 
released to neighbouring water molecules forming H,0® 
(hydrolysis). 

[M(H,0),]** +H,0 = [M(H,0).(OH)]** + H,0® 

$. Ga. In and Tl apart from +3 oxidation state (group oxidation 
state) also exist in +1 oxidation state (due to inert pair effect). 
Since the (charge/radius) ratio of the ion in +1 oxidation 
state is smaller as compared to the ion in +3 oxidation state, 
tendency of M® ion to polarise the anion will be less as 
compared to M2" ion, therefore compound in which cation 
is in +1 oxidation state will be more ionic as compared to 
+3 oxidation state. MX will be more ionic as compared to 
MX,, e.g. TIC] wil be more ionic as compared to TICI,. 


6.5.2 REACTIVITY TOWARDS AIR 
With dioxygen (O,): All the group 13 elements react at high 
temperature forming trioxides, M,O,. 
AM, + Ong) —> 2M)03¢5) 
TL, besides forming T1,O3, also forms T1,O. 


Down the group (J), the reactivity of group 13 elements 


towards dioxygen increases. . 
Boron is unreactive in the crystalline form. However, finely divided 


amorphous boron reacts with dioxygen on heating to form B,O,. 


973K 
4B + 30x.) —__? 2B,03/,) 


Thermodynamically, Al should react with air, but it is stable. 
This is due to a very thin oxide film formed on the surface, which 
protects Al metal from further attack (this layer is only 10% to 
10° mm thick). If the protective oxide layer is removed (for 
example by amalgamating with mercury) then the metal readily 
decomposes cold water forming Al,O, and liberating H,. 


A, 
4A, + 30x) — ALO 


2A\\,) + 3H,0,,) =? Al O3) T 3Hap) T 


To give a decorative finish, aluminium articles are often 
‘anodised’. This is done by electrolysing dilute H,SO, with Al 
as the anode. This produces a much thicker layer (107 mm) 
of oxide on the surface. This layer can take up pigments, thus 
colouring the aluminium. 

With dinitrogen: N, at high temperature B and Al form 
corresponding nitrides, while Ga and In do not react. 


__High temp_, 2BN 
2B (s) + Nag) (s) 


High temp 


6.5.3 REACTIVITY TOWARDS ACIDS AND ALKALIS 
t react with non-oxidising acids such ag HCI 
perature it reacts with strong oxi disin 
f hot conc H,SO, and HNO, (2:1) to give 


Boron does no 
However, at high tem 
acids such as mixture O 


boric acid. 
H2504 m 
Bi) + HNO s(aq) — 7 HBO 3(aq) 3NO e) 
Boric acid 


Boron resists the action of alkalis (NaOH or KOH) upto 773 x 
but above 773 K, boron forms borates. 
>773K 
2B + 6KOH() á 2K ,BOx) + 3H) 
potassium borate 
B also dissolves in fused Na,CO,/NaNO, mixture at 1123 k. 
2B,.) + 3NaCO,,,) + 3NaNO,/,. > 2Na,BO,,,) 
All other elements react both with non-oxidising and oxidising 
acids. For example, Al reacts with dilute acids liberating H, gas. 
3+ © t 
2Al yt HCl 2AP" ap + 6C agt 3H, eo 
However, conc HNO, renders Al and Ga passive by forming 
a thin protective layer of oxide (ALO, or Ga,O,) on the surface 
which prevents it from further attack. 
Aland Gaalso dissolve in alkalis with the evolution of H, gas. 
© € is 
2Al.) + 2NaOH pa + 6,0) — 2Na~ [Al(OH),] aan 3Hy,, 
Sodium tetrahydroxoalummate( II) 


= — 
——> 2Na~[Ga(OH),] (aq) 3H. 


H 
“= 


(aq) 


2Ga,+ 2NaOH aq) is 


Since all other elements (except B) of group 13 react both wil 
acid and base these are amphoteric in nature. 


+ 6H,O 


6.5.4 REACTIVITY TOWARDS HALOGENS 


Group 13 elements react with halogens at high temperature to form 
trihalides having general formula, MX,. 


2M.) + 3X) ( where X =F, Cl. Br. I) 


All possible halides have been prepared for all group 13 
elements except thallium, for which only thallium trifluoride 
(TIF,), thallium trichloride (TIC1,) and thallium tribromics 
(TIBr,) have been obtained. TIC], and TIBr, tend to lose halogen 
and revert to TI(I) state. This is due to oxidising charac ot 
TI(III) state coupled with the reducing character of C 1° and Br 
TIL, does not exist due to oxidising character of TI(IID) and strons 


reducing character of I° ion, 
TICL, —> TICI + CL,t 
TIBr, —> TIBr + Br,t 


A 
— 2MX, 
Be 


6.5.5 REACTIVITY TOWARDS WATER 


pa. a s a 
Boron is not at all affected by water or steam. However 
heat steam reacts. 


2B + 3H,O Red heat B,O, $ 3H, 


Steam 


A 


~ decomposes cold water if the oxide layer is not 
in i surface. 
e > Al,0; +3H,Î 
p = gindium are not attacked by cold or hot water unless 
gallu esent. Thallium forms TIOH in moist air. 
ae grü? 4TIOH 

fl geACTIVITY TOWARDS METALS 


15 pines with metals on heating to form borides. The rest 
gt c0 ants do not combine with metals. This shows boron is 
jhe? “tl and rest of the elements are metals. 
| i: +B — MgB 

) COMPLEX FORMING TENDENCY 
i ' 13 elements form complexes much more readily than group 
ae 2 elements (collectively known as s-block elements) 
s to their smaller size and increased charge. 

i tal metal borohydrides such as LiBH, and NaBH 4 are 
samples of well known complexes of boron. These contain 
n complex [BF JP which is formed by the sp? hybridisation of 
yitals of boron. It is therefore has tetrahedral geometry. 

several other tetrahedra! complexes which are formed by other 
soup 13 elements are also well known, e.g. Li[AlH,], NH, [AIF,] 
at 

h addition to the above tetrahalides and tetrahydrides, many 
xtahedral complexes such as [GaC La [Incl p [TIC1] > 
d. are known. The most important octahedral complexes are 
tose which are formed with chelate groups, for example oxalate 
ins, dicarboxylic acid, B-diketone such as acetylacetone, 
Lhydroxyquinoline. 8-Hydroxyquinoline is the 
mvimetric estimation of aluminium. 


i6 GENERAL CHARACTERISTICS OF 
THE COMPOUNDS OF GROUP 


JHE CIII O VINI I YI Se 


13 ELEMENTS 


6.1 OXIDES AND HYDROXIDES 

âll the elements of group 13 form sesquioxides, M,O, (‘Sesqui l 
a one and a half, so the oxide should have formula MO, 5 
™M,0,), Boron forms B,O, as well as a suboxide (BO), . B203 


sin two forms: glassy and crystalline. Glassy B,O; is obtained 
y the following: 


used in 


lL, . vae 
Heating amorphous boron in air 
B 


30, —> 2B,0; 

; Amorphous (Air 
By dehydrating H,BO, 

HBO, —100°C_, HBO, Red bes B,0; 

m Meta- m Glassy 
boric acid 
j rthoboric 
woe boric oxide, is actually an anhydride of O 
Cid. 


Ctystaty: 
by ‘talline B,O, has been obtained by 
tm ‘ping it under reduced pressure and 


"ature to 400°C over a period of several weeks. 


dehydrating HBO, 
slowly raising the 
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=a 400°C 
-H20 HBO, Reduced B20; 


pressure Crystalline 
In i ; , i : 
glassy B,O,, there exist randomly oriented three-dimensional 


iN Ors of BO, groups, each oxygen being bonded to two boron 
ms. 


| The structure of crystalline B,O,, consists of BO, tetrahedra, 
ave sets of which form two types of interconnected spiral chains, 
a B-O bonds are equivalent, but the fourth one is somewhat 
onger. 


Boron suboxide (BO), is obtained by heating BO, with boron 
at 1050°C. 
B+B,0, —““*> (BO), 
The structure of the solid compound is unknown. 
The oxides of Al, Ga, In and T] may all be prepared by the 
thermal decomposition of their nitrates or hydroxides. 
2A\(OH), —> ALO, + 3H,O 
Stoichiometrically, there is only one oxide of aluminium, ALO,, 
commonly known as alumina. It occurs in nature in various forms. 
The most common forms are 
è a-Al,O, also known as ‘corundum’ 
e y-Al,O, also known as ‘activated alumina’ 
The so-called B-Al,O, is not pure Al,O,, rather it has the 
composition, Na,O-Al1,O3. 


6.6.1.1 a-Al,O, 
1. It has a well-defined closed packed structure of oxygen 
atoms with Al** occupying octahedral holes. 


2. a-form of Al,O, is the fourth hardest substance known, 
being exceeded only by diamond, boron nitride and 
carborundum. 


3. It is stable at high temperature. 
4. It dissolves both in acids and alkalis. 
5. In certain instances, traces of transition metal oxides give 
substances that are classified as gem stones. 
a. Ruby (red) is a-Al,O, containing a trace of C ° 
b. Blue sapphire contains Fe** and TI”. 
c. Mixtures of Al,O, and certain other metallic oxides on 
molar basis also give products that are of gem quality, 
e.g. alexandrite (Al,O,-BeO) and spinel (AL,O,-Mg0O). 


6.6.1.2 y-Alumina 
1. y-Alumina has a distorted, badly organised, micro- 
crystalline structure of spinel type. 
2. y-Al,O, is metastable and not found in nature but can be 
prepared by carefully heating Al(OH), up to 400°C. 
3. It is characterised by small particle size of high surface 
area. 
4. y-Al,O, on prolonged heating at 1000°C form a-AL.O 
“ | 273 
5. It readly takes up water and dissolve in acids. 
The Al O, which forms on the surface of the aluminium metal 
has still another structure, namely a defect rock salt structure there 


is an arranpomieni of Al and O ions in the rock salt ordering with 
every third AI™ ion missing. 
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The properties of Ga,O, follow closely those of Al,O}. 
A stable temperature form (a-Ga,O,) and a metastable low 
temperature form (y-Ga,O,) exist. The crystal structures of these 
two forms of Ga,O, follow the same pattern as described for the 
corresponding aluminium oxides. 

Yellow indium oxide (In,O,) and dark-coloured thallium oxide 
(T1,0,) are known only in one form. Thallium trioxide readily lose 
oxygen at about 100°C to give thallous oxide (TI,O). 

T1,0, —“*> T1,0+0,T 


6.6.2 AciD—BASE BEHAVIOUR 


Down the group (J), there is a gradual change from acidic to 
amphoteric and then to basic character of oxides. 


B20; AlO, Ga,0, In,0, Tl,O, 
More acidi - - 
‘os basi R i Amphoteric Basic 


Down the group (4), the acidic character of the oxides decreases 
and the basic character increases. 

This is due to decrease in ionisation enthalpy down the group 
(+). As a result, M—O bond weakens and is easily dissociated, 
thereby the basic strength increases. 


Basic Character 
Increases 


= 
O 
— 
O 
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B,O, is weakly acidic and combines with alkalis and metal 
oxides to form basic metaborates. 
B,O, + 2NaOH ——> 2NaBO, + H,O 


Sodium 
metaborate 


B,O, + CuO —> Cu(BO,), 

B,O, + CoO —> Co(BO,), 

B,O, also reacts with very strong acidic oxides like P,O,, and 
As,O,,, to form phosphates and arsenates respectively. Hence, it 
behaves as basic oxide. 

2B,0, + P,O,, —> 4BPO, 

2B,0, + As,O,, —> 4BAsO, 

Oxides of Al and Ga, i.e. Al,O, and Ga,O, respectively are 


amphoteric and hence dissolve both in acids and in bases forming 
salts. 


ALO, + 6HCI —> 2AICI, + 3H,O 
ALO, + H,SO, —> AL(SO,), + H,O 
2Al,O, + 2NaOH —> 2NaAl0, + H,O 
Ga,O, + 6HC] —> 2GaCl, + 3H,O 
Ga,O; + H,SO, —> Ga,(SO,), + H,O 
2Ga,0, + 2NaOH —-> 2NaGaO, + H 50 


Oxides of In and TI, i.e. In,O, and T1,O, respectively are basic 
in nature. | 


TLO, + 3H,SO, — T1,(SO,), + 3H,O 

Thallium also forms T1,O (due to inert pair effect, +] oxidation 
state is more stable as compared to +3) and behaves as an alkali 
metal oxide. TLO + H,O —> 2TIOH 

The acid-base behaviour of M,O, can also be explained x 
follows: 

In B,O,, due to small size of B, positive charge density on 
B-atom is high. This pulls off electrons from H,O molecules 
resulting in the weakening of O-H bond and therefore facilitates 
the release of proton giving acidic solution. As Al** and Gast hav 
relatively larger size as compared to boron, the positive charge 
density decreases, and their tendency to break the O-H bond 
becomes somewhat less. Due to this, the acidic nature decreases 
and the oxides become amphoteric. I n’* and TI** are even larger 
and their interaction with water is negligible, hence their oxides 
are basic in nature. 

The trioxides of group 13 elements, M,O,, react with water to 
form the corresponding hydroxides. 

M,03/,) + 3H,O —> 2M(OH), 

Down the group (4), there is a gradual change from acidic to 
amphoteric and then to basic character of the hydroxides. 


B(OH), Al(OH), Ga(OH),; In(OH),; TKOH), 
Bowie Amphoteric Basic 


Down the group (1), the acidic character of the hydroxides 
decreases and the basic character increases. 


B(OH), 

Al(OH), 
Ga(OH), 
In(OH), 
TI(OH), 


Increases 
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Basic Character 
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The change in acidic to basic character can be explained m 
similar way as explained in the case of oxide of group 13 elements. 
B(OH), acts as acid in aqueous medium. B(OH), coordinates with 
H,O molecule to form 


H 
(HO) Be: on 
2 JH 


B** pulls the electron charge of O-atom towards itself. 
The coordinated O-atom, in turn pulls the electron pair ol 
O-H towards itself, which facilitates the cleavage of O-H bond. 
thereby releasing H® ion. The aqueous solution of B(OH); ai 
as a weak acid. 

B(OH), + H,O = [B(OH),}° + H® 

As the size of the central ion increases, the positive charg? 
density on central ion decreases and hence the tendency tO break 
O-H bond decreases. Down the group (1), therefore the acidic 
character decreases or basic character increases. 


—_— 


/ an 
joes j as bases: 


18 

F i „+ H504 ie oe 

i p INOA —> NaAlO, +H,0 or Na? | 
oH); 

all : H,80, —> Ga,(SO 43 + 6H,O , 


+ 2NaOH — NaGa0, + H,O or Na® [Ga(OH),]° 


Al(OH) a 
jal! , 
0%) 
ibs , elements do not combine directly with hydrogen 
ye a number of hydrides are known. Boron with hydrogen 
ee net ne gee o also known as boranes by 
an with alkanes (hydrocarbon). From their position in the 
ec pable, group 13 elements would be expected to form the 
4 at hydride having the stoichiometric formula, MH.. 
ea -anes, the compound BH, is not known because hydrogen 
“BH; does not have a pair of electron to form B-H pr-pr 
i jand compensate for the electron deficiency of boron. Thus, 
sanin BH, will have incomplete octet and BH, will not exist. 
„ead, BH; dimerises to form B,H, having both (2c, 2e) and 
x y) bonds. Boranes are electron-deficient compounds. 
Although there is some evidence for the existence of AlH, and 
WH, in the gas phase at low pressure. The only stable binary 
waride of aluminium is alane (AIH), which is obtained as a 
shite powder by the reaction of aluminium chloride with lithium 
dride in ether solution. 


ALC, + LiH ——=> (AIHG), + LiCl 


i i 


ifexcess LiH is used in the preparation, a compound containing 
te aluminohydride is obtained. 

LH+AIH, —> LiAlH, 

Lithium aluminium hydride 

Boron and gallium also form complex anionic hydrides. These 
“las strong reducing agents. 

NaBH, Sodium borohydride 

LiGaH, Lithium gallium hydride 

Gallium forms a dimeric hydride, digallane, Ga,H,- Indium 


tt a polymeric hydride, (InH,),,. Thallium does not form any 
‘ydride, 


66.4 HALIDES 


a 13 elements form a number of trihalide 
alides, 


s as well as lower 


Tihalides, MX.: All the elements of group 13 form trihalides. 


Trihalia of boro 
es n: 
l 2 K), BCI, and BBr, are 


L. BF, i b.pt. 17 
318.8 colourless ga8 OP d 363K respectively) and 


colourless liquids (b.pt. 285 Ka 

BL is a white solid (m.pt. 316 K). the 
X Due to small size and high jonisation enthalpy of boron 

trihalides formed by boron are covalent 1n nature. 


‘> 6.2), with 
3. All these trihalides are planar molecules e 6.2) 
ZXBX = 120°. In BX, B is sp” hybridised: 


a(OH), are amphoteric and | l 
4G ( lence dissolve in ne E Group 13 Elements: The Boron Family 6.13 
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Fig. 6.2 Structure of boron trihalides, BX, 


The three half-filled p-orbitals, one on each halogen, overlap 
alongwith their internuclear axis with three sp’ hybridised 
orbitals of boron to form three sp’-p, B-X (o) bonds. The 
unhybridised 2p, orbital on B, however remains empty. 


_ B-atom in BX, has only six electrons in its valence shell, that 
is why these compounds are electron- deficient compounds, 
and behave as Lewis acids. 

4. The bond length in trihalides (BX,) is somewhat shorter 

_ than would be expected for single electron pair. The electron 
deficiency in BX, is reduced by back donation of an electron 
pair from filled np, orbital of halogen atom to the vacant 2p_ 
orbital on B-atom, thus a double bond is established between 
B and X atoms, due to pn—pr back bonding. 

If one localised double bond existed, there would be one short 
and two longer B-X bonds. However, all the three B—X bond 
lengths are equal and this is explained on the basis of resonance 
between the three structures with double bond in different positions 


(Fig. 6.3). 
vacant 2p orbital 
F =F: ) T 
/ wi N / ) ) 
K <> Bp <> B 
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Fig. 6.3 Resonating structure of BF, molecule 


Since BX, are electron-deficient compounds, they behave as 
Lewis acids. The empty 2p, orbital on B-atom in BF, can accept a 
lone pair of electron from donor molecules such as Et,O, NH, and 
(CH,),N or by ions such as F°. When this occurs, the geometry 
of the compound changes from planar triangle to tetrahedral. 


ee 


p= B and F, which are 0.80 A and 0.72 A respectively). The bong | 
QEt NH, N(CH.) oF: a lth to he f~ 
QEt, | A 3/3 se enthalpy is very high, i.e. 646 kJ mol , which is higher than for | 
’ ’ any single bond (Table 6.4). 
Ne eZ AN BN 
r~ | F F l F F l F F F F Table 6.4 Structural parameters for boron trihalides, BX, f 
Once a tetrahedral complex has been formed, the possibility of 
pn—pt bonding no longer exists. The B-F bond distance in [F,B 
< : NH,] is 1.38 A and in [F,B + : N (CH,),] is 1.39 A which 
is much longer than 1.30 A in BF,. 


6.6.5 RELATIVE STRENGTHS OF TRIHALIDES OF 
BORON AS LEWIS ACIDS 


The relative strength of trihalides of boron to accept a pair of 


ae * Based on the summation of covalent radii, r = 0.80 A, ip 
electron and thus to behave as Lewis acid has been found to re = 0.72. A, ro = 1.07 A, rg = 1.14 A. p 
decrease in the order: BF, < BCI, < BBr,. 


The order is just the reverse of what should be expected 


normally from the electronegativities of the halogen. Since the ' 


electronegativity of the halogens follow the order: F > Cl > Br. 
Therefore, the Lewis acid strength order should be: BF, > BCI, 
> BBr;. 

This anomalous behaviour can be explained on the basis of 
the tendency of the halogen atom to back donate its electron pair 
from filled np_ orbital to the vacant 2p, orbital of central B-atom, 
thus resulting in pn-pr back bonding (Fig. 6.4). 


Vacant 2p orbital of B 
B F 
5 
œp e~’s on F 
(pr-pr) 
back bonding 
E F. F 


Fig. 6.4 pn-pr back-bonding in BF, moloecule 


In BF,, an electron pair is donated from filled 2p, orbital of 
F to the vacant 2p, orbital of B for the pn-pr bond formation. 
An effective overlap is easily possible as both the orbitals have 
identical size and belong to same energy level. In other words, an 
additional pr-pr bond in BX, is supported by the fact that the 
observed B-F bond length in BF, is 1.30 A, which is significantly 
shorter than the expected B-F radii (sum of the covalent radii of 


The shortness and strength of the bonds are interpreted in terms ` 
of pn—pn back bonding. The empty 2p, orbital on B, which is not 5 
involved in hybridisation is perpendicular to the planar triangle | 
containing the sp’ hybrid orbitals. This 2p_ orbital on B may accept ’ 
an electron pair from filled p, orbital on any one of three X-atoms. # 
Thus, a dative m bond is formed, and the B atom attains an octet of | 
electron. Due to pn—pn bond formation, the bonds possess some 4 
double bond character, resulting in shortening and strengthening of ; 
the bond (Fig. 6.4). The B—F bond thus acquires some double bond | 
character (Fig. 6.4). This type of bond formation is known as back +4 
bonding. As a result of pn—pr back bonding, the electron deficiency | 
of boron in BF, decreases and thus, the Lewis acid character of BF, ° 
decreases. As the size of halogen atom increases from F to Clto Br, ` 
the extent of overlap between vacant 2p orbital of boron and filled | 
3p orbital of Cl or 4p orbital of Br decreases, due to appreciable 
differences in the energies of the overlapping orbitals. Hence, . 
the tendency of pn-pr bond formation decreases in the order: . 
BF, > BCI, > BBr,. As a result, the electron deficiency of B is i 
reduced to a maximum extent in BF, > BCL, > BBr,. Thus, the k 
tendency of BF, to accept a pair of electron and to behave as Lewis ; 
acid is least while that of BI, is maximum. Thus, the relative order 
of Lewis acid strength is BF, < BCI, < BBr,. 


All the boron halides are hydrolysed by water. BF, hydrolyse 
incompletely to form fluoroborates. This is because the HF formed | 
first reacts with B(OH). 


4BF, + 12H,O —> 4H,BO,+ 12HF 
I2HF + 3H,BO, —> 3H® + 3[BF,]° + 9H,O 
4BF, + 3H,0 —> H,BO, + 3H® + 3[BF,]° 


Higher halides do not react with H,BO,, possibly due to lower 
stability of [BC] or [BBr,]" or [BI,]° ion. 
BX, + 3H,0 —> H,BO, + 3HX (where X = Cl, Br, I) 


The hydrolysis proceeds as follows: 


ff X 


|) ee 
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B S Cl. CI 
a AI” AI” 
HO OH a Pi p 
cas Cl Cl 
3 in BX; has vacant 2p orbital in which it accepts a pair of 
ron from O-atom of H,O molecule, thus forming a tetrahedral Pinal Sis A n 


a diate addition compound. Further, elimination of HX 
_ajecl takes place and B—OH bond is formed. This process 
es on resulting in the formation of B(OH),. 
* yydrlysis trend: BF, < BCI, < BBr, 
4s he Lewis acid character decreases in the order: BF, < BCI, 
BBr,. tendency to get hydrolysed also varies in the same order: 
3. <BCI, < BBr3. 
The mifluorides of Al, Ga, In and TI are non-volatile, ionic solids 
st high melting points. These are slightly soluble in water. 
Chlorides, bromides and iodides of Al, Ga, In and TI are largely 
welent. They are relativity volatile and the vapours consist of 
imeric molecules. They readily dissolve in non-polar solvents 
ke benzene, in which they are present as dimers. The anhydrous 
rchlorides fume in most air due to hydrolysis. 


MCI, +3H,0 —> M(OH), + 3HCIT 


(Fumes) 


The ribromides and triodides are also hydrolysed. 

The unusually high melting points of AIF,, GaF, and InF, 
“ggesi that these compounds exist as three-dimensional giant 
wkcules. AIF, differs from other halides of Al in being non- 
‘daile and insoluble. The differences may be correlated to 
“e change in coordination number of Al which is 6 for AIF,, 
Tanges from 6 to 4 at the melting point for AICI, and is 4 for 
“Br, and AIL, 

InAlF „each Al” ion is surrounded by six F® ions ina distorted 
“aedral arrangement; each F acts as a bridge between two 
“ahedra (Fig, 6.5), thus giving the stoichiometry as | 2. 
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Fig. 6.5 Structure of ALF, (solid) 

In ani: : 
me Solid AICL, Al is octahedrally coordinated, i.e. has six 
ha, Nation number and two Cl atoms in each octahedra are 

“d between Al atoms (Fig. 6.6). 


(c) 


Fig. 6.6 (a) aa oe (0) liquid ALCL, and 

InCl, and TICI, in the solid state have a similar structure. At the 
melting point of AICI, (465 K), the structure [Fig. 6.6 (a)] changes 
to four-coordinate molecular dimer ALCI, [Fig. 6.6 (b)] as a result 
the volume decreases to about 85% and the electrical conductivity 
drops almost to zero. In the gaseous phase, at lower temperatures. 
the covalently bonded molecular dimers are the main species 
(Fig. 6.6 (c)], but at higher temperatures monomers are formed which 
are believed to be trigonal planar AICI, molecules isostructural 
with BX}. 

The halides with coordination number 4, i.e. AIX,. where X = Br, 
I; GaX,, where X = Cl, Br, I; InX,, where X= I and TIX.. where 
X = Br, form dimeric molecular units in the crystalline phase as 
well as in the liquid and vapour phase (Fig. 6.7). 

X X /X 
NM Aam 


Fig. 6.7 Structure of MX, 


Thallium trichloride (TICI,) and thallium tribromide (TIBr,) 
are unstable and disproportionate to the monohalide and halogen. 


Disproportionation 


|) cama TIX + X, (where X = CL. Br) 


TII, is correctly formulated as Tray and not as TH (I>). 
TIL is isomorphous with Csl,, therefore it contains the linear tri- 
iodide ion, 14 and is infact a compound of THD. Further, from the 
standard reduction potentials, E (TT " Te) = + 1.25 V and E 
(1/21,/1°)= +0.54 V, it is clear that TILL) is completely reduced 


to TI(I) in acid solution, 
Like the boron halides, the halides of other group 13 
e as Lewis acids. The Lewis acid character 


elements also behav ! 

decreases as the size of the cation increases. Four coordinate- 

iti ; of the :MX formed, where L 

addition compounds of the type, L:MX, are fo jir 

is Lewis base. These four coordinate species have a ag 
` j S e of s 

arrangement of atoms and probably involves the us 7 


hybrid orbitals in bonding. Coordination number greater than 
may also be achieved by using d-orbitals. Complexes such f 


* 


6.16 Inorganic Chemistry 
[MY] are known in which the metal is present in an octahedral 
environment of lower halides. 


6.6.6 CHARACTERISTIC DIFFERENCES IN THE 
STRUCTURES OF BORON TRIHALIDES AND 
ALUMINIUM TRIHALIDES 

mers, whereas aluminium trihal 

as a dimer, AL Cl, 

state between 400° 
monomer. The 


Boron trihalides exist as mono ides 
exist as dimers. For example, AICI, exists 
in non-polar solvents as well as in vapour 
and 800°C. Above 800°C, however it exists as a 
formation of dimer can be represented as follows: 


Cl Cl Ci cl Cl Cl 
sa + Al” — Sarg ae 
cr cr Ne Cl Naw Ne 


The arrows indicate formation of a dative bond, in which Cl 
donates an electron pair to Al. The covalency of Al increases 
to 4. The chlorine atoms are tetrahedrally arranged around each 
Al atom. Such bridge structures are typical of electron-deficient 
compounds. 

Boron trihalides, however, do not form dimers. They exist 
only as monomers. This is due to the fact that boron atom is too 
small to coordinate with four large halide ions such as Cl. Br 
and I°. However, B-atoms should be able to coordinate with 
F© ions which are much smaller in size than other halide ions. 
Consequently, of the various boron trihalides, BF, should at 
least exist as a dimer. But actually, it is not so. This is due to the 
large amount of energy required for the cleavage of pn—pn bond 
in BF, to enable dimerisation of BF;, is not released during the 
bridge structure in this case. Therefore, BF, can exist only as a 
monomer as do the other halides of boron. 


6.6.7 LOWER HALIDES OF BORON 
Diboron tetrahalide, B,X,, where X =F, Cl, Br, I are well known. 
These dihalides are thermally less stable than the corresponding 
BX, and decomposes into B and BX,. B,F,, the most stable out 
of these, decomposes at the rate of about 8% per day at room 
temperature. The thermal stability of diboron tetrahalides varies 
with the extent of pn—pn back bonding between B and X. Thus 
B,F,, which has a planar structure with maximum possibility of 
pm—pt bonding is more stable than B,Cl, which has a staggered 


structure. 
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Fig. 6.8 (a) B,F,, (b) B,Cl, solid and (c) B,Cl, vapour 
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In the solid state, B,Cl, is a planar molecule, whereas in 


vapour state, the two BCI, units are at right angles to each other 
(Fig. 6.8). 

6.6.8 LOWER HALIDES OF Al, Ga, In AND TI 

and TI form monohalides, MX. Those of Al, Ga and In 


Al, Ga, In 
ies. AIF being most unstable, 


are unstable and have reducing propert 


undergoes quick disproportionation into Al and AIF,. 


3AIF —> 2Al + AIF, 


Other monohalides, also decompose, though less quickly in a 


similar way. 


For a particular ele 
halogens are more stable than the monofluoride, i.e. GaCl, GaBr, 


Gal are thermodynamically more stable than GaF. The stability 
of gallium(I) halide increases with an increase in the size of the 
halide ion. Gallium forms dihalides of the composition, GaX,, 
which are actually salts of Ga(I). GaCl, or Ga,Cl, is actually 


a mixed halide of Ga(I) and Ga(III) and its correct formula is 


ment of group 13, the monohalides of other 


Ga [GaCl,]. Similarly, indium(I) chloride, indium(I) bromide 

and indium(I) iodide are thermodynamically more stable than 

indium(l) fluoride. The chloride of indium, In,Cl,, appears to have 

In in the 1.5 oxidation state, but actually it contains both In(I) and 
I 


m 
In(III) ion, and is correctly formulated as In; [InCl, ]. Thallium(I) 
halides are the most stable among the monohalides of group 13 
elements. Several lower halides of T1 are known, e.g. TICL, TIBr,. 
TLCL, T1,Br. All these are mixed halides of TI(I) and TIMI). 


6.7 BORON 


6.7.1 PHYSICAL PROPERTIES OF BORON 


1. Boron is an extremely hard, black coloured, low density 
solid. Its melting point is very high (2453 K) and volatilises 
appreciably even at 1873K. 

2. Boron is non-metallic in nature and has low electrical 
conductivity. 

3. Elemental boron exists in several different modifications. 
The phenomenon of existence of different forms of an 
element is called ALLOTROPY. At least four different 
allotropes of boron may be obtained under different 
conditions. However, the transition between different 
forms is an extremely slow process. All boron allotropes 

have structures built up of B,, icosahedral units shown in 

Fig. 6.9, 


„nt features of icosahedron: 
"4, 20 faces (equilateral triangle) 
p 12 comers 
a 30 edges eae 
į 5 boron atoms are equidistant from the given B- 
a There are some (3c, 2e) bonds 


atom 


Fig, 6.9 The B,, icosahedral unit, the basic building block of the 
structure of allotrope of boron 


:7.2 CHEMICAL PROPERTIES OF BORON 
“ye chemical reactivity of boron depends markedly on the state 
<a subdivision and temperature. 
|. Reaction with air: Amorphous form when heated in air 
at 700°C, burns with a reddish flame forming a mixture of 
boric anhydride (B,O,) and boron nitride (BN). 
4B + 30, —> 2B,0, (Basic anhydride) 


B +N, —^ 2BN (Boron nitride) 

2. Reaction with water: Under ordinary conditions, boron is 
not affected by water, but when steam is passed over red 
hot boron, hydrogen is liberated. 
2B + 3H,0 —> B,O, + 3H,O7T 


Boric 
anhydride 


3. Reaction with acids: Boron is very inert and is attacked by 
strong oxidising agents like conc HNO,, but is not affected 
by non-oxidising acids like HCI. 
2B +3H,SO, —+ 2H,BO, + 3S0, Î 
B + 3HNO, —+ H,BO, + 3NO, Î 
4. Reaction with alkalis: Boron reacts with fused alkali metal 
hydroxides forming borates and evolving hydrogen. 
2B + 6NaOH —+ 2Na,BO, + 3H,1 
: Reaction with metals: Boron combines with ~a 
electropositive metals at high temperatures to form borides, 
often non-stoichiometric. 
3Mg + 2B —> MgB, 

6. Reaction with non-metals: At higher tempe! 


reacts with almost all non-metals except hydrog 
Bases, 


IN 


ature, boron 
en and noble 


p-Block Group 13 Elements: 
Boron combi 
form boron n 


2B + N, - 
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us with nitrogen when heated in air to 
Itride (BN). 


—> 2BN 


Boron combines w; 
$ ron combines with carbon at high temperature to give 
oron carbide (B 4C). 


B oe ae B,C 
B,C is used in bulletproof clothings. 


Boron combines with halogens at high temperatures to 
yield covalent boron trihalides, e.g. BF}, BCL, 


2B +3X, —» 2BX, (where X =F, CI, Br, I) 
. Boron isa powerful reducing agent. 
4B + 3C0, —>» 2B,0, + 3C 
4B + 3Si0, — 2B,0, + 35i 


Some reactions of amorphous boron and of other group 13 elements 
(except B) are given in Tables 6.5 and 6.6. respectively. 


Table 6.5 Some reactions of amorphous boron 


eee Reaction = Rema 
4B + 30, — 2B,0, o At high temperature 
2B + 3S —>B,S, e At 1200°C 


2B + 2N, —> 2BN 


2B + 3F, —> 2BF, 


e At very high temperature 


2B + 3Cl, —> 2BCl, 
2B + 3Br, —> 2BBr, 
2B + 31, —> 2Bl, 


2B + 6NaOH —> 
2Na,BO, + 3H, 


2B + 2NH, —-> 2BN e At very high temperature | 
rome ls be | 


e Many metals form bondes 
(excluding group I), which 


are often non-stoichiometric 


e At high temperature | 
f 
| 


e When fused with alkali 


Table 6.6 Some reactions of other group 13 elements 
(except B) 


Reaction | Remark ab 


4M + 30, —> M,O, è All react at high temperature 


e All reactions are strongly 
exothermic 
e Ga ts only superficially 
oxidised 
| 
e TI forms TLO also | 
2 Al + N,——» 2AIN e Only Al reacts at high 
temperature 


o= MM- 
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e All the metals form 


M + 3F, —> 2MF 
i E i trihalides 


2M + 3Cl, —> 2MCl, 


2M + 3Br, — 2 MBr; 


2M + 31, —> 2M1, e Al, Ga, In only 


Thallium(]) triiodide formed 


@ > 
T+ — T” I) 


All react with dilute mineral 
acids. Al is rendered passive 


by HNO, particularly when 
concentrated 


Al and Ga only 


2M + 6HCI — 2MCl, 
+3H, 


Al + NaOH + H,O —> 
NaAlO, + H, 


Ga + NaOH + H,O —> 
NaGaO, o5 H, 


+H, 


6.8 DIAGONAL RELATIONSHIP 
BETWEEN BORON AND SILICON 


Boron, the first member of group 13 elements resemble silicon, 
the second member of the next group, i.e. group 14. This is a case 
of diagonal relationship. Boron, in fact, shows more resemblance 
with silicon than with aluminium. Some points of resemblance of 
boron and silicon are as follows: 

1. Non-metallic character: Both boron and silicon are non- 
metals. Both have high melting points (B = 2453 K, Si 
= 1693 K), high ionisation enthalpy (B = 801 kJ mol |, 
Si = 786 kJ mol‘) and are bad conductors of electricity. 
However, the conductance increases as the temperature 
increases. Hence, both behave as semi-conductors at high 
temperature. 

2. Density and electronegativity: Both have nearly 
equal densities (B = 2.35 g cm”, Si = 2.34 g cm”) and 
electronegativities (B = 2.0, Si = 1.8). 

3. Mode of occurrence: Neither B nor Si occurs free in nature. 
Both occur in combined state. Both show allotropy. 

4. Tendency to form cations: Both B and Si do not form 
cations as their ionisation enthalpies are very high. 

5. Tendency to form covalent compounds: Both B and Si 
form compounds which are mostly covalent in nature. 

6. Oxides and oxyacids: Both B and Si burn in air on heating 
to form stable oxides, i.e. BO} and SiO, respectively. 
These oxides are weakly acidic. With water, they form the 
corresponding weak acids namely boric acid, H BO}, and 
silicic acid, H,Si0,. These oxides on reaction with alkalis 
form borates and silicates respectively. 

B,O, + 2NaOH —> 2NaBO, + H,O 


Sodium metaborate 


or 
B,0; + 6NaOH — 2N 
SiO, + 2NaOH —_ Na,S103 + H,O 


Sodium metasilicate 


a,BO, + 3H,0 


1 metals: Both react with metals to form 


7. Reaction witl 
des respectively. 


borides and silici 
2B +3Mg —> MgB, 
Si + 2Mg — > Mg,Si 
8. Formation of esters: Orthoboric acid (H,BO, ) and ortho- 
silicic acid (Hy 
in the presence of H,SO 4? 
=u; (C,H,); BO, + 3H,0 


Triethylborate 


a dehydrating agent. 
H,BO, + 3C,H,OH 


The ester fo 
used as a qualitative text for borates. 


O , 
H,SiO, + 4C,H5OH 1804, (C,H) SiO, + 4H,0 


Tetraethylsilicate 
9, Formation of hydrides: Both B and Si do not combine 


directly with hydrogen. Hydrides of B and Si are formed in 
almost identical manner, i.e. by the reduction of their halides 
with LiAIH, (lithium aluminium hydride). 

10. Hydrolysis of halides: Halides of boron and silicon readily 
gets hydrolysed to give orthoboric acid and orthosilicic acid, 


respectively. 
BF, +3H,O —> H,BO, + SHE 
SiF, + 4H,0 —> H,SiO, + 4HF 
Both BF, and SiF 4, if present in excess, dissolve in HF due 
to the formation of complex halides. 
BF, + HF —> H[BF,| 
SiF, + HF —-> H,[SiF¢] 
11. Reaction with alkali: Both B and Si react with fused alkalis 
and evolve hydrogen. 
2B + 6NaOH —> 2Na,BO, + 3H, Î 
Si + 2NaOH + H,O —> Na, SiO, + 2H,T 
12. Reaction with carbon: Both B and Si combine with carbon 
to form carbides, B,C and SiC, respectively. These are 


very hard substances and are used for cutting and abrasing 
purposes. 


But apart from the above-mentioned similarities, boron and 


silicon show certain dissimilarities too, which are as follows: 


` ` l 
1. Boron has three electrons in its valence shell 2° 2p ) 


whereas silicon has four electrons in its valence shell 
(38° 3p°). 


2. Boron is trivalent whereas silicon is tetravalent in itS 
compounds. 


3. Boron reacts with nitrogen, N,, and gives boron nitride 
(BN), whereas silicon does not react with N.. 


SiO4) form esters when treated with alcohols | 


rmed burns with a green-edged flame. This is 


s= 


A 


iad xidised by conc. H,SO, or HNO, and 


/ ive 
A ee silicon does not react. 8 H,BO,, 
W 


pt 3H,80,— 2H,BO, + 3S0, 
sf 3H1NO,; —? H,BO, + 3NO, 


p ig amphoteric whereas SiO, is acidic in nature. 
4 2 


r ANOMALOUS PROPERTIES OF 
BOR 


the first member of group 13 elements, shows anomalous 
ae and differs from rest of the members of its family due 
i following 
i i exceptionally small atomic and ionic size 
5, High ionisation enthalpy 
, Absence of d-orbitals in its valence shell 


In many properties boron differs from the other elements of its 
win oup (especially Al) which are as follows: 

Boron being small in size is harder than rest of the group 

13 elements. 

Boron, due to its small atomic radii, has greater force of 

attraction between the nucleus and valence shell electrons. 

Thus B has a very high ionisation enthalpy. This gives boron 

distinctly non-metallic character, while rest are metals. 

. Boron exhibits maximum covalency of four due to non- 
availability of d-orbitals, in its valence shell while rest of 
the elements have maximum covalency of six. 

. Boron alone exhibits allotropy. 

. Boron shows +3 oxidation state, while other shows +1 and 
+3 oxidation states (due to inert pair effect). 

. Boron does not form cation in aqueous solution as the 

hydration enthalpy is less than the sum total of the first three 

ionisation enthalpies. 

Boron forms only covalent compounds while other members 

of group 13 form both ionic and covalent compounds. For 

example, BF, is covalent, whereas AIF, 1s ionic. 

: Boron does not decompose water or steam while others do. 

: Boron is not attacked by non-oxidising acids, while other 
elements are attacked. 

- Boron dissolves in conc HNO, forming H,BO,, while other 
Clements are passive especially Al and Ga. 

* Boron reacts with metals to form borides while other 
elements do not react and form alloys. 

The Oxide and hydroxide of boron are weakly acidic and 

Issolve in alkalis forming borates. The oxides of Al and 
4 are amphoteric, while those of In and TI are basic. 
8,0,;+2Na0H —> 2NaBO, + H,O 
B(OH), +NaOH —> NaBO, + 2H,O 
Al(OH), +NaOH —> NaAIO, + 2H,O 
AIOH),+HCL —> AICI, + 3H,0 

y ‘Amphoteric behaviour of Al) 

"Ne trihalides of group 13 elements being covalent get 
hydrolysed by water. While boron halides, due to the 


— 


~— 


wn 
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ab i 
sence of d-orbitals form tetrahedral [B(OH),]°, rest of the 


elements, due to the 
i presence of d-orbitals form octahedral 
[AI(H,0) + species. 


14. The trihali 
he trihalides of B are monomeric while trihalides of 


other elements of group 13 are dimeric. Due to small size 
of boron, it cannot accommodate four large-sized halogen 
atoms around it. The monomeric trihalides, being electron 
deficient behave as strong Lewis acids and form adducts 
with ammonia, ethers, etc. 

F;B + NH, — [F,B < : NHL] 


In contrast, the trihalides of other elements of group 13 
have halogen-bridged dimeric structure in which a metal 


completes its octet by accepting an electron pair from a 
halogen atom of other molecule. 


6.10 COMPARISON BETWEEN 
BORON AND ALUMINIUM 


Similarities: As both boron and aluminium have same general 
electronic configuration, i.e. ns” np', they have many similarities 
in their properties. 
1. Electronic configuration: Both have same number of 
electrons in their valence shell, i.e. three electrons. 


2. Valency: Both B and Al are trivalent. They do not show 
variable valency as their penultimate shells are complete 
and stable. B** ion is not known as very high energy 
(IE, + IE, + IE) is required and therefore boron forms 
covalent compounds. Aluminium also forms covalent 
compounds. It can, however, form ionic compound with 
strong electron accepting atoms or groups. Due to small size 
and high charge on Al”, it has high polarising power. This 
gives rise to covalent character even in ionic compounds, 
e.g. AICI,, AlBr, and All, have covalent character. 

3. Oxidation state: In most of their compounds, both show 


common oxidation state of +3. Boron, however, also shows 
an oxidation state of —3 in the metal borides. 


BAD ese @ 


anda) 


‘nium trioxide) 
ALO, (Aluminium 


Le nl 


Sag a i 
ICI, (Aluminium trichloride) 


4. Reactio 
to evolve SO,. n 
2B + 3H,SO,— 2H,BO, + SO, n 
2A1 + 6H,SO,— AL,(SO,)3 + 3802 


5. Reaction with alkalis: Both dissolve in alkali and evolve 
H,. 
2B + 6 NaOH —> 2Na,BO, + 3H, 
2Al + 2NaOH + 2H,O —> 2NaAIO, + 3H, 

6. Formation of oxides: Both form oxides when heated with 
oxygen at high temperature. 
4B +30, —~“> 2B,0, 


4A1+ 40, —““> 2A1,0, 


7. Amphoteric oxides: Their oxides are amphoteric, 1.e. 
dissolve in acids as well as bases to form salts. 
B,O, + 6HCl —> 2BCl, + 3H,O 
B,O, + 6NaOH —> 2Na,BO, + 3H,O 
Al,O, + 6HCl—> 2AlICl, + 3H,O 
Al,O, + 2NaOH —> 2NaAlO, + H,O 
8. Formation of nitrides: Both when heated with nitrogen or 


ammonia form nitrides, MN. 
2B +N, —> 2BN; 2B+ 2NH, —— 2BN + 3H, 


2Al+ N, —> 2AlN; 2Al + 2NH, —> 2AIN + 3H, 
9. Formation of sulphides: Both when heated with sulphur 
at high temperature form sulphides, M,S;. 
2B + 3S——> B.S, 
2Al + 3S —> ALS, 


Dissimilarities: Due to difference in size and ionisation enthalpy of B and Al, they show many different properties as given below. 


7 There are two electrons in the penultimate shell. (1s? 257 2p!) 


2. Boron is a non-metal. 2: 


3. Itis a bad conductor of heat and electricity. 


4. It shows allotropy. The allotropic modifications are crystalline 
and amorphous. 


5. Its crystalline form is very hard. 


6. It forms only covalent compounds. 


a 
4. 


7. It reacts with hydrogen to form number of stable hydrides. 


8 It does not react with dilute acids. 


9. It gets oxidised by conc HNO, to form B(OH). 
B + 3HNO, —> H,BO, + 2NO, 


5 
6 
7 
8 


10. Its maximum covalency is 4. 


11. It dissolves in fused alkalis to evolve H,. 
2B + 6NaOH —> 2Na,BO, + 3H, 


12. Borates are very stable. 


ae TET a ee Sa REAPER PSEA oer 
1. There ar 


. It does not form any stable hydride. 


. It reacts with dilute acids and evolve H.. 


. It becomes passive with conc H,SO, due to the formation of ê 


10. Its maximum covalency is 6. 


1]. It dissolves in hot alkalis to evolve H}. 


12. Aluminates are less stable. 


These sulphides are hydrolysed by water. of 
B,S, + 6H,0 —> 2H,BO, + 3H,S i ji 
ALS, + 6H,0 —> 2Al(OH), + 3H,S vy 


Formation of chlorides: Both form trichlorides by direg ( i 
combination with Cl, or by passing Cl, over heated mixture it w 


10. 


of their oxides and charcoal. yf 
2B + 3Cl, —> 2BCl, 
B,O, + 3C + 3Cl, —> 2BCl, + 3CO J 
2Al + 3Cl, —> 2AlCl, 


Al,O, + 3C + 3Cl, — 2AICI, + 3CO h, 
Formation of alkyl compounds: Both form similar type , e 


11. 
of alkyl compounds. yl 
2BCl, + 3Zn(CH;), —> 2B(CH,), + 3Zn Cl, af 
2A1+ 3Hg(CH,), —> 2Al(CH;), + 3Hg 50 

12. Reducing agents: Both behave as strong reducing agents, o 
4B + 3CO, —> 2B,0, + 3C p, A 
4Al + 3CO, —> 2AL0, + 3C i 
2Al + Fe,O,; —> Al,O, + 2Fe j 

13. Action of steam: Boron reacts with steam at red heat j 
liberating hydrogen. l 
2B + 3H,0 —> B,0, + 3H, 


Aluminium decomposes boiling water. 


2Al + 6H,0 —> 2Al(OH), + 3H, 


j == See A me A ca 


2p°3s 


e eight electrons in the penultimate shell. (1s? 2s” 
3p') 


Aluminium is a metal. 


TE or ees 


| 


It is a good conductor of heat and electricity. | 


It does not show allotropy. 


It is sufficiently soft. 


It forms both covalent and electrovalent compounds. i, 


2Al + 3H,S0, — Al, (SO,), + 3H,t 


layer of Al,O, on its surface which makes the metal inert. 


2Al + 2NaOH + 2H,O —> 2NaAlO, + 3H, 


3. Al(OH), is amphoteric. 


13. B(OH), is weakly acidic. l 


15. It combines with metals to form borides. 


15. It combines with metals to form alloys 


AICI, is a solid. 
; i i N 


de potential value E° for ARYA] ; 

ja electro + torAT /Al is —1 66 

we eal /Tl is +1.26 V. Predict about the cane M 
3+ ion in solution and compare the electropositive 


af „ter of the two metals. 


‘ „o fumes appear around the bottle of anhydrou 
> inium chloride. Give reason. j 


Oia electrode potential values for two half- cell 
' esctions suggest that serena has high tendency to form 
Alag) ions, whereas TI is not unstable in solution but is 
a powerful oxidising agent also. Thus TI" is more stable in 
solution than TI? . Aluminium being able to form +3 ions 
easily, is more electropositive than thallium. 

b. Anhydrous aluminium chloride is partially hydrolysed with 
atmospheric moisture to liberate HCI gas. Moist HCl appears 
white in colour. 

AICI, + 3H,O0 ——> Al(OH), + 3HCI 

¢. Due to non-availability of d-oribtals, boron is unable to 

expand its octet. Therefore, the maximum covalency of 

boron cannot exceed 4. 


Explain the following: 

a Boron has high melting and boiling points. 

b. The pr-pr back bonding occurs in the halides of boron and 
Not in those of aluminium. 

E Boron and aluminium halides behave as Lewis acids. 

à Aluminium forms [AIF T ion, but boron does not form 
; BEJ- ion. 


4. Boron has giant covalent polymeric structure both in solid 
and liquid states, thus it has high melting and boiling points. 


b. The formation of pn—pn back bonding involves donation of 
an electron pair from the filled orbital of the atom forming a 
‘© bond with the central atom. The tendency to show back 
bonding depends on the size of the atoms involved. This 
tendency decreases as the size of the central atom increases. 
Since boron has smaller size as. compared to aluminium, 
back bonding is more feasible in boron halides as compared 
to aluminium, 


p 


Both boron and aluminium in their halides possess six 
electrons in their valence shell. Because these are short of 
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ö , 
a their octet and thus behave as 
- apam They can easily accept a pair 

Onor 10n/molecule and thus behave as 


two electrons t 
electron-defic; 
of electron fr 
Lewis acid. 


.D l 
' pa to the absence of low-lying vacant d- 
E nnot expand its coordination number 
a boron does not form [BF, ii 
alumini 
um due to the presence of vacant d-orbitals in 


val ; 
7 sis Shell can expand its coordination number beyond 
P to 6) and thus easily form [AIF, J- ion. 


orbitals in boron, 
beyond four and 
ion. On the other hand, 


i + e . 
——— Gallium | Indium 
F S3 “ie 579 558 589 


Explain this deviation from the general trend. 


Sol. Down the group (¥), from B to Al, the ionisation enthalpy 
decreases due to increase in size and screening effect. Ionisation 
enthalpy of Ga is slightly higher than Al, Ga and In. These 
deviations from the general trend can be explained on the basis 


r 
2< 1 


of electronic configuration. 


Electronic | [He]2s”} [Ne]3s* | [Ar]3d'° | [Kr] 4d® | [Xe] 4f*5a"° 
configuration} 2p! 3p! 4s? 4p! 6s 6p! 

B and Al have noble gas core beneath the valence shell electrons, 
but at Ga, there is inclusion of lesser shielding fully filled 3d orbital 
in between the noble gas core and the valence shell electrons, 
which results in increase in effective nuclear charge and valence 
shell electrons are tightly held by the nucleus and hence higher 
energy is required for their removal. Hence, there is an increase in 
ionisation enthalpy from Al to Ga. At Tl, fully filled lesser shielding 
4fas well as Sd orbitals are present which result in much higher 
effective nuclear charge at TI. Hence, IE, is much higher than Al, 
Ga and In. 


Answer the following: 

a. Name the element of group 13 which fo 
compound in +1 oxidation state . 

b. Name the element of group 13 which has the highest first 
ionisation enthalpy. 

c. Name the element of group 13 which is used as a reducing 
agent in metallurgical processes. 

d. Name the element of group 13 which can show covalency 

maximum of four only. 

Name the compound of aluminium which 1 

germicide and coagulant in the purification of water. 

f£. Name the first two elements of group 13. 


rms the most stable 


s used as 4 
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a. 
C. 
e. 


Thallium b. Boron 
Aluminium d. Boron 
Potash alum, K,SO,-Al,(SO,),'24H,O 


f. Boron and aluminium 


_ Give reasons for the following: 


a. Aluminium metal is rendered passive by nitric acid (HNO 


due to the formation of an oxide layer (AL,O,) on its surface 
Hence, Al vessel is not attacked by conc HNO, and conc 
HNO, can be easily stored in aluminium vessel. 


. Both BCI, and AICI, are electron-deficient compounds as 


both B and Al have only six electrons around them in BC] 
and AICI,, respectively and hence their octet is incomplete. 
To complete their octet, pn—pt back bonding is not possible 


a. No visible reaction occurs when aluminium is left in contact in AICI, due to increase in size of Al. Hence, Al completes 
with conc HNO. its octet by forming dimer in which C] atom of one AIC] 
b. The ionii of Al and Fe are insoluble in water. donates an electron pair in the vacant 3p orbital of A] by 
| However, NaOH is used to distinguish one from another. forming a coordinate bond, whereas in BCI, pr-pr back 
c. Anhydrous AICI, cannot be prepared by heating hydrated bonding occurs and BCI, eixsts as a monomer and not as a 
. aluminium chloride: diner. 
d. Aluminium vessels should not be cleaned with cleansing CI C] Cl 
agent containing washing soda. Ss al Sa T 
e. Duralumin is used in aircraft industry. 


a. 


Aluminium is rendered passive by conc HNO, due to the 


formation of a layer of oxide (Al,O,) onthe surface. 


. Aluminium hydroxide, Al(OH),, dissolves in NaOH, 
whereas ferric hydroxide, Fe(OH),, is insoluble in NaOH. 


Al(OH), + NaOH ——> NaAlO, + 2H,O 
Fe(OH), + NaOH X > No reaction 


. Anhydrous AlCl, cannot be prepared by heating hydrated 
AICI,, as on heating, AlC1,-6H,O gets hydrolysed to form 


ALO}. 
2 AICI,-6H,O —> 2AI(OH); + 6HCI 
2 AI(OH), —> ALO; + 3H,O 


hydrolysis to give NaOH and Al dissolves in NaOH. 
Na, CO, + 2H,O —> 2NaOH + CO, + H,O 


Aluminium vessels should not be cleaned with cleaning 
agent containing washing soda as Na,CO, undergoes 


cr Na No 


. Aluminium has great affinity for oxygen. Aluminium thus 


removes oxygen from the oxides of less electropositive 
metals and as a good reducing agent. 


Cr,0,+2Al —> AlO; + 2Cr 


. Aluminium cannot be prepared by the electrolysis of aqueous 


solution of its salt, as discharge potential of aluminium is 
higher than the discharge potenne of hydrogen. Thus, the 
aqueous solution containing AP ions and HÊ ions, when 
electrolysed, the HÊ ions rather than Al?” ions are discharged 
at cathode and hydrogen is liberated. 


At cathode: 2H® + 2e° —> H,Î 


. Due to pr-pr back bonding in BX,, the molecule has double 


bond character, which results in shortening of B-X bond 
distance in BX,. 


X X: Cx: X: 
2H,0 + 2Al + 2NaOH ——> 2NaAlO, + 3H A o“ a of « sf* 
o . K RVR oo KB eo ek 5% 
e. Duralumin is an alloy of aluminium whose composition s Xx: w Dë: . Sy: .. NË: 
is 95% Al, 4% Cu, 0.5% Mg and 0.5% Mn. It is light and i ko QF ` 


tough. It has resistant to corrosion and thus is used in aircraft 


industry. f. Despite the fact that ionsation potential of boron 

(8.30 eV) is less than gold (9.22 eV), boron is a non-metal. 

ILLUSTRATION 6.6 This is due to difference in structure ìn the solid state. In 
| general, metals have large number of atoms as neighbours 
Explain the following: as compared to non-metal. Gold has 12 atoms as neighbours, 


a. Aluminium vessels can be used to store conc HNO,. 
b. AICI, forms a dimer, but BCI, does not. 
c. Al metal is frequently used as a reducing agent for the 
extraction of metal such as Cr, etc. 
d. Alcannot be prepared by the Hecnoles of aqueous solution 


whereas boron has 6 or less atoms as neighbours in the 
solid state. 


. » 
N - e z P. 5 


heap 
Ae 


| a W at are the special features of structure of boron? 


of ali | b, Whi alloy of aluminium i is used in air-craft industry? 
e. The B-X distance is shorter than what is pesgeind. e When fi ly powdered Al is suddenly SI posedi = ar 

: -theoretically i 1n BX, molecule (X= F, Ch} Br, D | | iy ca e. W bya ; 

f. Although the ionisation potential of B ( 8.30 eV)i is less than. od. Wr ced equation for the preparation o ck sent 


gold 0: 2 eV), yet Bi is a | non-metal \ 


l e gold i is a metal. | or of BBr, v with dihydrogen. 


| 


i ig a symmetrical solid with icosahedral g 
p: 


, , h 
ela ng, Te Thr 


On atoms, 6 
tron (3c, 2e) 


as. Each icosahedran consists of 12 bor 
es are bonded by a three-centre two-elec 
i (0.02 A) in separated icosahedra. 
alloy of aluminium which is used in air- 
j juralumin. Its composition is 95% A], 4%, 
pnd 0.570 Me. 
rinely powdered aluminium, when suddenly exposed to 
b jr, reacts vigorously with aerial oxygen, O,. The reaction 
is highly exothermic and therefore Al catches fire. 
Aly + 30x —> 2AL05. AH =-310 kJ mor" 
i. IBBIyg) * 3Ha(g) —> 2B.) + 6HBr,,, 


Craft industry 
Cu, 0.5% Mn 


naregular B}, icosahedran: 

,, How many boron atoms are equidistant from a given boron 
atom? 

», How many edges are there? , 

¢, How many valence electrons are there? 

d. Can each edge line represent an electron pair bond? 

e Explain the type of bonding involved in elemental boron? 


Sol. Ina regular B,, icosahedran: 
a, Five boron atoms are equidistant from a given boron atom. 
b. There are 30 edges, i.e. 5 from the top B-atom, 5 around the 
upper pentagon, 10 from the upper pentagon to the low, 5 
around the lower pentagon and 5 to the bottom boron atom. 


Valence shell electronic configuration of B is 2s? 2p, sO 


O 


each boron atom has 3 valence electrons. Total number of 


valence electrons in B., icosahedra = 3 x12 = 36 electrons. 


a. 


- No, there are 30 edges in B,, icosahedra, so the total electron 
should be 30 x 2 = 60 electrons. Since there are not 60 
electrons, hence each edge line cannot represent an electron 
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a Alisa good reducing agent. Explain. 


b. A metallic element, M, forms two stable chlorides with 
formula MCI and MCI, respectively. Where the element M 
is to be placed in the periodic table? 


i Reducing agent can easily lose electron and get oxidised 
since Al has low ionisation enthalpy and has + ve reduction 
potential, it acts as good reducing agent. 

b. Metal, M, forms chlorides—MCI and MCI}. The oxidation 
State of M in MCI is +1 and in MCI, is +3. This implies 
that metal M has three electrons in its valence shell and M 
belongs to group 13, i.e. boron family. 


6.11 SOME IMPORTANT COMPOUNDS 
OF BORON AND ALUMINIUM 


6.11.1 Borax 


(Na,B,0,-10H,OoR Na,[B,0,(OH),]-8H,O) 


Borax or sodium tetraborate contains the tetranuclear units 
[B,O,(OH),]* and therefore it is correctly formulated as 
Na,[B,0,(OH),]:‘8H,O (Fig. 6.10). 


OH &, 
y | oK D3 Note: Two B-atoms are 
a ei sp? hybridised 
D` o O 
Na y \ \ -8H.O Two B-atoms are 
2| HO R 4 oe OH| 2 sp? hybridised 
On ola’ N n Five (B-O-B) 
B Ory bridges 
a | s? 
Bins? oy 


sp? hybridised B-atoms only participate in (pz-pz) back bonding. 
Fig. 6.10 Structure of Na,[B,0,(OH),].8H,0 


pair. Preparation: 


1. From tincal: Naturally occurring crude form of borax is 
known as TINCAL and contains ~ 55% of borax and is 
found in dried lakes of Tibet, Sri Lanka and California. 
Tincal is dissolved in water, filtered, concentrated and 
crystallised when pure borax is obtained. 


2. From colemanite: Finely powered colemanite, Ca,B Gin 
is boiled with concentrated solution of sodium carbonate. 


= 


There must be some (3c, 2e) bridge bonding, just as in 
diborane. 


Predict whether T1® will disproportionate in aqueous solution: 


T+ 1.25 V TI® — 0.34 V SST] 


A 
. ———» 2CaCO,v + Na,B,0, + 2NaB 
Disproportionation of TIÊ can be represented as: Ca,B,0,, + 2Na,CO; — 5ail 3 Nii 7 tio O, 
EO i lu 
TI® —» TPE ra T] = ? whl) abora 
Wen, 


2e? + TP TE E°=+1.25¥ Gi) On filtration, CaCO, precipitate is removed. On concentration 


e+T]e__, Tl E° =-0.34 V ...(iii) of the filtrate; white crystals of borax separates out, NaBO, 
Eq. (iii) x (ii) 2 TI? + 26° —> 271 E°= 0.34 V ...(iv) is converted into borax, by passing a current of CO, through 
Reverse Eq. (ii) > TÊ —> TI** + 2e? E° = 1.25V_...(v) the mother-liquor. 


Ad 4NaBO, + CO, —> Na,CO; + Na,B,0, 

. sme SR TU TT LO = = ‘ f 
d Eqs, (iv) + M> —> Utu E —> 2T1+ TI E? =-1.59 V 3. From boric acid: By neutralising boric acid by sodium 
Because E> value is highly negative, T1® will have no tendency carbonate. 


Or dj : i 
disproportionation. 


ey | 
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4B(OH), + Na,CO, —> Na,B,O, + CO, + 6H,O 


Properties: 
1. Forms of borax: Borax is known in three forms. 


a. Prismatic borax œ Itis the common form of borax 
(Na,B,0,10H,O) and is the decahydrate form. 

j “ æ It is obtained by crystallising 

the solution at ordinary 

temperature. 

It is white crystalline solid. 

It is fairly soluble in cold water 

but freely soluble in hot water. 


b. Octahedral borax œ It is in pentahydrate form. 
(Na,B,0,5H,O) œ It is obtained by crystallising 

solution at 60°C. 

It is also known as jeweller’s 


borax. 
c. Borax glass e It is anhydrous form. 
(Na,B,0.) e It is obtained by heating the 


common form above its 
melting point. 

It is colourless glassy mass. 

It is not stable in moist air as 
it absorbs moisture readily 
and gradually convert into 
decahydrate form. ) 


2. Basic nature: Aqueous solution of borax is alkaline due to 


w 


A 


Un 


its hydrolsis. 
Na,B,O, + H,O = 2NaOH + 4H,BO, 
Strong Weak 
base acid 


Borax is therefore used as a water softener and cleaning 
agent. 


. Action of heat: On heating, initially borax swells up due 


to loss of its water of crystallisation. On further heating, it 
melts to give a clear liquid, which solidifies into transparent 
glass like bead known as borax bead. Borax bead comprises 
sodium metaborate (NaBO,) and boric anhydride (B,O,). 


Na,B,0,10H,0 —“+ Na,B,O, + 10H,O 
Na,B,O, —> 2NaBO, + B,O, 


Sodium Boric 
metaborate anhydride 


Borax bead 
Borax bead is employed in the qualitative test for the 
detection of some coloured basic radicals, i.e. copper (Cu), 


iron (Fe), chromium (Cr), manganese (Mn), cobalt (Co) and 
nickel (Ni). 


. Aqueous solution of borax behaves as a buffer because it 


consists of weak acid and its salt with strong base. 
Na,B,O, + 7H,0 —> 2Na[B(OH),| + 2H BO, 


. Reaction with NaOH: 


Na,B,0, + 2NaOH —> 4NaBO, + H,O 


Sodium metaborate 


. Reaction with H,SO,: On adding hot and conc H,SO, to 


hot and conc solution of borax, boric acid is formed.’ 


Na,B,O, +H.s0,-—> Na,SO, + H,B,0, 
H,B,0, + 5H,0—> 4H,BO, 
OPAS E S aa amaaa 
Na,B,O, + H,SO, + 5H ,O —> Na,SO, + 4H,BO, 
TE 
7. Reaction with ethyl alcohol and H,SO,: On heating borax 
with ethyl alcohol and conc H,SO,, vapours of triethylborate 
(B(OC,H,),) are produced, which burn giving a green-edged 
flame. 
Na,B,O, + H,SO, + 5H,O — Na,SO, + 4H,BO, 


H,BO, + 3C,H,OH —> B(OC,H,), + 3H,0 
This reaction is used for qualitative analysis of borax or 
borate ion. 

Uses: 

1. As a flux in soldering. 

2. In the manufacture of heat resistant borosilicate glass 
(pyrex). 

3. In the manufacture of enamels and glass for earthen wares, 
i.e. pottery etc. The glazed surface is resistant to heat, stains 
and scratches. 

4. To make sodium peroxoborate, 

{Na, [(OH),B (O-O),B(OH),]-6H,O} as follows: 
Step i: Strongly heating borax to produce sodium 
metaborate, NaBO.,. 
Na,B,0,"10H,0 —™ Na,B,O, + 10H,O 
Na,B,O, —> NaBO, +B,0, 
Step ii: Oxidising NaBO, formed in step (i), with H,O.. 
2NaBO, + 2H,O, + 6H,0 —> 
Na,[(OH),B(O — O),B(OH),].6H,O 
Sodium peroxoborate 
Sodium peroxoborate is used as a brightner (as it absorbs 
UV light and emit visible light) in washing powders. It 
is compatible with enzymes which are added to some 


‘biological’ powders. In very hot water, the peroxide 
linkages O-O break down to give H,O,,. 


= 


HO a 
Peroxoborate ion 
HO~ ‘\o—o~ Nou 


That is why it also acts as a bleaching agent. 
5. In water softening. 
6. For borax bead test. | 
7. As a stiffening agent for candle wicks. 
8. In leather industry, for cleaning skins. 


9. For impregnating match-sticks to prevent after glow. 


6.11.2 BORIC ACID oR Oxyacips OF BORON 
Several boric acids are known, e.g. 


Orthoboric acid H,BO, or B(OH), 
Metaboric acid HBO, 


H,B,O, or 2B,0,-3H,0 
ie . acid H,B,0, or B,0,-H,O 


i! 
W 
atl" 


y ORTHOBORIC ACID (H,BO,) OR B(OH), 


10 


„aration: ; 

in? By hydrolysis of boron compounds: Orthoboric acid can 
' ke prepared by hydrolysis of any trivalent boron compound 

auch as boron halides, hydrides, nitride etc. 

px, + 3H,0 —> B(OH), + 3HX (where X =F, Cl, Br) 

BiH, + 1,0—> 2B(OH), + 6H, 

aN +3H,0— B(OH), + NH, 

from borax: Hot and concentrated solution of borax is 

mixed with concentrated HCI or H,SO 4: The two on reaction 

gives boric acid. The resulting solution is cooled, which 
results in the separation of white crystalline boric acid. 

Na,B,O, + 2HCI + 5H,0 —> 2NaCl + 4H,BO, 

Or Na,B,O, + H,SO, + 5H,0 —> Na,SO, + 4H,BO, 

3 From colemanite: Finely powdered colemanite, 
Ca,B,0,;'5H,O is dissolved in boiling water and SO, is 
passed through the solution, which results in the formation 
of boric acid and calcium bisulphite. The resulting solution 


—_— 


remains in the solution, while boric acid crystallises out. 
Ca,B,0,, + 4H,0 + 4S0, —> 2Ca(HSO,), + H,B,0), 
H,B,0,, + 7H,0 —> 6H,BO, 

“CaB0,, +480, + 11,0 —> 2Ca (HSO,), + 6H,BO, 


‘roperties: 
L Boric acid is white crystalline solid which is flaky, soft and 
soapy to touch (explained on the basis of its structure). 
2 Itis slightly soluble in cold water, more soluble in hot water 
and volatile in steam. 
4 Boric acid acts as weak monobasic acid. 
B(OH), + H,O = [B(OH),J° + H,O” = (pK, = 9.25) 
Since B(OH), reacts only partially with water to form 
H,0° and [B(OH) Ae it behaves as a weak acid. Moreover, 
B(OH), is accepting one OH group, from H,O, hence it is 
monobasic in nature. 
* Boric acid acts not as a protonic acid, but as a Lewis acid. 


7 evident from the above reaction, B(OH), does not donate 
Proton (H®), hence does not act as protonic acid, but it 


© 

accepts a pair of electron from OH ion of solvent (water) 

0 °cule, hence behaves as Lewis acid. 
ic acid behaves as a strong acid in presence of cis-diols. 
es B(OH), behaves as a weak acid, it cannot be titrated 
actorily with NaOH, asa sharp end point is not obtained. 
an organic polyhydroxy compound containing cis- 
to has such as glycerol, mannitol or sugars are added 
A © titration mixture, then B(OH), behaves as a strong 


— | 
—> | 

=C 0H _¢ 
| 
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m ic aci 
Ea acid. It can now be titrated with NaOH and the 
se point 1s detected using phenolphthalein as an indicator 
icator changes colour in the pH range 8.3—10.0). 
(OH), + NaOH = Na[B(OH),] 


or NaBO, + 2H,O 

Sodium metaborate 
The reason being, cis-diol compound when added in the 
reaction mixture enhances the acidic property of B(OH),, 


C) 


HO“ ~OH '— 0“ ~OH 


Stable complex 


as it forms very stable complex with [B(OH) ,] (formed 
in the above reaction), thus effectively removing it from 
the solution. Removal of one of the products on the right- 
hand side of the equation disturbs the equilibrium and the 
reaction proceeds completely to the right. Thus. all the 
[B(OH),]° reacts with NaOH, or in other words, B(OH), 
behaves as a strong acid in the presence of cis-diols. 


6. Action of heat: 


473K Redh 
H,BO, —,~ HBO, — == B,0, 
Metaboric Boron oxide 
acid (also known as 


boric anhydnde) 


473K 


B(OH), HBO, + H,O 


Metaboric 
acid 


410K 


H,B,O, + H,O 


Tetraboric 
acid 


4HBO, 


Red heat 
H,B,0, ——— 2B,0, + H,O 


7. With C,H,OH: In the presence of dehydrating agents 


like conc H,SO,, B(OH), reacts with ethanol to give 


triethylborate, which burns with a green-edged flame. 


B(OH), + 3C,H,OH — 5° B(OC Hs); + 3H,0 


Heat 
This reaction is used in the qualitative test of boric acid or 
borates in the mixture analysis. 


8. With CaF, and conc H,SO,: 


2B(OH), + 3H,SO, + 3CaF, —™ 3CaSO, + 2BF,Î 
i + 6H,O 


c 
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BF, burns with a green-edged flame. This reaction is used 
in the qualitative test of boric acid or borates in the mixture 


analysis. 
9. With soda ash: 
4B(OH), + Na,CO, —> Na,B,O, + 6H,O + CO, 


Soda ash Borax 


6.11.4 STRUCTURE AND BONDING OF 
ORTHOBORIC ACID 


Orthoboric acid contains triangular borate, BO; unit in which 
B is sp” hybridised. 

In the solid state, B(OH), units are hydrogen bonded together 
into two-dimensional sheets with almost hexagonal symmetry. 
The layers are quite a large distance apart (3.18 A) and thus the 
crystal breaks quite easily into fine particles. 


It may be seen from Fig. 6.11, that each B-atom of each BO, T 
unit remains bonded to`three oxygen atoms and each O-atom is 
bonded to one H by covalent bond and other H by hydrogen bond. 
Thus H-atom acts as a bridge between the two O-atoms of different 
BO; ~ units. 


OH 
Note: In H,BO,, states of | sp? 


hybridisation of B and O 
are sp? and sp? respectively 
as shown below: HO OH 


Fig. 6.11 Structure of boric acid [(---) Hydrogen bond, (—) covalent bond] 


6.11.5 BORON HYDRIDES 

The binary compounds of boron and hydrogen are known as boron 
hydrides or boranes (by analogy with alkanes). None of group 
13 elements reacts directly with hydrogen, but many hydrides are 
known. The simplest boron hydride known is diborane, B,H,. 
Classification of boranes: All the known boranes can be 
classified into two series. 


i 2. B H i 
1. BH, + 4 series ntn +6 Series 


These are also known as 
nidoboranes 
B,H, diborane(6) or diborane 


These are also known 
as arachnoboranes 


B,Hj9 tetraborane( 10) 
B.H, pentaborane(9) 
Bs Hio hexaborane(10) 


BSH pentaborane( 1) 
B.H,, hexaborane(12) 
B; Hy, octaborane(12) 
B , oH,,4 decaborane(14) 


B,H,, octaborane( 14) 


B,H,, enneaborane( 15 ) 
or nonaborane(15) 


The boranes are named as follows: 

1. The latin prefix (di, tri, tetra etc.) is used before ‘borane’ to 
indicate the number of boron atoms in compound. 

2. Immediately following the ‘e’ in borane, the number of 
hydrogen atoms are written in parenthesis using arabic 
numerals. 

e.g. BH, , is pentaborane(11) 


The borones were originally prepared by the hydrolysis of 
magnesium boride by hydrochloric acid (Stock’s method). 

B,O, + 3Mg —— 2B +3MgO 

2B + 3Mg —> Mg,B, (Magnesium boride) 

Mg,B., + HC] —> Mixture of boranes + H 

Mixture of boranes may be separated by liquefying the gaseous 
mixture (by passing though a vessel immersed in liquid air) and 
then fractionating the liquid obtained. This method has now been 
superseeded except for making B 4H. Boranes are now prepared 
using diborane. 


6.11.6 DIBORANE (B,H,) 


Preparation: 
1. By the reaction of BCI, with hydrogen over a Cu-AI catalyst 
at 450°C. 
2BCl ne 
Cl, + 6H, — A> BUH, + 6HCI 


2. By reduction of BF,-O(C,H,), (boron trifluoride ether 
complex) with LiAlH 4 in ether: 


. : Ether i 
(i) 4BF,-O(C,H,), + 3LiAIH, —=“"—> 2B,H, + 3Li[AlF,] 
+ 4(C,H,),0 
te 195K H 
(ii) LIBH} + 2FeCl, —{—— 2FeCl, + 2LiCl +H, + ByHs 
2LiBH, + FeCl, — 2K, Fe + 2LiCl + H, + BHe 


4LiBH, + SiCl, > SiH, + 4LiCl + 2B,H, 
(iii) Alkali metal borohydrides are handy source of 
diborane. 


2NaBH, + 2HCI —> 2NaCl + 2H, + B,H, 
2NaBH, + 4BF, —> 3NaBF, + 2B,H, 


ae ; 
\ He by iodine (I,) in the solvent diglyme (diglyme is 
alyether, ae ECR OCH 


) z Le, diethylene 
yoo dimethyl ether) 


ind ustrial method of preparation: By the reduction of 


4 E with NaH, LiAIH, and NaBH,. 


) 2BF; + 6NaH 5 B,H, + 6NaF 
i) 4BF, + 3LiAIH, —> “Es + 3LiF + 3AIF, 
ii) Oxidation of NaBH, with I, 

NaBH, + l, —> B,H, + 2Nal + H, 

; By the reaction of sulphuric acid with NaBH,. 

" sNaBF, + H,S0, —> B,H, + 2H, + Na,SO, 

« By reducing BF; with NaBH, in ether. 
4BF-O(C Hs), + 3NaBH, —> 2B,H, + 2NaBH, 

+ 4(C,H.),0 
This method is particularly used when diborane is required 
as an intermediate. It is produced in situ and used without 
the need to isolate or purify it. 
hroperties: 

1. Colourless: Diborane is a colourless gas, with melting point 
of -165°C and boiling point of —92.5°C. 

l. Highly reactive: It is a highly reactive gas and must be 
handled with care. It catches fire spontaneously in air and 
the reaction is explosive in nature as a large amount of heat 
is produced. 

B,H,+ 30, — B,O, + 3H,O A,H° =- 2165 kJ mol`’ 
In laboratary, diborane is handled in vacuum frame, since 
itreact with grease used to lubricate taps, special taps must 
be used. 

3. Reaction with water: B,H, is instantaneously hydrolysed 
by H-O to form boric acid. 

BH, +6H,O0 —> 2B(OH), + 6H, 

4. Reaction with alkalis: Diborane dissolves in strong alkalis 
(NaOH or KOH) to produce metaborates and hydrogen gas. 
B,H,+ 2NaOH + 2H,O —> 2NaBO, + 6H, 


Sodium 
metaborate 


$, Action of heat: On heating diborane alone or with hydrogen, 
higher boranes are synthesised or diborane polymerises to 
higher boranes on heating to 100-250°C. 


120°C 
Bsn ore 
ByH yy 


95°C 


BH A 
B1oH;4 

B.H 200°C 
At red heat, boranes decompose to boron and hydrogen. 


Reaction with amines: Diborane being an electron-deficient 
°mpound accepts electron pairs from Lewis bases and 


~ 


ethod: By the oxidation of sodium borohy dais ~ 
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peeves as Lewis acid. B,H, undergoes cleavage with 
amines forming simple adducts. 

BH, + 2Me,N —»2 [MeN —> BH] 

. sas with ammonia: Diborane reacts with ammonia, a 

ewis base, but the products formed depend on conditions. 
B, H, reacts with excess of NH, (at -120°C) to form an 


additional product, B,H,:2NH, (diammoniate of diborane), 
which h 


as been found to be an ionic compound, comprising 

[HN — BH, <——NH,|” and [BH,] ions. On heating 
) ‘ ~ 

at 200°C, it forms borazine. 


Low temp 


I (—120°C) ® 
B He + 2NH;, — kni [HB (NH,),]° [BH] 


High temp 
BH, F NH, Excess NH; (BN), 


Boron nitride 


200°C 
3B,H, + 3NH, IBjH,.2NH,  7B3N3H, + 12H, 


Borazine 
or borazole 


8. Reaction with halogens: Diborane reacts with halogens 


to form the corresponding haloboranes. The reactivity with 
halogens decreases in the order: Cl, > Br, > L. 


BH, + 6Cl, — = 2BCl, + 6HCI 


9. Reaction with halogen acids: Diborane reacts with 


halogen acids to form the corresponding halodiborane. 
The reactivity with halogen acids increases in the order: 
HCI! < HBr < HI. 


AlCl, 


B,H, + HCl ByH.Cl +H, | 
Chlorodiborane 
BH, + HBr ——— B,H,Br+ H,* 
Bromodiborane 
B,H,+ HI —— _ B,H,1+ H,* 
lododiborane 


HCI and HBr react with diborane in the presence of their 
respective aluminium halides as catalyst, whereas HI react 
at ~ 323 K, in the absence of any catalyst. 


10. Reaction with alkali metals and their hyrides: Formation 


of complex borohydrides. 
Slow D > Narn 
2B,H, + Na —"— Na” [BH] + Na” [BH] 
® 

B,H, + NaH —> Na’ [BH] 

Sodium borohydride | 
These complex borohydrides are used as reducing agents 
in organic synthesis. They are also used as starung material 
for synthesis of other borohydrides. 


11. Reaction with CO: B,H, undergoes cleavage with Lewis 


basis to form gaseous borane carbonyl (or borane carbonyl) 
` . o 

which is almost completely dissociated at 100 C. 

BH, + 2CO = 2[H,B + CO] 


12. Hydroboration: Diborane reacts with alkenes and alkynes 


forming alkylboranes when the reaction is carried out in dry 
ether, under an atmosphere of nitrogen (since B,H, and the 
products formed are highly reactive). 
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Dry 
ether 
N3 atm 


RCH=CHR +> BH, B(CH,-CH,R); + 3RH 


| 
RC=CR+ > BH, —> B(RC = CHR), 


13. Reaction with methanol: 

B.H; + 6CH,OH —> 2B(OCH,), + 6H, 
14. Reaction with Et,S: 

BH, + 2EtS —> 2[Et,s —> BH,] 


6.11.7 STRUCTURE AND BONDING OF DIBORANE 
Boranes are one of the most important class of compounds, 
in which there are not enough valence electrons to form the 
conventional two-electron bonds between all the adjacent pair 
of atoms, so these compounds are known as electron-deficient 
compounds. 

1. In diborane (B,H,), there are twelve valence electrons, 1.e. 
three from each of the two boron atoms and one from each 
of the six hydrogen atoms. 

Number of valence electrons available in B,H, = 3 x 2+ | 
x6=12 

Whereas the number of electrons required to form ethane 
(C,H,) like structure are fourteen, i.e. four from each of the 
two carbon atoms and one from each of the six hydrogen 
atoms. 


Number of valence electrons available in C,H,=4 x 2+ 1 
x6=14 

Hence, B,H, cannot have C,H,-like structure, i.e. unlike 
C,H, which has C-C bond, B,H, cannot have B-B bond. 


H H H H 
H :B B: H H :Ċ:C: H 
H H H H 


2. Electron diffraction studies of BH, indicate the structure 
as given in Fig. 6.12. 


Fig. 6.12. Structure of B,H, 


BH, has two types of hydrogen atoms: 

a. Terminal hydrogen atoms: The four hydrogen atoms, 
i.e. two on the left and two on the right shown by thick 
lines are known as terminal hydrogens. The two B-atoms 
and four terminal H-atoms lie in the same plane, i.e. are 
coplanar. 

b. Bridge hydrogen atoms: The remaining two hydrogen 
atoms, i.e. one lying above and one lying below the 


plane, form bridges and hence are known as bridge 
hydrogens. 

The bridging hydrogen atoms prevent the free rotation between 
two B atoms. Specific heat measurement confirms that the rotation 
is hindered. 

Presence of two different types of H atoms, i.e. four of one type 
and two of another type is also supported by the experimental fac 
that B,H, cannot be methylated beyond Me,B.H, without breaking 
the molecule into BMe,. 


Methylation Methylation 


BH, 2BMe, 
(Methylation — replacement of H atom by methyl, Me group) 


Me,B,H, 


Thus, there are two types of B-H bonds in B,H,: 

i. The four terminal B—H bonds have same bond lengths as 
measured in non-electron deficient compounds. Hence 
they are normal covalent bonds, with two electrons shared 
between the two B and H atoms. These bonds are said to 
be two centre two electron bonds (2c, 2e) and thus are quite 
strong. 

ii. The two bridge bonds, B-H-B, are much longer as compared 
to terminal B—H bonds and hence the electron deficiency 
must be associated with the bridge groups. These are 
abnormal bonds as two bridges involve only one electron 
from each B atom and one from each hydrogen atom making 
a total of four electrons. In other words, each B-H-B bond 
consists of two electrons delocalised over three centres 
forming three centre two electron bonds (3c, 2e) and hence 
are quite weak. 

Since they resemble banana, these (3c, 2e) bonds are also 
known as banana bonds. 

The structure of diborane on the basis of hybridisation is shown In 

Fig. 6.13. 


vacant H sp- 
sp3 
H % A He eH 
CAEN a 
B B (2c 2e 


aa) ba bond 
He oye H 


(3c, 2e) bond 
Fig. 6.13 Structure of diborane 
B in B,H, is sp’ hybridised. The two half-filled sp? orbitals 
of each B atom overlap with the half-filled Ls orbital of H atom 
to form normal covalent bonds (2c, 2e). The third half-filled sp 
hybrid orbitals of one of B-atom overlap simultaneously with 
half-filled 1s orbital of H atom and vacant sp? hybrid orbital 


ject 
pad O 
; 1¢) bond. 
gquaresoeD: Aa 
gssumin 
manly jsomers ar 


pt 


g that each has icosahedral structure, determine how 
e possible for the B; C,H, molecule? 


a Three isomers are possible. The carbon atoms may be at 
racen possible, may have one boron atom between them or 


j Kogi opposite side of the icosahedran. There are only three 
ma) 


nherently equivalent. 


ssible because the 12 positions of the icosahedran are 


ill 


juusTRATION 6.12 

Diborane, B,H,, reacts with water to form boric acid and 
yydrogen. What is the pH of the solution which results when 
104 g of B,H, reacts with 100 mL water? Assume the final 
volume to be 100 mL. 

Given: K, of HBO, = 8 * io: pK, = 9.1; Atomic weight of 
B= 10.8 g; MW of B,H, = 27.6 g mol !. 


Sa) B,H, + 6H,O —> 2H,BO, + 2H, 


Imol 2 mol 


27.6 g 
27.6 g of B,H, gives 2 moles of H,BO, 
2x 1.104 
-. 1.104 g of BH, gives = E Da 0.08 mol 


Since 0.08 mol of H,BO, is present in 100 mL (i.e. 0.1L), 
sulting molarity of H,BO, solution is 


0.08 mol 
M of HBO, = ri 


Since H,BO, is a weak acid, therefore pH of weak acid 


= 0.8M 


£ pHy,,) is given by: 
log 0.8 = log 8 * 10! 


l 
pH, = z (PKa— log C) =3 log 21 
1 =3x03-! 
= z (9.1— log 0.8) =0.9-1 
=-0.1 


2 
2 
- pH of H,BO, = 4.6 


(9.1- (0.1)] = 4.6 


II 


r 

a Structure of Al, (CH3)6 

lan terminal (CH,) group only one (C-H) 
h Mis Al atom = 2 atoms (C and H). 

lane A terminal (CH,) groups, number of atom 

with Al atom = 2 x 4 = 8 atoms. 

: Wo AI atoms are also in plane with gC and 8H 
nina] (CH,) group. 

w. © Maximum number of atoms t 

mal (Al-CH,) bonds = 8 + 2 = 10. 


bond is lying in one 
s lying in one 
atoms in four 


hat lie in plane having 


NN 
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HC 
HW | pM 
H 3 C H 2C \ wt n, iy C H 2C H 3 


Al ‘Al 
HyCH,C/ NI N CHCH, 


H~ | SH 
C H; 


ILLUSTRATION 6.13 


Consider the structure of Al, (CH,),. 
If P = Total number of (3C — 2e ) bonds. 
Q = Total number of atoms that are sp’ hybridised. 
R = Maximum number of atoms that can lie in plane having 
terminal (Al-CH,) bonds. 


=f > 


Then the value of is 


Sol. (1) Refer to the structure of Al,(CH3),. 
P = (3C —2e ) bonds = 2 
All six C-atoms and two Al atoms are sp’ hybridised. 
= O=8. 
R = Maximum number of atoms that can lie in plane having 
terminal (AI-CH,) bonds = 10. 
R=P_10-2 | 
DT n 
6.11.7.2 Symmetric and Unsymmetric Cleavage of BH; 
(diborane) 
(a) (i) In symmetric cleavage, BH, is broken symmetrically 
into two BH, fragments each of which forms a complex 


with Lewis base. 
H 


H un, we S5 H on, = 7 
“BO OB +2N(CH;)3; — 2 Dees ee CH; 

A b Nu Hf cH, 

/ H > 


Many complexes ofthis kind exist. They are isoelectronic 
with hydrocarbons. The above product is isoelectronic 
with 2,2-dimethyl propane [neopentane, C(CH,),]. 

(ii) Soft and bulky Lewis bases (L) cleave diborane 
symmetrically giving H,B.Lx. Although B,H, reacts 
with many hard Lewis bases, it is best regarded as a 
soft Lewis acid. 

B,H, reacts symmetrically with CH,NH,, 
(CH,),NH, (CH,),N, CO, PF}, Pyridine ete. 
(iii) H,BN(CH,), + F,BS(CH,), —> H,BS(CH,), : 


+ EB 
Stability trends indicates that BH, is a soft L ge 
(as shown in above example ii) in which B ile 
to the soft S donor atom and the harder 
combines the hard N donor atoms 
(b) Unsymmetric cleavage: This kind 9 - 
observed when B,H 
uncrowded bases at low 


Thus, 1 


4 CH, 
H KA > > 


H, transfers 
Lewis acid, BF, 


fcleavage is 


i en 
reacts with stron generally 
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The direct reaction of B,H, and NH, results in unsymmetrical 
cleavage resulting to an ionic product. 


H 
. N A H NH, © i (©) 
SB “+ 2NH,—> B 4 


|B. 
H/S [ae / >n 
H l H 


LNN 
H A H 


More compact and hard Lewis bases cleave the hydrogen 
bridge unsymmetrically giving [H,BL,]°[BH,]° 
(c) Summary of some reactions of diborane: 


Higher 
hydrides 


BH(OCH;); + H, 


B(OH); + H? 


LiBH, + B(OR), 


LiBH, + BR; 


BCI; + HC! = BA, sc. 


Et,S-BH; 


[H>B(NH;),]® [BHP 


I 
(CH;),PH-BH; 


heat 


(CH3), NBH; HB BH 
| 


Alkylboranes 
and H 
arylboranes 


HC CH; 
FOES 
ii i 
(CH3)P. _—P(CH3) 
B 


When BH, is allowed to react with following Lewis bases, then 
how many given Lewis bases form adduct through symmetrical 
cleavage of B,H,? 


H 


CO Pyridine Tetra hydro furan (T.H.F.) 
(a) (b) (c) 

PH, PF, (CH), N (CH,),NH 
(d) (e) (f) (g) 

NH, CH,NH, 

(h) (i) 


Sol, (6) Soft and bulky Lewis bases (L) cleave BI, 
symmetrically giving H,B.Lx (a), (b), (e), (f), (g) and (i) form 
adduct through symmetrical cleavage of B,H,. 


1,1,2,2-(CH3)4B>H 


(a) 2[H,B e : CO] 
(b) 2p ~—:N O) 


(e) 2[H,P & : PF,] 
(f) H,B? - N®(CH}), 
(g) H,B° — NH°(CH,), 
(i) H,B° NH®,(CH,) 
With (c), (d) and (h), BH, react unsymmetrically to form ionic 
product. 


Note: Pyridine is stronger base than THF, due to non- 
delocalization of lone pair e "s on N-atom in pyridine. In THF, 
lone pair e's are delocalized via resonance. 


(c) Ba + O] —> | HB (uv) enf 


(d) B,H, + 2PH, > [H,B(PH,),]° [BH] 
(h) B,H, + 2NH, > [H,B(NH,),]° [BH,]” 


6.11.8 BORON CARBIDE, B,C 
It is a covalent carbide. 
Preparation: 
(i) 2B,0, +7C —“““> B,C+6CO 
(ii) By dissolving C and B in certain metals like Cu or Ag in 
~ an electric furnance. The molten mass is then treated with 
HNO, to dissolve the metal. 
Properties: It is black lusturous compound. It is harder than SiC 
and is electric conductor. 
Structure: Unit cell of B,C contains three B,C molecules and 
hence formula can be B,,C;. 

Icosahedral of 12 B-atoms are linked with linear C.-chains. 

In icosahedral B,, unit, 12 B-atoms link together, to form an 
icosahedron and separate B atoms link together the B, , units. 

The structural units of linear chains of 3 C-atoms and B,, 
groups are arranged at the vertices of a regular icosahedral. Each 
B-atom is bonded to five other B-atoms in the same B, groups 
producing a 3D boron network. 

A carbon at the end at a C-chain is attached to the central 
C-atom and to 3B-atoms. The central C-atom is attached only to 
other 2C-atoms of the chain. 

Uses: 
(i) For cutting diamonds 
(ii) Hardest abrasive and better than SiC. 
(iii) Drilling holes in rockets. 
(iv) For making lamp filaments. 


(v) For making electrodes for electric turnances. 


6.11.9 BORAZINES 

Boron nitrogen species carrying only one substituent on each 
atom, which exist as trimers (XBNR), are called borazines. 
Borazine is B,N, H, (colourless, volatile liquid) and is also known 


as Inorganic benzene. 


———$—$— SE ee a ee S 


ET O m 


whic? = 120°C H-B ® 
+2NH, [H,B(NH,),] [BH,]° 


| 200°C 
ion compound), this compound on heating at 200°C 
ines porazine. 


By heating BCI, and NH,Cl in chlorobenzene at 140°C in 
} i presence of Fe, Ni or Co as catalyst. 


l C6H;CI 
3BCl, + 3NH,CIl 140°C. Fe 
re 
‘The roduct (B, B, B- 
™ oroborazine) is then P B 
duced by NaBHy in H—N N—H 
„kether, which gives | + 9HC] 
wane. cl-B B—CI 
E N 4 
H 
+ 6NaBHy 
+ Polyether 
2B,N3H, + 6NaCl + 3B2H6 
Borazine 
3. By heating LIBH, and NH, Cl at 275°C. 
3LIBH, + 3NH,Cl —**— B,N,H, + 3LiCl + 9H, 


‘roperties: 
l. Borazine nucleus readily undergoes addition reaction 
with molecules containing acidic hydrogen atoms such as 


hydrogen halides, water, methanol and carboxylic acids to 


give borazenes. 


x H 
N 

H H 

BS BS fad 
N NH eo HH | oe 
HB’ || +3H ae H~ pB Ba 

p BH A N 
NN D x =N x 


H H 

azine, the more 
olecule (HX) gets 
he boron 


In the addition reaction with bor 
electronegative half of the attacking ™ acause | 
attached to the boron atoms, p" obably n relative to the 
atoms in borazine are positively g pared to 
nitrogen as boron is less electrone 

Nitrogen. 


charg 


slowly hydrolysed 
d ammonia (NH). 


‘Reaction with water: Borazine get 
ic acid ¢ 
by water to produce H,, boric a nee 
Hydrolysis is favoured by the increa 


BO + 3H, 
B,N,H, + 9H,0 —> 3NH3* 3H ,BO3 


Under A si 
B 
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ontrolled conditions, hydrolysis yields (OH),B,N,H,. 
3N,H, + 3H,0 —» (HO),B,N,H, + 3H, T Eas 
3. Reaction with Br,: a | 


I H Br 
NE Be \/ ; 
HB BH Sp pap 
| l 0C H<] [Br gee 
HN l " NH 3Br, Bre N N H 3HBr 
Bo H~ ~B py 
H F4 % 
Br H 
B-tribromoborazine H 
N-tribromoborazine F 
D N Res 
Br — B i Br 
| | 
N r N— H 
Br 


B-tribromoborazine 


6.11.10 STRUCTURE AND BONDING OF BORAZINES 


Borazine is also known as inorganic benzene, due to its similarity 
with benzene (C,H,) (only physical properties). 
Borazine is isoelectronic and isosteric with benzene. 
1. Number of electrons in borazine, B,NH, 
= 5 from each B+ 7 from each N + | from each H 
=§5x34+7x3+1x6=42 
Number of electrons in benzene, C,H, 
= 6 from each C + 1 from each H 
=6x6+1x6=42 
Since the number of electrons in borazine and benzene 
are same, borazine is isoelectronic (i.e. same number of 
electrons) with benzene. 
2. Number of atoms in borazine, B,N,H, 
= 3 atoms of B + 3 atoms of N + 6 atoms of H = l2 atoms 
Number of atoms in benzene, CH, 
= 6 atoms of C + 6 atoms of H = 12 atoms 
Since the total number of atoms in borazine and benzene 
are same, borazine is tsosteric With benzene. 
The molecular structure of borazines has been determined by 
diffraction methods. The data show that : 
1. Borazines possess a cycle structure of alternating boron 
and nitrogen atoms, All the atoms tn the ring le in a plane. 
2. d(B- N; in borazine) ~- LR A 
d(B ON; in RB & NR,) > L60 A 
B-N bond distance in borazine ts considerably shorter than B-N 
bond distance in boron nitrogen adduct; moreover, all the B-N 
distances in the ring are equal, 


These results suggest that the borazine cyclic trimer is best 
described as containing B-N multiple bond rather than B-N single 
bond. 


B Pa: 
HONS Tw _H H—N N—H e 
re | se | ym 
H—B xP" H—B. 86 
| | 
H H H 
k 
a 
nA 
_ B—H 
= Ba 8 8 
| 
H 


Presumably. all the ring atoms (i.e. 3B and 3N atoms) use sp” 
hybridised orbitals to form three o bonds. 

The electron pair present in the 2p, orbitals of N forms m-bond 
by the lateral overlap with vacant 2p_ orbital of B atom. 

Borazine is isoelectronic to benzene, both the compounds have 
aromatic 2-clouds of electron density which is delocalised over 
the atoms of the ring. Although some properties (physical) of 
borazine and benzene are similar, their chemical properties are 
markedly different. In benzene (CHo) C=C bonds are non- 


polar; while in borazine (B,;N,H,), due to the difference in 
ô+ ô- 


electronegativity between B and N, B-N bond is polar (B-N) 
and hence 7-electron cloud in B,N,H, is lumpy with more 
electron density localised on N atom. The partial localisation of 
electron density on N atoms, weakens the n-bond in the ring 
because of which borazine undergoes addition reaction with 
polar species such as HCl, while benzene does not undergo 
addition reaction. 


LS a aa 
ee BE N 
Na ` 7 

Non-polar Polar 


How many isomers are possible for the following compounds 
of borazole (a) B,N,H.% (b) B,N,H4X, and (c) B,N,H,X,? 


© Fe 
l Bi 
ep 


À x 
a. 2-isomers: | 
N-B-N nB n% 
O |O 
xX X 
b. 4-isomers: | | 
n-Ban™ UB, 
no ee 
NAI” N a“ 
N N >X 
o = Ortho m = Meta 


| 
BL. B 
N< >N N< NN 
| O l Ee. o> | 
`N’ BNN” m=? 
| | P = 
x xX Total = 4 
m = Meta p=Para = 
X 
c. 6-isomers: | | i X 
B B B 
N7 ‘SN NZ SN N7 ‘NN 
i O l | O l 4 O 
age Ny mae nE SN 
A a A < 
X 
O OE 
N-UNN N-~SN N- NN Az 
|O | JO} JOL U=2 
wes | “N” xx | S=2 


(A > Adjacent; U > Unsymmetrical; S => Symmetrical) 


ILLUSTRATION 6.16 
Benzene or borazine, which is more reactive and why? 


Sol. Borazine is more reactive as compared to benzene. 


H H 
; : 
“or SOG 
H— Ne Ao H—B BH 
I | 
H 
Fenzene (C,H,) Borazine (B,N,H,) 


Benzene (C,H,) which consists of C=C bonds is a non-polar 
molecule, whereas borazine (B,N,H,) having B-N bonds, due 
to electronegativity difference between B and N atoms (B is less SS 
electronegative as compared to N) is a polar molecule (B HNA 
Hence, the m-cloud in B,N,H, is more lumpy, Le. having mor 
electron density on N as pine to B. This partial localisation 
of electron density on N atoms weakens the B-N bond making 
barazine more reactive as compared to benzene. 


6.11.11 BORON NITRIDE (BN), 
Preparation: 


1. By heating boron to white heat in an atmosphere of N, of 
NO at 1000°C. 


2B + N, ——> 2(BN) 
5B + 3NO > IBN +B,0, 
2. By fusing a mixture of anhydrous borax (Na,B,0;) and 


ammonium chloride in a platinum crucible. 
Na,B,O, + 2NH,Cl—> 2NaCl+2BN +B,0+4H,9 Ù 


The resulting mass is treated with dil HCI in which NaCl and Ny 
B,O, are soluble leaving behind BN, an insoluble residue. ‘ie 


—_ | 


ting borazine at 200°C. Oa, 


q py 1e 
k 200°C 
B, N;H6 ————> 2BN + 3H, 


y heating B,O, with Hg(CN),, KCN or NH 4Cl. 
g,0; t Hg(CN), —> 2BN + CO + CO, + Hg 
8,0; +2KCN —> 2BN + K,0 + 2CO 
8,0; + 2NH,Cl —> 2BN + 3H,0 + 24C] 


pertes: 

1, Boron nitride melts under pressure at 3000°C. 
stable and unreactive. It remains unaffected b 
acids, solution of alkali and Cl, at red heat. 

1, It decomposes when: 

a Fused with KOH: 

~  BN+3KOH — K,BO, + NH, 
b. Heated in steam under presure: 

2BN + 3H,O —> B,O, + 2NH, 

3, BN dissolves in HF (slowly). 

BN + 4HF —> NH, BF, (Ammonium borofluoride) 

4, BN fuses with K,CO,. 

BN+K,CO, —> KBO, + KCNO 


Potassium Potassium 
metaborate cyanate 


lt is very 
y mineral 


6.11.12 STRUCTURE AND BONDING OF BORON 
NITRIDE 


Boron nitrides can be expected to occur in two forms. The form 
mally obtained from the usual preparative procedures exhibit 
:laver-like structure (like graphite) and the other form consists 
i gant three-dimensional lattice (like diamond). 

In the graphite-like structure, the bonding within the layers 
sby sp hybrids of both B and N, the remaining unhybridised 
roitels (filled 2p of N and vacant 2p of B) form the delocalised 
bonding. 

Like graphite, the compound is a good lubricant, there being 
“ly van der Waals interaction between the layers which are 
330 A apart. 


NA 4 
jer S 
\n— B N— 
i a aa 
NO 
E 4 
NBN” Sp 
ye So 
P4 S 


d(B—N)=1.45A 
Thee... Interlayer distance = 3.30 A | 
" Structure differs from that of graphite in having me hexagons 
~Y Over one another (B under N). Unlike graphite, BN 1s a 
"e solid and an insulator. 
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IUM OXIDE OR ALUMINA 


203, occurs in nature as colourless corundum and 
Rieke etallic oxides as ruby (red), sapphire (blue), amethyst 
» emery (green) etc. These coloured oxides are precious 


Stones. Hydrated oxide (AlO; 2H,0) occurs as bauxite. 
Preparation: 


6.11.13 ALUMIN 
Alumina, Al 
tinted with m 


I. By igniting aluminium hydroxide, Al(OH),; aluminium 
sulphate, Al,(SO,),; or ammonium alum. 
(NH,),S0,-Al,(SO,),:24H,0 
2Al (OH), — Al,O, + 3H,0 
Al,(SO,); — ALO, + 380, 

(NH,),SO, : Al,(SO,)," 24H,O — ALO; + 2NH, 
+ 480, + 25H,O 

2. It is obtained in crystalline form by strongly heating a 
mixture ofaluminium fluoride, AIF}, and boric oxide, B,O,. 
2AlF, + B,O, —> AlO, + 2BF, 

Properties: 
1. White solid, insoluble in water. 
2. Stable and unreactive substance. 


3. AlO, begins to volatilise at 1750°C and melts at 2050°C. 
It boils at 2250°C. 


1. For the manufacture of aluminium. 

2. As a refractory material, for making heat-resistant bricks 
for lining furnaces. 

3. When it is heated in an electric arc at 3000°C, a hard powder. 
‘alundun’ is obtained, which is used as an abrasive. 

4. Bauxite cement, which is made by fusing bauxite and lime, 
is not affected by sea water and sets quickly. 

5. As a medium, in chromatography. 

6. In preparing precious stones. 


6.11.14 ALUMINIUM CHLORIDE (AICI, OR Al,Ci.) 
Preparation: 
1. Anhydrous aluminium chloride: 

a. By passing dry HCI gas or Cl, gas over heated Al tumings 
in absence of air. The vapours of aluminium chlonde are 
condensed when solid anhydrous aluminium chloride 
is obtained. 
2Al + 6HCI — 2A ICI, + 3H, 
2Al + 3Cl, — 2AlCl, 

b. By heating a mixture of alumina and carbon in an 
atmosphere of chlorine. 

ALO, +3C + 3Cl, — 2 AICI, + 3CO 
o Vapours 
Vapours of AICI, are cooled to obtain solid anhydrous 
aluminium chloride. 
2. Hydrated aluminium chlor 
by dissolving aluminium meta 
in dil HCI. 


ide: AICI,6H,O is obtained 
| or aluminium hydroxide 


AR 
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2 Al + 6HCl —> 2 AICI, + 3H, Î 

Al(OH), + 3HCI —> AICI, + 3H,0 

HCI gas is circulated through the solution to obtain crystals 
of hydrated aluminium chloride. 


pperties: 


1. Anhydrous aluminium chloride: White solid. 

a. Deliquescent and fumes in air. 

b. On heating, it sublimes at 180°C and vapour density 
corresponds to the formula Al,Cl,- 

c. It is covalent when anhydrous as it does not conduct 
electricity in fused state. 

d. It is soluble in organic solvents such as alcohol, ether 
etc. 

e. The dimeric form, Al,Cl,, is retained in non-polar 
solvents but is broken in [Al(H,O,)] Cl, on dissolution 
in water on account of high heat of hydration. The 
molecule (dimer) is an autocomplex and is representated 
as follows. 

Cl Cl Cl 
Nl Say 
cr N a Ne 


. Anhydrous aluminium chloride fume in moist air due to 
evolution of HCI. 
ALCI, + 6H,0 —> 2Al(OH), + 6HCIT 
. Anhydrous aluminium chloride, on dissolving in water, 
changes into hydrated aluminium chloride which is ionic 
in nature. 
ALC; + 12H,0 —> 2AIC1,-6H,O 
AIC1,.6H,0 Pissoniation > [AICI (H,0),]Î + [AICL,(H,0),]}° 
. The solution of aluminium chloride in water is acidic in 
nature due to hydrolysis. 
AICi, + 3H,O —> Al(OH); + 3HCI 
Weak base Strong acid 

. When NH,OH is added to solution of ammonium chloride, 
a geletinous white precipitate of aluminium hydroxide is 
obtained. which does not dissolve in excess of NH,OH. 
AICI, + 3NH,OH —> Al(OH), + 3NH,Cl 
. When sodium hydroxide (NaOH) is added to the solution 
of aluminium chloride drop by drop, a white geletinous 
precipitate of aluminium hydroxide, Al(OH), is formed 
which dissolves in excess of NaOH forming sodium meta- 
aluminate (NaAIO.,). 
AICI, + 3NaOH —> Al (OH), + 3NaCl 
Al(OH), + NaOH —> NaAlO, + 2H,O 
. Al(OH); dissolves in NaOH to give [AI(OH),] | fon 
which is supposed to the octahedral complex species 
[Al(OH),(H,0),]” In aqueous solution. 
Al(OH), + NaOH(aq) —> [Al(OH )4(H,O),] (aq) 

+ Na®(aq) 


(AlCL) sublimes on heating at 180°C under vacuum. 


Uses: 
1. As a catalyst in Friedel-Crafts reaction. 


2. In the manufacture of dyes, drugs and perfumes. 


6.11.15 ULTRAMARINES 
Itis an artificial lapis lazuli. Lapis lazuli is a rare mineral which ha 
fine blue colour. It is a complex silicate of sodium and aluminiun 
containing 12% of sulphur probably in the form of Sodium 
sulphide. It can be prepared artificially by heating a mixture of 
Kaolin, soda and sulphur and charcoal to bright red heat. Initially 
a white mass is formed which changes to green mass in air. Jt is 
powdered and heated with more of sulphur, where a blue var; 
with composition Na,Al,Si,5,0,, is obtained. Blue variety on 
heating in a current of dry chlorine changes to violet variety, 
Blue variety is the most common and is used in (i) making 
blue paint; (ii) making wall paper and blue tinted paper: 
(iii) calico printing and (iv) laundry for blueing purposes. 
6.11.16 ALUMS 
Initially, the term alum was used only for potassium aluminium 
sulphate, K,SO,-Al,(SO,),°24H,0, a double sulphate with 24 
molecules of water of crystallisation. But now this term is used 
for all double sulphates having composition: 


I Ul 
MSO,‘ M,(SO,), ` 24H,0, 


where M stands for monovalent basic radicals such as 
Na®, K®, Pb®, Cs®, Ag®, TI® and NHẸ. 
M stands for trivalent basic radicals such as AP. Cr’. Fe. 
Mn*", Co? hA etc. 
Examples: 
K,SO, : AL(SO,);: 24H,O 
K,SO, : Cr,(SO,); ` 24H,O 
(NH,), SO, : Fe,(SO,), ` 24H,O 


Potash alum 
Chrome alum 
Ferric alum 


1. Alums are generally obtained by mixing hot solutions 
of equimolar qualities of their constituent sulphates ang 
subjecting the resulting solution to crystallisation . 

2. Alums are crystalline compounds. 

3. In alums, each metal is surrounded by six water molecules and 
the crystals of alums consist of [M(H,O),}°. [MHO] 

2- ; j 
and SO} ions. 

4. Alums are fairly soluble in hot water but less soluble in cold 
water. 

5. The solution of alum in water is acidic and have stringen 

laste, 
6. The solution of alum in water shows the properties of th 
constituent salts. 
= , . ixed 
7. The alums are isomorphous to each other and form mix 
crystals. 
- 8. Each alum has different melting point. 


— 


` pums lose water of crystallisation When heated 


a 


6.12 USES 


9. n rapid heating to a high temperature, th 
{0. ja porous mass, burnt alum is left behin 
nown aS alum. 


e alum swells up 
d. It is commonly 


„paration: , 
from bauxite: Bauxite is boiled with 
aluminium sulphate, Al,(SO 
quantity of K,SO 
concentrated and c 
„lum are obtained. 


TA H50, to form 
mee A o this solution, calculated 
4 IS added. The resulting solution is 


ooled. After sometime, crystals of potash 


Al,0; + 3H,SO, —> Al,(SO,), + 3H,O 


Bauxite 


80y) + K,SO, + 24H,O —> K,SO, ; Al,(SO,), -24H,O 


Potash alum 
}, From alum stone or alunite: Alum stone is treated with 
dil H,SO, and the solution is boiled. A calculated quantity 
of K,SO, is added to the solution. The solution on cooling 
yields crystals of potash alum. 
K,SO, ` Al, (SO,); `: 4A1(OH), + 6H,SO, —> 


Alum stone or alunite 


K,SO, + 3AL (SO,), + 12H,O 
($0, + AL,(SO,), + 24H,O —> K,SO, - Al, (SO,),:24H,O 
Properties: 

1. White crystalline compound. 

2. Itis soluble in water and its aqueous solution is acidic due 

to hydrolysis of Al,(SO 4)3- 

Al, (SO,), + 6H,0 —> 2A1(OH), + 3H,SO, 
Weak base Strong acid 


3. On heating, it swells on account of elimination of water 
molecules. 


K,S0,AL(SO,),-24H,O0 — = K,SO,-AL(SO,), 
+ 24H,O 
K,SO, - AL(SO,), “5 K,so, + ALO; + 380, 


4. Its aqueous solution contains KÊ, Al? and SO,” ions and 
_ their usual tests can be performed. 
Uses. 
L Asa mordant (a compound that helps to attach the dye to 
the fabric) in dyeing and calico printing. 
2. In leather tanning. 


3. . s 
In Purification of water. 


4, a 

iy ‘izing of cheap quality of paper. 
ô 
De “17 Pseupo ALUMS 
Nole sulphates of divalent ions and trivalent ions with 24 water 


M “les of crystallisation are known as pseudo alums, 

80, . 

altim i M;"(SO,);: 24H,O. These are not isomorphous with 
s. 


A 
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OF BORON AND 

ALUMINIUM AND THEIR 

COMPOUNDS 

1. Boron: an 
high me 
conducti 
these ap 


Boron is an extremely hard refractory solid with 
Iting point, low density and very low electrical 


vity. Thus, it finds many applications. Some of 
plications are as follows: 


a. Boron is used to make impact resistant steel, as it 


increases the hardenability (i.e. the depth to which it 
will harden) of steel. 
Boron fibres have high tensile strength and thus are 


used to make bullet proof vests and light composite 
material for aircrafts. 


Boron-10 (£B) isotope has high ability to absorb 
neutrons and therefore metal borides are used in nuclear 
industry as protective shields and control rods. 

Borax (Na, [B,0, (OH),]- 8H,O) and boric acid 
(B(OH),) are used in the manufacture of heat-resistant 
glasses (e.g. pyrex), glass-wool and fibre glass. 

Borax is also used as flux for soldering metals for heat. 
scratch and stain-resistant glazed coating to earthenware 
and as a constituent of medicinal soaps. 


f. An aqueous solution of boric acid is generally used as 
an antiseptic. 


g. Borax is used as flame retardant for fabric and wood. and 
mixed with NaOH and sold as *Polybor’ and ‘Timbor’ 
for treating timber and hardboard against the attack by 
woodboring insects. 


h. Borax is also used in making enamel and in leather 
tanning. 


i. Boron sesquioxide (B,O,) is used in making borosilicate 
(heat resistant) glass (e.g. pyrex, which contains 14°, 
B,O,). Borosilicate glass has a lower coefficient of 
thermal expansion and is easier to work than normal 
‘soda glass’. H,BO,, B,O, and calcium borate are used 
to make soda free glass fibre, which is used for thermal 
insulation in houses. 


2. Aluminium: Aluminium is a bright, silvery white metal 


with high tensile strength. lts main advantage ts its lightness. 

(low density = 2.73 gem `), Some of its applications are as 

follows: 

a. Since aluminium is light and good conductor of 
electricity (on a weight for weight basis they conduct 
twice as well as copper), it is used to make electric 
power cables. 

b. Finely divided aluminium powder is called ‘aluminium 
bronze’, and is used in preparing aluminium paint for 
protection of iron and zinc. Aluminium powder mixed 


A 
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with linseed oil shines like silver and thus is also known 
as silver paint. 

c. Aluminium powder is used as a reducing agent in 
aluminothermic process for extraction of chromium and 
manganese from their ores. 

d. Aluminium powder is used in flash light bulbs for indoor 
photography. 

e. Aluminium is converted into alloys. Some important 
alloys of aluminium and their uses are given below: 


| Alloy jononi Uses 
| Duralumin Al 95% To make aeroplanes, 
| / Cu 4% automobile parts, 
Mn 0.5% pressure cooker etc. 
Meg 0.5% as it iS light, tough, 
ductile and resistant to 
corrosion. 
a O L 
Magnalium Al 95% To make light 
Mg 5% instruments, 
pressure cookers etc. 
as it is light, tough and 
strong. 


a 


f£ Since aluminium is a cheap metal which resists 
corrosion, it is used for making cooking utensils, cans 
for drinks, tubes for toothpaste, picture frame, etc. 
However, the use of aluminium and its compounds for 
domestic purposes is now reduced considerably due to 
its toxic nature. 

g. Aluminium foil is used for wrapping fine articles such 
as photographic films, pharmaceutical products, etc. 

h. Aluminium hydroxide, Al(OH), is used as an antacid 
for treatment of indigestion. 

i. Potash alum, K,SO,-Al(SO,)3°24H,O is used for the 
purification of water, as styptic for stopping bleeding, 
as mordant for dyeing, for tanning of leather, in calico 
printing and sizing of paper. 

j. Anhydrous AICI, is used as a catalyst in Friedel—Crafts 
reaction and in cracking of petroleum. Hydrated AICI, 
is used as a mordant in dyeing. 


6.12.1 GOLDSCHMIDT’S ALUMINO-THERMIC 
PROCESS 


As aluminium has great affinity for oxygen at high temperature, it 
has power to displace elements less electropositive than itself from 
their oxides. The reaction being so strongly exothermic that the 
metal set free is obtained in the molten condition and it is protected 
from oxidation by a layer of fluid slag consisting of AJ,O,. 
Metal oxide + AI——> Al,O, + metal + Energy 
— Molen wate 

The reaction forms the basis of alumino-thermic process. 
It was discovered by Goldschmidt. The process has two main 
applications: 


a — = ——— ee ee, 

1. Extraction of metals and non-metals: The metals, TAV 

Mo, Mn and non-metals such as B, Si etc. can be extracted 

from their corresponding oxides. 

Cr,O, + 2Al — Al,O, + 2Cr + Energy 

3Mn,O, + 2Al —> 9Mn + 4A1,0, + Energy 

B,O, + 2Al — 26+ Al,O, + Energy 

38i0, +4Al —> 3Si + 2AI,0, + Energy 

The oxide is mixed with aluminium powder, the mixture 

thus obtained is ignited in a fire clay crucible surroundeg 

by sand with the help of a catridge (containing Mg powder 

and barium peroxide, BaO,). The large amount of heat 

produced in the reaction fuses both the alumina and the 

element set free. Two distinct layers are formed which are 

easily separated. 

2. Thermite welding of metals especially steel: The broken 
parts to be welded is surrounded by a mould of sand and 
clay and heated to redness by means of a gasoline torch 
or a blast lamp. Thermite, i.e. mixture of Al powder and 
Fe,O, in the ratio of 1:3 is taken in a crucible lined with a 
mixture of Mg powder and barium peroxide, BaO,, with a 
Mg ribbon inserted into it. The thermite is ignited with Mg 
ribbon. Iron oxide is reduced to iron and temperature rises 
to about 2500°C. Molten iron thus produced is tapped into 
the parts to be welded. The heated surface of the broken 
iron melts and mingles with the molten iron, thus giving a 


perfect weld. 


6.12.2 EXTRACTION OF ALUMINIUM 


In the metallurgy of aluminium, purified Al,O, is mixed with 
Na, AIF, (cryolite) or CaF, (fluorspar) which lowers the melting 
point of the mixture and increases conductivity. The fused matrix 
is electrolysed. Carbon cathode and graphite anode are used. The 
graphite anode is useful here for reduction to the metal. The overall 
reaction may be taken as 2Al,0, + 3C —> 4Al + 3C O,. This 
process of electrolysis widely known as Hall-Heroult process. 
The electrolysis of the molten mass is carried out in an 
electrolytic cell using carbon electrons. The oxygen liberated at 
anode reacts with the carbon of anode producing CO and CO). 
This way for each kg of aluminium produced, about 0.5 kg of 
carbon anode is burnt away. The electrolytic reactions are: 


At cathode: Al** +3e — Alp 


(melt) 


At anode: Cis LO —> CO + Ze 
(8) 


(melt) 


302- 
Cis) +20 


(melt) CO.) te 


Why is boric acid considered as a weak acid? 
I0 B (OH), + H,O = [B(OH),]° + HY 
Boric acid is not able to release HÊ ion on its own. It receives 


(~~) 


OH ions from water molecule to complete its octet and in Um 
releases H® ions. 


OOOO 


xn Na,B 40, 


-olemanite (Ca,B60;1) reacts with Na,CO, to produce 
J which on acidification with hot and cone H,SO 4/ HCI 
Mf acid, H;BOs. 
Bn * Na3CO; —> Na,B,0, + 2NaBO 


2 + 2CaCO, 
(X) 


xa,B,07 * H,SO, + SH,0 —> 2Na,SO, + 4H,BO, 
f (Y) 
Or 


Na,B,O, + 2HC1 + 5H,O —> 2Nac} + 4H,BO, 
; (Y) 


sxe. (X) is Na,CO, and (Y) is H,SO , or HCI. 


xing from boric acid prepare: 


Bare anhydride b. Boron trichloride 
von trifluoride d. Metaboric acid 
Zhyl borate 


t On strong heating, boric acid gives boric anhydride. 
BO, —<“" 5 B O, +3H,0 


Boric ahydride 


Sthen mixed with carbon and the mixture is heated ina 


ament of chlorine when boron trichloride, BCI, is formed. 


"LBO, aor B,O, +3 H,O 


i Boric acid is first converted to boric anhydride, B,O,.B,O, 


“:* 3C + 3Cl, —> 2BCl, + 3CO 


Boron tnflurode, BF 


vith 3; IS prepared by heating boric acid 
i 


aF, and conc H,SO,. 
HBO. . 
TBO, + 3CaF, + 3H,SO, —> 2BF,t 
+ 3CaSO,v + 6H,O 
‘HBO 


id 3 When heated at ] 00°C, decomposes to give metaboric 


= HBO, + HO 
t Metaboric acid 


heat; . 
Con “ating boric acid with ethyl alcohol in the presence of 
deh SO,, ethyl borate is formed. (Conc H,SO, acts as 

Ydrating agent.) 
BO 
3 + 3C, H,OH ee ae B(OC,H,), + 3H,O 


Ethyl borate 


ILLUSTRATION 6.20 


Give reasons for the foll 


a. 
b. 


d. 
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owing: 
Aluminium wire is 
Aluminium utensil 
water for long time 
A mixture of Al 
drain, 


used in transmission cables. 
s should not be used to store drinking 


Pieces and NaOH is used to open the 


Aluminium alloys are used to make aircraft bodies. 


Sol. 


a. 


Aluminium wire is us 


ed in transmission cables because of 
the following reasons: 


i. It is a good conductor of electricity. 
ii. It is not affected by atmosphere. 


- Aluminium is Slowly attacked by water and dissolved O, 


to form Al, O, on the surface. A ve 


Ty small amount of AL 
O, may get dissolved to form Al** 


ions. Since AP“ ions are 


injurious to health, drinking water should not be stored in 
aluminium vessels. 


- NaOH reacts with Al to evolve hydrogen. 


2Al + 2NaOH —> 2NaAl0O, + H, î 


This evolved hydrogen helps in opening the drain. 


- Aluminium alloys are light, tough and corrosion resistant. 


Hence, aluminium alloys are used to make aircraft bodies. 


What happens when: 
a 


Sol. 


a. 


Excess of caustic soda is added to 
chloride. 


- Borax is heated strongly. 
Water is added to aluminium nitride. 


Dry chlorine gas is passed over hot mixture of aluminium 
and coke. 


Water is added to aluminium carbide. 
Alum is heated. 


Aluminium is added to copper sulphate solution. 
Aluminium reacts with HNO,,. 


a solution of aluminium 


Aluminium is heated with caustic soda solution. 
A mixture of borax and cobalt Oxide is heated. 


Na,B,0710 H,O —*> Na,B,O, + 10H,O 


Borax 


Na,B,O, —“> B,O, + 2NaBO, 
Boric 
anhydride 


Sodium 
metaborate 


- AIN + 3H,O —> AI(OH),} + NH,î 


Aluminium 
nitride 


Aluminium 
hydroxide 


Ammonia 


- Al,O, + 3C + 3C, —> 2AlCl, + 3CO 


Dry Aluminium Carbon 
chloride monoxide 
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d. Al,C, +12H,0 —> 4AI(OH),} + 3CH,? 
Aluminium Methane 


hydroxide 


Aluminium 
carbide 


e. K,SO,Al,(SO,)," 24H,0 ——> K,S0, Al(S04)3 


+ 24H,O 


Red heat 


K,SO,Al,(SO,)3 —— K,S0, + ALO; . 380, 


Bumt alum 


Alum melts and loses water of crystallisation up to 200°C 
and a white porous mass is obtained on red heat. This white 


mass is known as burnt alum. 


f. Aluminium being more electropositive than copper, 


displaces copper from copper sulphate solution. 
2Al,.)+ 3 CuSO gag) Al,(SO4)3(aq) t 3Cu,,) 


g. HNO, whether concentrated or dilute hardly affects Al as 
aluminium is rendered passive due to formation of thin 


layer of Al,O, on the surface of the metal. 
h. AICI, + 3NaOH —> Al(OH), + 3NaCl 
i. 2Al + 2NaOH + 2H,0 —> 2NaAlO,+ 3H,f 


Sodium 
metaaluminate 


. A 
j. Na,B,0,"10H,O —~> Na,B,0, + 10H,0 


Na,B,O, —“““> 2NaBO, + B,O, 


CoO +3,0,——> Co(BO,), 
Cobalt metaborate. 


Starting from borax, how would you obtain: 
a. Boric acid 

c. Boron 

e. Boron trichloride 


a. By the acidification of borax, 

Na,B,O, + HSO, + SL O= Na,SO, + 4H,BO;, 
b. By the acidification of borax, 

Na,B,O, + H,SO,+ 5H,O —> Na,SO, + 4H,BO, 


Boric acid 


b. Boron trioxide 
d. Boron nitride 


` followed by strong heating of boric acid, 
2H,BO, ——> B,O, + 3H,0 


Boron 
oxide 


. By the acidification of borax, 
Na,B,O, + H,SO,+ 5H,O —> Na,SO, + 4H,BO, 
followed by strong heating of boric acid, 


O 


2H,BO, —— B,O, + 3H,0 
Boron 
oxide 


and then reduction of boron oxide by strong electro-positive 


metal, Mg. 
B,O, + Mg —> MgO +B 


e. B,O,+3C +3Cl, —> 2BCl, + 3CO 


eae 
d. Na,B, O+ NH,Cl —> 2BN + B, O, + 2NaCl + 41,0 i 


Boron 
nitride 


A mixture of boron trichloride and hydrogen is subjected to 


silent electric discharge to form (A) and HCI. (A) is mixed with | 
ammonia and heated to 200°C to from (B). Identify (A) and (B) f 


Silent 
electric 


ID Bci +H, — 7 (A) +HCI | 


© 


- CONCEPT APPLICATION EXERCISE 6.1 


. Why boron does not exist as B°” ion in solution or in | 


_ Aluminium chloride exists as dimer. Give reason. 
. Why boron halides do not exist as a dimer, while AICI, 


. Give reason for the following : 


. How is boron abtained from borax? Give the chemic 


(A) +NH, ——> (B) 
Silent 
electric 
2 BCI, + 6H, — == BH + 6HCI 
(A) 
3B,H, + 6NH, —~—> 2B,N3H, + 12H, 
(B) 


(A) is diborane and (B) is borazine. 


compound? 


. The +1 oxidation state is more stable than +3 oxidation | 


state for thallium. Give reason. 


exists as ALC], ? 


a. In(III) is more stable than In(1) in aqueous solution. 
b. InCl, undergoes disproportionation but InCl does not- 


c. Unlike In®, TI® is more stable with respect to 
disproportionation. 


d. Ga® undergoes disproportionation reactions. 


. Why boron and aluminium tend to form covalent 


compounds? | 


a ae | 
. Molten aluminium bromide is a poor conductor of | 


electricity. Give reason. 


. Why B-X bond distance in BX, is shorter than theoretically _ 


expected value? 


. Boric acid can be titrated against sodium hydroxide using 


phenolphthalein as an indicator only in the presence of 
polyhydroxy compounds like glycol, glycerol etc. Give 
reason, 


. Which one is more soluble in diethyl ether: anhydrous 


AICI, or hydrated AICI,? Explain in terms of bonding. 
al 


reactions involved. Draw the structure of B,H, and give 
its reaction with HCI. 


a a 


y p-Block Gro : i 39 
i jke ordinary fire, thermite reaction cannot be up 13 Elements: The Boron Family 6 
n 


; stopped 
$ ouring water. Explain. Z 


explain why Ne exist but BH, does not. 
i ste with equations what happens when borax is heated 
ih a platinum wire loop and to the resulting transparent- 
-e a minute amount o Cuo is added and the mixture 
s again heated. (a) First in the oxidising flame and 
(b) Then in the reducing flame of a Bunsen burner? 


what is inorganic benzene? Why is it so called? How 
il you get it from diborane? 


6 AIF; is insoluble in anhydrous HF but dissolves on 
Eiaon of NaF. AIF, precipitates out of the resulting 
solution when gaseous BF, is bubbled through. Give 
reasons. 

i7. What do you understand by: 
a Ammonal 
c. Rubies and Sapphire 


b. Bentonite 
d. Lapis lazuli 


e Emery paper 


Il- -Solved Examples 


When an inorganic compound (X) having (3c, 2e) as well as 
2e) bonds react with ammonia gas at a certain temperature 
( igives a compound (Y). which is isostructural with benzene. 
Compound (X) with ammonia at very high temperature gives 
also known as inorganic graphite. Identify (X), (Y) and (Z). 
BDB ù wm, © 


Inorganic â Isostructural 
compound with benzene 


Very high 
temperature NH; 


(Z) 

Inorganic 

graphite 
ganic graphite (Z) is boron nitride. Since diborane reacts 
; “mimonia at very high temperature to give inorganic graphite 
) iş diborane, B,H,. Diborane contains both (3c, 2e) and 
4€) bonds, 

3H, +NH, —> B,N;H, 

Boras: Borazine (Y) . 
i ane Is isostructural with benzene, C,H. Hence, (X) h 
O BJHg: (Y) is borazine, B,N,H, and (Z) is boron nitride 


heating at 100°C, gives (X). (X) on heating at 
and (Y) on heating at red hot gives (Z). Identify 


BID HB0, orc , HBO, 


+ H,O 
Metaboric 
acid (X) 
i 16 (e) 
AHBO, -e H,B,0, + H,O 
Tetraboric acid (Y) 


H B40, —_, Bo, + H,O 


(Z) 
Hence, (X) is metaboric acid, HBO 


, ; (Y) is tetraboric acid, 
2B40; and (Z) is boric oxide, B,O,. i 


H 


Amorphous boron is extracte 


d from borax by the following 
steps: 


(A) ) 
Borax — == H,BO, HSH B,0O, a y Boron 
(A) and (B) are 


a. H,SO,, Al 
c. H,SO,, Mg 


b. HCI, Carbon 
eae HCl, Fe 


$01, ) Boric acid, H,BO,, is formed by acidification of hot 
concentrated solution of borax by hot and conc solution of HSO,. 
Na,B,O, + 5H,SO, + 5H,0 —> Na SO, + 4H,BO, 
H;BO; —*> B,O,+H,0 
B20; + 3Mg ——> 2B+ 3MgO 
B,O, is reduced to B by strong electropositive element only. 


Hence (A) is H,SO, and (B) is Mg. 
Therefore, option (c) is correct. 


-A certain salt (X) gives the following tests: 
a. Its aqueous solution is alkaline to litmus. 
b. On strong heating, it swells to give a glassy bead. 
c. When conc H,SO, is added to a hot concentrated solution 
of (X), white crystals of a weak acid separates out. Identify 


(X) and write down the chemical equations for reactions at 
steps a, b and c. 


Sol. As given, (X) on strong heating, swells to give a glassy 
bead, (X) is borax, Na,B,0,:10H,O 
a. Na,B,0, + 7H,0 = 2NaOH + 4H,BO, 


Strong Weak 
base acid 


In aqueous solution, borax hydrolyse to give a strong base, 
NaOH, and a weak acid, H,BO,. Hence, the solution will 
be alkaline to litmus. 

b. Na,B,0,'10H,0 —™ Na,B,0, + 10H,O 


Strong heating 
>) 
Na,B,O, NaBO, + B,O, 


Sodium Boric 
metaborate anhydride 


B,O, forms glassy bead. 
Cc. Na,B,0, + H,SO, + 5H,0 —> Na, SO, + 4H,BO,4 


Hot and conc Conc 


EEE E ee 


/ 


Le a aae a a 


Sodium sulphate, Na,SO,, is soluble in water and white crystals 
of boric acid, HBO, (weak acid), separates out. 


A white crystalline compound (X) swells upon heating and gives 
violet-coloured flame. Its aqueous solution gives the following 
reactions: 

a. A white precipitate is formed, with BaCl, in presence of 
HCl. 

b. When treated with excess of NH,OH, it gives white 
gelatinous precipitate. The white precipitate dissolves in 
NaOH and reappears on boiling with concentrated solution 
of NH,Cl. 

c. It gives yellow precipitate with cobaltinitrite solution. 
Identify (X) and explain the reactions at steps a, b 
and c. 


{Sol The given compound (X) swells on heating due to evolution 
of water molecules. It also, gives violet coloured flame due to the 
presence of potassium salt. 
The given compound (X) is potash alum, 
K,SO,-Al,(SO,),-24H,O which gives the following reactions: 
a. With BaCl, in presence of HCl, a white precipitate is formed. 
The aqueous solution contains SO g ions, which react 
with Ba ions to give white precipitate of BaSO 4 Which 
is insoluble in conc HCl. 


Ba” ag + SOF ay —> BaSO,1 


White ppt. 
b. With excess of NH,OH, white geletinous precipitate 
Al,(SO,), + 6NH,OH —> 2 Al(OH), + 3(NH,), SO, 
White 
gelatinous 
precipitate 


of aluminium hydroxide, Al(OH),, is formed. Al(OH), 


dissolves in NaOH forming sodium meta-aluminate. 
Al(OH), + NaOH —> NaAlO, + 2H,O 


Sodium meta- 
aluminate 
(soluble) 


—_— I e a a ee 


coe o 


he metallic salt (XY) is soluble in water. 


a. When the aqueous solution of (XY) is treated with NaOH 


solution, a white precipitate (A) is formed. In excess of 
NaOH solution, white precipitate (A) dissolves to form 
a compound (B). When this solution is boiled with solid 
NH, Cl, a precipitate of compound (C) is formed. 

. An aqueous solution on treatment with BaCl, solution gives 
a white precipitate (D) which is insoluble in conc HCl, 


. The metallic salt (XY) forms a double salt (E) with potassium 


sulphate. 
Identify (XY), (A), (B), (C), (D) and (E). 


Excess 
N p 
a. (XY ag) NaOH SOTA. hiie ppt. (A) NOH y (B) 
Soluble 
(C) 
White ppt. 
(X) is A” ion. 
3+ A & 
AV (aq) + 3NaOH, a4) —> Al(OH), + 3Na 
White ppt. 
(A) 
Al(OH), + NaOH —> NaAlO, + 2H,0 
Excess (B) 
Sodium meta- 
aluminate 


NaAlO, + NH,CI+H,O —“> Al(OH),1+NaCl + NH, 
© 


Aluminium 
hydroxide 


The metallic salt (XY) on treatment with NaOH solution. 
gives a white precipitate of aluminium hydroxide, 
Al(OH), :AI(OH), dissolves in excess of NaOH solution 
forming sodium metaaluminate, NaAIO,-NaAl1O, on boiling 


The white precipitate reappears when the above solution 
is boiled with concentrated solution of NH, CI, due to the 
formation of white precipitate of aluminium hydroxide, 
Al(OH). 


NaAlO, + NH,Cl + H,O —> Al(OH),y + NH, + NaCl 


c. Potassium salts give yellow precipitate of potassium 
cobaltinitrite with cobaltinitrite solution. 
2K,SO, + Na,[Co(NO,),] —> 
K,[Co(NO,),] ¥ + 2Na,SO, 
Yellow ppt 
or 


4K® + [Co(NO,),]* —> K,[Co(NO,),¥ 


Potassium cobaltinitrite 


with NH,CI solution gives while precipitate of aluminium 


hydroxide, Al(OH),. 
b. (XY) aq) BaCl, solution (D) cone HCl (D) 
l white ppt. Insoluble 
(Y) is SO,” ion. 
2- 2+ 
SO% (aq) + Ba” (ag) ——> Baso, 4 
While ppt. 


(D) is barium sulphate, BaSO,, which is insoluble in conc 


HCl, 
Hence, the salt (XY) is Al,(SO,),, aluminium sulphate. 


O 


is K,SO, 'Al,(S0,); * 24H,0 i.e. potash alum. 


Hence, (XY) is Al,(SO,),; (A) is AI(OH),; (B) is NaAlO,, 
(C) is Al(OH),; (D) is BaSO, and (E) is K,SO, -Al,(SO4)3 


24H,0. 


The double salt (E) formed by (XY) with potassium sulphate 


ic compound (X) shows the following reactions: 

pi hite solid, exists as dimer and fumes in Moist air | 
fe} f 

: i aublimes at 180°C and forms monomer on heating to 


Db apC 
400 ©: 

s solution turns blue lit . i 
pg aqueou» >” HAGNGL Nolit mus red and gives a white 
t precipitate with Aig Ng Solution which is soluble in excess 


fNH,OH: i 
a gition of NaOH to the solution of (A) gives a white 


' gelatinous precipitate which is, however, soluble in excess 
of NaOH. 
sdentify the compound (A). 
(A) is AL,Cl, 
, AlCl, is a white solid and exits as dimer. 
e Cl Cl 
Xn a SA 
Cl Cl Sa 


AlCl fumes in moist air due to evolution of HCI gas. 
AlCl, + 6H,0 —-> 2Al(OH), + 6HCI t 


180°C 400°C 
b ALCly) ——_? ALClgg, —"— 2A Cl, 
co Aqueous solution of Al,Cl, contains hydrated aluminium 
chloride, Al,Cl,, which is ionic in nature. 
AlCl + 6H,O —> AL,C1,-6H,O or 2AICI1,-6H,O 
a 3+ © 
AIC] 3/44) = Al aay 3Cl (as) 
Since the above solution is acidic, it turns blue litmus red. 
ACL + 30,0 ——> Al(OH), + 3HCI 
Weak base Strong acid 


On addition of AgNO, solution in aqueous solution of 


aluminium chloride, white precipitate of AgCI! is formed. 
© ® 
Cl (aq) + Ag (ad) —> AgCI} 
(White ppt.) 
AgCl is soluble in excess of NH,OH due to the formation 
of soluble complex, [Ag (NH3),] Cl. 5 
AgCI + 2NH,OH —> [Ag(NH),]C! + 20 H 


Diamminesilver(I) chloride 


d. A : +N OH —> White 
queous solution of (A) + Na gelatinous ppt. 


| Excess NaOH 


White ppt. dissolves 


@ 
AL + NaOH ——> AI(OH),¥ + Na 
White ppt. 
AOH), + NaOH —> NaAlO, + 2H, 
Sodium 


Excess . 
metaaluminate 


Due to the formation of Al(OH); intially, 
Precipitate is obtained, which dissolves 1n EXPER 
due to the formation of sodium meta- aluminate. 


white gela-tionous 
s of NaOH 


a p-Block Group 13 Elements: The Boron Family 6.41 


Compound (X) on reduction with LiAIH 
containing 21.72% 


Ki 4 Zives a hydride (Y) 
ydrogen along with other products. The 
Mee reacts with air explosively resulting in formation 
OF boron trioxide, Identify (X) and ( Y). Give balanced reactions 


involved in the formation of (Y) and its reaction with air. Give 
the structure of (Y). 


Reduction 


“Sol. (X) + LiAIH, —— = (Y) + Other products 
Hydride, 2.72 % H 
Explosive 


(Y) + Air reaction B,O, 


Determination of the molecular formula and structure of 
compound (Y): Since the hydride (Y) reacts with air forming 
boron trioxide, therefore (Y) must be hydride of boron. 

Given % H = 21.72% 

“. % B = (100 — 21.72)% = 78.28% 
78.28 21. 
eas EE 
11 1 

Hence, B and H are present in the ratio 1:3. Simplest boron 
hydride corresponding to this ratio is B,H,. Hence, (Y) is diborane 
BAH,. 

HSS 7 7 Hy ` as 
BL „B 
y ~g H’ NH 
Determination of (X): Since B,H, is formed by the reduction 
of (X) with LiAIH,, therefore (X) is either BF, or BCL 
(X) (Y) 
The equation representing the reaction of (Y) with oxygen is 
B,H, —> B,O, + 3H,O 


Boron 
trioxide 


Hence, (X) is BCI, and (Y) is BH. 


An inorganic Lewis acid (X) shows the following reactions: 

a. It fumes in moist air. 

b. The intensity of fumes increases when a rod dipped in 
NH, OH is brought near it . 

c. To an aqueous solution of (X), addition of NH,Cl and 
NH,OH gives a precipitate which dissolves in NaOH 
solution. 

d. An acidic solution of (X) does not give a precipitate with 
H.S. 

Identify (X) and give chemical reactions for (a) to (d). 


| Sol. - (X) is Lewis acid and fumes in moist air, it may be 
anhydrous AICH. 


a. AICI, + H,O —> Al(OH), 4 + 3HC! 
(Air) (Fumes) 


AICI, fumes in moist air due to evolution of HCI gas. 


A 


a 


m ae tatiana aa, Tes 
eS id N wi balt oxide (CoO), blue-colo 
6.42 Inorganic Chemistry d. On heating (E) with co ured 


M F) is formed. 
b. When a rod dipped in NH, OH is brought near tt, the sei cobalt metaborate, Co(BO,), (F) 
he formation of ammoniut —> Co(BO,), 
nae Hc news a ee Cobalt metaborate 
chloride NH,Cl. (blue coloured) 
+ HCI—> NH,CI + H,O eS l ; (B) is CaCO.: (o. 
Aia eL, “+ AOH),} + 3NH,CI Hence, (A) is Ca,B¿0;1 San P is Co(BO, ii 
a eens NaAlO, + 2H Na,B,0, :10H,0; (D) is Nab a 
Al(OH), + NaOH —> NaAlO, + 2H, 
i i (Soluble) 
Sodium 


metaaluminate Identify (A), (B), (©) and (D) in the following: 
An aqueous solution of (X) i.e. AICI, gives a white 


ition of n= B)—> s 
precipitate of aluminium hydroxide Al(OH),, on sae of Metal (A) > White ppt. 
NH i i tion ! ; : 
d NH,OH. Al(OH), dissolves is NaOH solu | ie dissolves ia NaO go kisah | 
et aion of dium meta-aluminate, NaA]l0O,. White ha : 4 Si as gas 
. . 4 1 € $ 7 
d. No precipitate is formed when H,S is passed through acidic (D) gives w 


solution of (X), i.e. AICI,. 


Sol. Metal (A) on heating with nitrogen, N,, gas gives (B) 
which on hydrolysis gives a white ppt. (C) and a gas (D). Since 


l i ; hite precipitate (C) dissolves in isin somu, metal (A) Must be 

a. On boiling a mineral (A) with NaCO, solution, a w aluminium, Al. As the gas (D) gives white fumes with HCI. (D) 

precipitate (B) is formed. , a (NHL). 
b. The precipitate is filtered and the filtrate contains two is ammonia (NH) f pe 

compounds (C) and (D). The compound (C) is removed by 2Al+N, —— 2 

crystallisation and when CO, is passed through the mother (A) P nitride | 

liquor left, (D) changes to (C). NN 4 H,O + A OH), Lea NH, T o 
c. On strongly heating (C), two compounds (D) and (E) are (B) © 2 

formed. Almuninium Ammonia 

i i i ides blue-coloured hydroxide 

d. md E a with cobalt oxide provides oupa | 

substance (F). s 

Identify (A) to (F) and give chemical reactions for Al(OH), + NaOH(,,, — NaAlo, + 2H,O 

Sodium 
(a) to (d). . metaaluminate 
rN (soluble) 
. . : NH, + HCI — NH,C!1 
a. The mineral (A) is colemanite, Ca,B,O,, ‘5H,O (D) (White fumes) 
Boiled : 
Ca,B,0,,-5H,0+ 2Na,CO,,.4, = Hence (A) is Al; (B) is AIN; (C) is Al(OH), and (D) is NH, 
(A) 
2CaCO, 1+ Na ByO7(94) + 2NaBO 449) 
(C) (D) A ts (cess) is soluble 
NY, colourless mixture of two salts (A) and (B) (excess) is so 
(B), i.e. white ppt. is of calcium carbonate. in HO. (A) turns blue litmus red and (B) turns red litmus blue. 
b. The filterate formed in step (a) contains borax Na,B,0,(C) 


(A) gives white precipitate with (B), which dissolves in excess 
of (B) forming (C). (A) when placed in atmosphere gives fumes 
and can form dimer (A) gives white precipitate with NH,C! 
white crystals. Filterate now consists of NaBO, only. On and NH,OH whieh is soluble in (B), Identity (A), (B) and (©) 
passing CO, though the filterate, sodium metaborate NaBO, Explain reactions, 
(D) reacts to form borax, Na,B,O., i.e. (C). l Sol. (A) giv 

NaBO, + co, — Na,B,O, 4 Na,CO, is A}?! 

(D) (C) 

On strongly heating (C), sodium rr 


and sodium metaborate, NaBO, (D). 


On crystallisation, borax gets separated out in the form of 


es white ppt. with NH Cland NHOH. Hence, (A) 
and, White precipitate is of AWOH),. 
AKOH), is s i 

\elaborate (D) and boron (OH), is soluble in 


p 


(B), therefore, (B) is NaOH and (C) 5 


ae MAAA Na AlO, (sodium Meta-aluminate), N 
orms dimer which nanai : stran-deficien! 
Na,B,0,10H,0 —> Na,B,0, + 1011,0 SA) forms dime witch indicates (A) is electron-defici 
4 , compound that is possible in case of AICI. 
Na,B,0, 2NaBO, + BO, Is thus AICI, (acidic due to hydrolysis, turns blue in 
D (E) red), 


Boron trioxide 


(B) is NaOH (alkaline, turns red litmus blue). 


+ 3NaOH — Al(OH), + 3NaCl eee 


. Hes (B) White ppt. 
(A 
n. + NaOH —> NaAlO, + H.O 
40H); (Excess) Soluble j : 
(C) 


AlCl + 3H,O — Al(OH), + 3HCIT (Fumes) 


NH,Cl ae 
alcl,+ 3NH,OH ——— > Al(OH), + 3NH,Cl 
Cl 
AlCl, —? Al,Cl, Cl Cl 
ai Said x a 
a Na N 7 


SE SS 


p CHp is isostructural and isoelectronic with what borane 
Bee... 
ion, B,H), 


BH, . Each of the boron atoms has one fewer electron 
sna carbon atom. To keep the total number of electrons the same 
2B ygCHi2 and the boron hydride ion, the replacement of two 
„rbon atoms with boron atoms must be accompanied by addition 
¥two extra electrons. 


Draw possible structures of B,H,, and B,H,, molecules, 
showing the existence of (3c, 2e) bridge bonds. 


ww (a) B,H,, [Four (3c — 2e ) B----H----B bonds and one 
B-B) bond, 


H H H 
paa BC H 
H A BO 
<N 
H’ H 
ia 
‘N 
a” H 
BH, [Four (3c —2e ) B----H----B bonds and two (B-B) bond, 
H H H H H n 
a lu NY 


B SB B< B 
ba 
K NE S Naf ca 


| 
H 


How the electrical conductivity of Al Cle changes on heating? 


Wac, is ionic in the solid state, hence conducting but melts 
“valent dimer, AL,Cl,, on heating it dissociates to AICI,. 
Cl 7) 
Cl Cl 
Sad “Se eee 
iw Na Na 


(Al,Cl¢) | 
(Non conducting) 


Cl Cl 
(AICI3) 
(Conducting) 


i 


——_______ p-Block Group 13 Elements: The Boron Family 6-43 


Complete the following: 
a. 


Compound (W) + 3NH,C1 4° B NCIX) 


Compound (Y) 
CH,Mgbr [B,N3H,] 
Compound (Z) 
A + Carbon 
Element (E) ay hed F in electric G 
furnance 


Ain Nj 


HBO; + Colourless gas <2" H 
Boric (1) H30 
acid 
HCI _, white fumes 


a. Since the compound of boron is obtained, so compound (X) 
is BCL. Reactions are: 


Cl 
| 
9BCh + 9NH,CI—+> 3 B +27 Hel 


NY yy 
! dk 
Hc œN CH BN 
o (Borazine) 
(B, B, B-Trimethyl borazine) (Y) 
(2) (B,N,H,) 
[B3N3H, (CH3)3] oS 


b. Since the end product is boric acid (H,BO,) hence the 
element E, must be boron (B). 


9 a > 30, +0 => B,C, 
(Element E) ôF "(py Esie (Boron Carbide) 
(G) 
Steam 


BN ———> H,BO, + NH3() 


(H) "O Borncacid (1) 
Boron nitride 
[ac 
NH,Cl 
White 
fumes 


Reactions are: 
i. 4B + 30, — 2B,0, 
(E) (F) 


6.44 Inorganic Chemistry 
ii. BJO, + Nap) —> 2BN + 3/2 O 


2(2) 
(F) (H) 
iii. 2BN + 3H,O — B,O, + 2NH, 
B,O, + H,O —> HBO, 


HBO, + H,O —> H,BO,(Boric acid) 


— R 
Considering Al(OH), compound, calculate the value of P+O 
where P = Total number of (3C — 4e) bond, 


Q = Total number of (3C — 2e ) bond 
R = Total number of (2C- 2e ) bond. 


Sa ©) 


on 
HE GR a 
Al Al 
H2G-R 


P = (3C -4e bond =2 

O = (3C -2e bond = 0 

R= (2C —2e°) bond = 10 
R 10 


How many boron atoms in anionic part of borax occurs back 
bonding? 

(SAD (2) Borax = 2Na® [B,0,(OH),]* - 8H,O 

Refer to Structure of Boron Section 6.11.1 


sp” hybridized B-atoms only participate in (pn-pr) back 
bonding. 


Consider [B,0,(OH),]* molecular ion. 
If X= Total number of o-bonds 
Y = Total number of lone pairs. 


Calculate the value of 24 r $ 


BSoD (4) Structure of [B,O,(OH),]*” is: 


O: 
HO o | eH 
Sa B 


HO a Be. Ngy 


” X=18, Y=18 


E ay 
Identify A to G 
(i) BO, + 3C + 3Cl,—>(B) + C(gas) 


(A) 3H,0 
(i) oE (0) MAC 
(iii) B + LiAtH, ————> F) + 3LiCl + IATH, 
2Nall 


(G) 


6H 70 


(D) + 6H, (Gas) 


(i) B,O,+3C + Cl, ——>2BCl; + 3 CO 
(A) (B) (C) 


pa 


(ii) BN + 3H,0 ————> H,BO; + 3HCI 
(E) D) 


(iii) 4BCl, + 3LiAIH, —> 2B-Hs + 3LiCl + 3AICI, 


(F) 
2NaH [m0 
2NaBH, 2H,BO;, F 6H- 
(G) (D) 


Find the (planar or non-planar) of the following 
molecules. 


a. BO, b. Fe,Cl, 
c. Trimer of FCN d. Borazone 
e. Borazole f. (BN), 
g. Graphite . 
o8 
b 
a. BO," A ~ (Planar) 
B B 
Eva No~ ~e 
Cl Cl Cl 
b. Fe,Cl,: Eee (Non-planar) 
cI~ Sea Sq 
ce. (FCN), : (Planar) 


d. Borazone: It is crystalline form of BN (boron nitride) which 
has diamond like structure (sp>, hybridized, non-planar) 

e. Borazole: Inorganic benzene B,N,H, (planar) 

f. (BN),: Graphite like structure (planar) 

g. Graphite: Planar 


p-Block Group 13 Elements: The Boron Family 6.45 


S converted into crystalline boron. 


um licylic aci l 
j what happens when salicylic acid reacts with aqueous 
b ation of boric acid. 

s0 


P 50, + HCI + 5H,O > 2NaCl + 4H,BO, — 
o 6H,O + 2B,0, ies, OB 6MgO 


(crystalline boron) _ 


B(OH); 2 [B(OH),|° + H® = BO,° + 2H,0 


s 4-coordinated complex, and optically active 


b. 0) 
It give 


COOH OH 
OE “on A 
OH HOOC 


(it) 


Optically resolvable due to asymmetric structure 


In borax, 
If P = Number of sp? hybridized B atoms. 
Q = Number of B-O-B bonds. 
R = Number of B-B bonds. 
S = Number of B atoms participate in (pT — pr) multiple bond. 
T = Number of H,O molecules as water of crystallization. 
P+O+T 
A 


Sol. ) (7.5) Refer to the structure of borax (see. 6.11) 
Na,[B,0.,(OH),] - 8H,0. 
p=2,9=5,R=0,S=2,T=8. 


Calculate the value of 


eee _2+348_ D275 
R+S 0+2 2 


~ 


6.46 Inorganic Chemistry 


Single Correct Answer Type Iil 


Physical and chemical properties 


1. Boron behaves as: 


10. 


11. 


12. 


(2) Metal 
(4) Transition metal 


(1) Non-metal 
(3) Metalloid 


. Which of the following is not a mineral of boron? 


(1) Colemanite 
(3) Boric anhydride 


(2) Kernite 
(4) Borax 


. Which of the following compounds is formed in borax 


bead test? 
(1) Metaborate (2) Tetraborate 
(3) Double oxide (4) Orthoborate 


. Which of the following minerals does not contain 


aluminium? 
(1) Cryolite (2) Mica 
(3) Feldspar (4) Flourspar 
. The stability of +1 oxidation state increases in the sequence: 
(1) Tl<In<Ga<Al . (2) In < Tl < Ga < Al. 
(3) Ga < In < Al < TI (4) Al < Ga < In <T] 


. Boron does not form B** ion, due to 


(1) Energy required to form B>* ion is very high which will 
not be compensated by lattice enthalpies or hydration 
enthalpies of such ion. 


(2) Boron is a non-metal. 
(3) Boron is a metalloid. 


(4) None of the above. 
. When aluminium is heated in atomoshere of nitrogen it 
forms: 
(1) AIN (2) ALN 
(3) ALN (4) ALN, 
. Which one of the following is more abundant in the earth’s 
crust? 
(1)B (2) Al 
(3) Ga (4) In 
. The liquified metal expanding on solidification is 
(1) Al (2) Ga 
(3) Zn (4) Cu 
Which is used in high temperature thermometry? 
(1) Na (2) Ti 
(3) Ga (4) Hg 
The colour of ferric metaborate is 
(1) Yellow (2) Blue 
(3) Green (4) Grey 


Aluminium is more reactive than iron. But aluminium is 
less easily corroded than iron because 


(1) Iron forms mono and divalent ions. 
(2) Iron undergoes reaction easily with water. 


Exercises 


14. 
15. 


16. 


17. 


18. 


19. 


20. 


21. 


22. 


. Boron has an extremely high me 


S 
Ma 
Lae i 


(3) Oxygen forms a protective oxide layer on aluminium, 


(4) Aluminium is a noble metal. | 
Iting point because of 


(1) Allotropy 

(2) Its ionic crystal structure 
(3) Strong van der Waals forc 
(4) Strong binding forces in the covalent polymer. 


es between its atoms 


Boron nitride i$ isoelectronic with 

(1) C, (2) B, 

(3) N, (4) O, 

Which one of the following 1s hardest compound of boron? 
(2) Boron nitride 

(4) Silicon boride 


(1) Boron carbide 
(3) Magnesium boride 


Which halides of the element of group 13 do not exist as 
dimer in the vapour state, the element !s 


(1) Al (2) B 

(3) Ga (4) Tl 

Which of the following exhibits inert pair effect? 
(1)B (2) Al 

(3) Tl (4) Sc 


Silicon resembles B due to 

(1) Similar values of atomic radii 

(2) Similar values of EN 

(3) Similar values of IE 

(4) All of the above 

Al salts on heating with Na,CO, in charcoal cavity gives a 
white infusible residue. On moistening the same with a drop 


of cobalt nitrate, it changes to due to the formation 
of cobalt meta-aluminate (Thenard’s blue) 


(1) Brown (2) Yellow 

(3) Blue (4) Lemon 

Thallium shows different oxidation states due to: 
(1) Inert pair effect 
(3) Transition metal 


(2) Amphoteric nature 
(4) High reactivity 


Aluminium vessels should not be washed with matenals 


containing washing soda because: 


(1) Washing soda reacts with aluminium to form soluble 


aluminate. 
(2) Washing soda is expensive. 
(3) Washing soda is easily decomposed 
(4) Washing soda reacts with 
aluminium oxide, 
BAH, and B,H,9 respectively are examples of 
(1) Nido and arachno boranes 
(2) Nido and closo boranes 


(3) Closo and arachno boranes 
(4) Nido boranes 


aluminium to form insoluble 


’ , ermite process, iron oxide is reduced 
A mi” wder because 
Wy be melting point of Fe is low 
(1) che reaction is highly endothermic 
parger amount of heat is liberated in the formation f 
of 


Al,O3 . 
alisan amphoteric element 


TI) exhibits monovalency whereas A] exhibi 
XNIDItS 


to molten iron 


(3) 


jum (19) O 
i mle This is due to: 


jie Eni reais to unpair outer s-electrons i 
exceeds the energy involved in bond formation in T] 
1) TI has only one electron in its outermost orbital 


0) Al can use its vacant d-orbitals for the bond formati 
(4) Tlis a non-metal. 


« Which of the following atom would likely form 
i (1) B (2)Si 
3) Al (4)C 
x, Select the incorrect statement 
(1) HNO, can be stored in aluminium vessels. 
(2) Al is more reactive than Fe 
(3) Fe corrodes faster than Al 
( 


4)Group 13 elements have less tendency to form complexes 
than the s-block elements 


a Cation. 


17, Select the correct statement 
(1) Boron is isolated by reducing B,O,, with Zn 
(2) Boron reacts with acid to form sodium borate and H, 
(3) Lewis acid character is: BF, > BCI, > BBr, > BI, 
) 


(4) Disproportionation of i => 211 = TI?) is less 
feasible than that of 3Al® > 2Al + AI”. 


48. Select the correct statement 
(1) Observed B—Cl distance is shorter than what is 
expected theoretically in BCI, molecule 
(2) TE, of Al > IE, of Ga 
(3) Al is obtained by reduction of Al, 
(4) AICL forms a dimer because Al has 
29, Select the incorrect statement 
(1) Ga and In form carbides 
(2) Al becomes passive in H, ; 
(3) Cr is extracted from Cr,O by usin’ a 
(4) W is extracted from WO; by using Al 
30. Select the incorrect statement 
(1) Anodising is electrolysis of H,804 iani 
(2) In anodising, a film of Al,0;3 15 ee 


O, with coke 
high 1E 


CrO, and HCIO, 


with Al as anode 
he surface of 


Al anode (ALO, + Fe) 
(3) Thermite mixture used for welding !5 (ALM 
powder pt 
(4) Ga is only superficially oxidise 
Compounds of 13 groups ad 
3L. On strong heating boric acid ae 
1B 2 
: B.,O (4) B,He 
er 


32, 


33. 


34, 


35, 


ee, 
——. 
a 


~ Þ-Block Grou 
— ~ -^ Sloup 13 El : : 
Boron trichlorid 2 tements: The Boron Family 6.47 


e on reacti i 
with HC1.‘X’ ig ction with water produces ‘X’ along 


n aa (2) B,H 
(OH), (4)B o. 
Hexaborane( 10) is = 
2 ot (2) BH o 
) BH, (4) BHs 


The 
call ne and formula of the compound of boron which is 
€d ‘inorganic benzene’ are 


l 
2 sete BH; (2) Borazine, B,N, 
(3) prazne, B,N,H, (4) Borazine, B,N,H, 
What is not true about borax? 


‘ (1) Molecular formula is Na,B,0,-10H,0. 


36. 


37. 


38. 


39. 


40. 


41. 


42. 


43. 


AN 


(2) Crystallic borax contains tetranuclear unit of 
[B,O,(OH),]~. 

(3) It hydrolyses to give an acidic solution. 

(4) White crystalline solid. 


Which hybrid state of boron best explains the structure in 
BH, ? 
re 


(1) sp” (2) sp” 
(3) dsp’ (4) sp 
The unexpected order of acidic strength of the trihalides of 


boron can best be explained by 
(1) pn—pn back bonding (2) Hybridisation 
(3) Trigonal planar structure (4) None of the above 


In which of the following, a salt of the type KMO, is 
obtained? 

(1) B,H, + KOH,,,) — (2) Al + KOHag —> 

(3) Both (4) None 

Inorganic graphite is 

(1) B,N,H, (2) B,N, 

(3) SiC (4) P,S, 

Hydrated AICI, is used as: 


(1) Catalyst in cracking of petroleum 

(2) catalyst in Friedel-Crafts reaction 

(3) Mordant 

(4) All of the above 

Borax is used as a cleansing agent because on dissolving in 
water, it gives 

(1) Alkaline solution (2) Acidic solution 
(3) Bleaching solution (4) Neutral solution 
Boric acid is polymeric due to: 

(1) Its monobasic nature 

(2) Its acidic nature 

(3) The presence of hydrogen bonds 

(4) Its geometry 

The chemical formula of feldspar is 

(1) KAISi,O, 

(2) Na, AIF, 

(3) NaAIO, 

(4) £2504 Al,(SO,),-4Al(OH), 


6.48 Inorganic Chemistry 


( 


44. The chief impurity present in bauxite is 
(1) SiO, (2) Fe,O, 
(3) K,SO , (4) NaF 
45. Al,O, can be converted to anhydrous AICI, by heating: 
(1) A mixture of Al,O, and carbon in dry Cl, gas 
(2) Al,O, with HCI gas 
(3) ALO, with Cl, gas 
(4) Al,O, with NaCl in solid state 

46. Boric acid is used in carrom boards for smooth gliding of 
pawns because 
(1) HBO, molecules are loosely chemically bonded and 

hence soft. 
(2) Its low density makes its fluffy. 
(3) It is chemically inert with plywood. 
(4) H-bonding in H,BO, gives it a layered structure. 

47. Aluminium chloride exits as a dimer, AlCl, in solid state 
as well as in solution of non-polar solvents such as benzene. 
When dissolved in water, it gives: 

(1) Al* + 3C1° (2) Al,O, + 6HCI 
(3) [AI(H,0),]** + 3CI° (4 [Al(OH),]>" + 3HCl 

48. In which of the following molecules is hydrogen bridge 

bond present? 


(1) Water (2) Inorganic benzene 
(3) Diborane (4) Methanol 
49. Which of the following molecular hydride act as a Lewis 
acid? 
(1) NH, (2) H,O 
(3) B,H, (4) CH, 


50. Na,B,0,-10H,0O is correctly represented as 
(1) 2NaBO,-Na,B,0,-10H,O 
(2) Na,[B,0,(OH),] - 8H,O 
(3) Na,[B,(H,O ), O 5] -6H,O 
(4) All of the above 
51. AICI, is an electron-deficient compound but AIF, is not, 
due to 
(1) Atomic size of F is smaller than Cl, which makes AIF, 
more covalent. 
(2) AICI, is a covalent compound while AIF, is an ionic 
compound. 
(3) Al in AICI, is sp’ hybridised but in AIF,, Al is sp? 
hybridised. 
(4) AICI, exists as a dimer but AIF, does not. 


52. Bauxite ore is generally contaminated with impurity of 


oxides of two elements X and Y. Which of the following 

statement is correct ? 

(1) X is a non-metal and belongs to the third period while Y 
is a metal and belongs to the fourth period. 

(2) One of two oxides has three-dimensional polymeric 
structure. 

(3) Both (1) and (2) are correct. 

(4) None of the above. 


53. The number of isomers possible for disubstituted borazine 


B.N,H,X, is 
(1) A 4“ `2 (2) 4 
(3) 6 (4) 5 


54. Aqueous solution of borax acts as a buffer because 


(1) It contains tribasic acid and strong bane. 
(2) It contains weak acid and its salt with strong base, 
(3) It contains number of neutral water molecules. 
(4) None of the above. 
55. Correct match is: 
(1) Ordinary form of borax : Na,B,0,'5H,O 
(2) Colemanite : Ca,B,O,,"5H,O 
(3) Beronarocalcite : 2Mg,B,0,,-MgCl , 
(4) Octahedral form of borax: Na, B407 10H,0 
56. Which of the following is acidic in nature? 


(1) Be(OH), (2) Mg(OH), 
(3) Al(OH), (4) B(OH), 

57. Alums are used for: 
(1) Tanning of leather (2) Purification of water 
(3) Coagulation (4) All of these 


58. How can the following reaction be made to proceed in 
forward direction? 
B(OH), + NaOH = Na[B(OH),] 
(1) By addition of cis-1,2-diol 
(2) Addition of borax 
(3) Addition of trans-1,2-diol 
(4) Addition of Na,HPO, 
59. Borax bead test is responded by: 
(1) Divalent metals (2) Heavy metals 
(3) Light metals 
(4) Metals which form coloured metaborates 
60. When excess of NaOH solution is added in potash alum the 


product is 

(1) A bluish precipitate (2) Clear solution 

(3) White precipitate (4) Greenish precipitate 
61. (3c, 2e) bond is present in 

(1) BH, (2) BCI, 

(3) ALCL (4) NH, 


62. Boron carbide, B 4C, is widely used for: 

(1) Making plaster of Paris 

(2) Making acetylene 

(3) As hardest substance after diamond 

(4) Making boric acid 

63. BCI, does not exist as a dimer but BH, exists as BH, 
because: 

(1) Chlorine is more electronegative than hydrogen. 

(2) Large size of chlorine atom does not fit between small- 
sized boron atoms, while small-sized hydrogen atoms 
occupy the space between boron atoms. 

(3) There is pr-pr back bonding in BCL. 

(4) Both (2) and (3). 


M’ 


66 


ee 


pee 
i a 
~~. jum chloride exits as a dime ‘eee 
has: or 
Greater jonisation enthalpy 
plete p-orbital 


[ncom 
7) High nuclear charge 
i) Larger radius 
formation from aluminium and 
ALY. and oxygen invol 
evolution of a large quantity of heat, which i. = 
aluminium use in: akes 
(1) peoxidiser (2) Confectionary 
3) Thermite welding (4) Indoor photography. 


;, A blue coloured mineral ‘lapis lazuli ` which is used as a 


semi-precious stone is a mineral of the following class: 
(1) Sodium aluminosilicate 


(2) Zinc cobaltate 
(3) Basic copper 
(4) Prussian blue 


«7, Alum helps in purifying water by: 


68, 


69. 


7 


— 


2 


1", 


74, 


- The Lewis acid character of halides of 


(1) Forming Si complex with clay particles. 


(2) Sulphate part which combines with the dirt and removes 
it. 


(3) Aluminium which coagulates the mud particles. 
(4) Making the mud water soluble. 


Boron halides behave as Lewis acid because of their 
nature. 

(1) Proton donor (2) Covalent 

(3) Ionic (4) Electron deficient 

H,BO, iS 


(1) Monobasic and weak Lewis acid 
(2) Monobasic and weak Bronsted acid 
(3) Monobasic and strong Lewis acid 
(4) Tribasic and weak Bronsted acid 


. Which of the following is not a Lewis acid? 


(2) BF, 
© 
(4) [(BH,] 
boron are as follows: 


(1) BBr, 
(3) BCI, 


(2) BBr, > BCI;~ BF, 


(1) BCL > > BBr 


(3) BF, > BCI,> BBr, 
Anhydrous AICI, is obtained sau 
(1) Aluminium oxide reacts with HCI 
(2) Aluminium reacts with HCI 7 
(3) Aluminium is heated in a current of a 2 
(4) Aluminium hydroxide reacts with HC 
Alumina is not used as: 

(1) Refractory material 

(2) A medium in chromatography 

(3) Abrasive 

(4) White pigment | 
Which one of the followin 
represented: 


structures ig correctly 
g 


15. 


76. 


77. 


78. 


179. 


80. 


81. 


82. 


83. 


84. 
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Which one of the following has lowest m.pt.? 
(1)B (2) Tl 
(3) Al (4) Ga 
Which one of the following has highest m.pt.? 
(1)B (2) Al 
(3) Ga (4) Tl 
In which of the following element +1 oxidation state is 
more stable: 
(1)B (2) Al 
(3) Ga (4) Tl 
Which one is not a borane? 
(1) BH, (2) B5Hj9 
(3) BSH), (4) BE 
The structure of boron nitride resembles that of 
(1) Boric acid (2) Graphite 
(3) Borazine (4) Borazole 


When orthoboric acid is heated to red heat the residue is 

(1) Boron (2) Boron oxide 

(3) Pyroboric acid (4) Metaboric acid 

Boric acid is a weak monobasic acid and acts as Lewis acid 
(1) By donating H® 

(2) By accepting OH 

(3) By donating lone pair of electrons 

(4) By accepting lone pair of electrons. 

Among group 13 elements the one forming an amphoteric 
oxide is 

(1) TI (2) Al 

(3) B (4) In 

The stability of monohalides of group 13 elements 

(1) Increases down the group. 

(2) Decreases down the group. 

(3) First increases and then decreases 

(4) First decreases and then increases 

Which is correct for the structure of diborane? 


(1) It contains four (2c, 


2e) covalent . 
covalent bonds. bonds and two (3c, 2e 


D a ee 
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(2) It contains three (2c, 2e) covalent bonds and three 
(3c, 2e) covalent bonds. 
(3) It contains two (2c, 2e) covalent bonds and four (3c, 2e) 
covalent bond. 
(4) It contains six (2c, 2e) covalent bonds. 
85. Which one is borazole or borazine (inorganic benzene)? 
(1) B (2) B,N,H, 
(3) B-H6 (4) BH, 
86. Which one of the following is correct statement? 
(1) The hydroxides of Al is more acidic than that of B. 
(2) The hydroxides of B is basic while that of Al is 
amphoteric. 
(3) The hydroxide of B is acidic, while that of Al is 
amphoteric. 
(4) The hydroxides of B and Al are amphoteric. 
87. When Al is added to NaOH solution 
(1) No action takes place 
(2) NaAlO, is formed and H, is evolved 
(3) Al(OH), is formed and H, is evolved 
(4) Na,AlO, is formed and H, is evolved 


88. Aluminium becomes passive in 


(1) Cr,0, (2) Conc HNO, 

(3) HCIO, (4) All of the above 
89. Aluminium carbide on hydrolysis produces 

(1) Acetylene gas (2) Methane gas 

(3) Carbon dioxide gas (4) All of the above 


90. The trihalides of group 13 are hydrolysed by water and they 
fume in moist air due to the 


(1) Formation of hydrogen halide 
(2) Formation of haloboric acid 
(3) Formation of halogen gases 
(4) None of the above 
91. Diborane is prepared on large scale by 
(1) 2BFy,) + 6LiH,,, —~*> B,Ho,) + 6LiF,) 
(2) 2BCIy,,) + 6LiH,,) —~~> B Hg) + 6LiCli) 
450K 


(3) 2BF,,) + 6NaH—***_, BH, + 6NaF 


(4) 2BCI, + 6NaH—*"*._, BH, + 6NaCl 


92. Which one is covalent compound 


(1) AL(SO,), (2) ALO, 
(3) AICI, (4) AIF, 
93. Borax bead test is not given by 
(1) Copper salts (2) Cobalt salts 
(3) Nickel salts (4) Aluminium salts 
94. The borax bead test can be used to detect the presence of 
(1) Al (2) Mg 
(3) Na (4) Fe 


95. Alums can be used for 
(1) Purification of water and styptic to arrest bleeding 


(2) Mordant in dyeing and in calico printing 
(3) In tanning of leather, for sizing of paper and in fire 
extinguishers 


(4) All of the above 
96. Which one of the following is not an electron deficient i 


compound 

(1) BCI, (2) AICI, 

(3) BAH, (4) ALCI, 
' 


97. Borax bead test is based upon the formation of 
(1) Metaborates (2) B20; 
(3) H,BO, (4) Boron 
98. BF, is used as a catalyst in several industrial processes due 
to its: 
(1) Strong reducing nature | 
(2) Weak reducing nature | 
(3) Strong Lewis acid nature 
(4) Weak Lewis acid character 
99. Specify the coordination geometry around and the 
hybridisation of N and B atoms in 1:1 complex of BF 3 and 
NH,. | 
(1) N : tetrahedral, sp? ; B : tetrahedral, sp 
(2) N: pyramidal, sp ; B : pyramidal, sp 
(3) N : pyramidal, sp? ; B : palnar, sp? 
(4) N : pyramidal, sp’: B : tetrabedral, sp 
100. Which one of the following is the correct statement ? 
(1) B,H,:2NH, is known as inorganic benzene. 
(2) Boric acid is a protonic acid. 
(3) Beryllium exhibits a coordination number of six. 
(4) Chlorides of both beryllium and aluminium have 
bridged chloride structures in solid phase. 
101. In the structure of [B,O,(OH),]” 
(1) All four B atoms are trigonal planar. 
(2) One B atom is tetrahedral and the other three B atoms 
are trigonal planar. 
(3) Three B atoms are tetrahedral and one B atom is trigonal 
planar 
(4) Two B atoms are tetrahedral and other two are trigonal 
planar 
102. The pH of an aqueous solution of Al" is likely to be 
(1) Neutral (2) Acidic 
(3) Slightly basic (4) Highly basic 
103. In the reaction: 
2X + B,H, — [BH,(X,)]® [BH,]° 
Which of the following is not ‘X’? 
(1) NH, (2) CH,NH, 
(3) (CH,),NH (4) (CH,),N 
104. B C,H; is isoelectronic with . | 
(1) (ByHy,)* (2) BH, 
(3) (BH) (4) (B,,H,,)° 
105. The correct order of the atoms in terms of their IE 1s: 
(1) Li<B<Be<C (2)Li<xBe<B<C 
(3) Li>B>Be>C (4) Li>Be>B>C 
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pte j?! und 
aC - 3¢ ) compoun 
(1) odd e -deficient compound 
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p alectron deficient compound 
(3 sp hybridized compound 
, BH p , 
l Reducing agent (2) Oxidising agent 
gleaching agent (4) Complexing agent. 


3) 
ect incorrect statements 


Sel o 

| i Borax in its crystal possess 2 tetrahedral and 2 plane 
triangular units 
) Aluminium vessels are not washed with washing soda 
ility of TI? > In® > Ga® 

3) Stability O a 

(4) BCI, is not hydrolyzed while SiC1, can be hydrolyzed. 
p. Select the incorrect statement about B,H,. 

(1) Bis sp’ hybridized 

(2) There are two terminal B—H bonds for each B-atom 

(3) There are only 12 bonding electrons available 

(4) B—H—B angle is 180°. 
{0 Na.B,0,-10H,0 —~ (A) + NaBO, + H,O 


(A)+Cr,0,; —— (B) 
Compound (A) and colour of compound (B) is: 
(1) B,O,, Blue (2) Na,BO,, Blue 
(3) B,O,, Green (4) Na,BO,, Green 
ill. Select the incorrect statement about borax. 
(1) Itis a useful primary standard for titrating against acids. 
(2) Its aqueous solution can be used as buffer 
(3) In its structure out of 10 molecules of H,O, four H,O 
molecules are part of its structure 
(4) sp hybridised B-atoms only participate in (pr 
back bonding 
112. The given reaction can proceed in forward direction b 
addition of: 


- pT) 


y the 


B(OH), + NaOH —> Na[B(OH)4] + NaBO, + H,O 
(1) Borax (2) Na,HPO, 
(3) Trans-1, 2-diol (4) Cis-1, 2-diol 


1+ (X) 


113. 4LiBH, + SiC1, — SiH, + 4LIC E 
he above reaction 1s 


The incorrect statement about (X) int 
(1) 42e — 2C) bonds 

(2) 12es are involved in bonding 

(3) 2(2e° — 3C) bonds 

(4) “X? does not react with NH, 


t cations of Ga, In, TI 


Multiple Correct Answers Type 


Physical and chemical properties 
l Stability of monovalent and trivalen 
lie in following sequence: 
(1) Ga?* < In?* > TI” 
(3) TIE > In? > Ga? 


+ 
seca > TP 


(2) Ga i 


10. 


11. 


12. 
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~ Whi i 
hich of the following metals are extracted by using Al as 


reducing agent ? 


(1) Na from Na,O . (2) Cr from Cr,O 
(3) W from WO gO 
p 3 (4) Mg from MgO 
- Aluminium becomes passive in: 
conc. HNO, (2) H,CrO, 
(3) HCIO, (4) conc. HCI 
- Possible oxidation states of boron family elements are: 
(1) +1 (2) +2 
(3) +3 (4) +4 
. Which of the following element do not form carbide? 
(1)B (2) Al 
(3) In (4) Ga 


. Gallium has smaller atomic radius than aluminium because 


of 
(1) Poor shielding power of d electrons of Ga atom 


(2) Poor shielding power of s electrons of Ga atom 
(3) Greater shielding power of s electrons of Al atom 
(4) Greater shielding power of d electrons of Ga atom 


. Which of the following compound(s) undergo dispropor- 


tionation in aqueous solution? 
(1) TICL (2) GaCl 
(3) InCl (4) TICI 


. Which of the following statements are correct for Al? 


(1) Bad conductor of electricity 
(2) Malleable and ductile 

(3) Found free in nature 

(4) Alloys of Al are light 


. Alumina is 


(1) A bad conductor of electricity 

(2) Good conductor of electricity 

(3) A dehydrating agent 

(4) Insoluble in water 

Which of the following minerals contain aluminium ? 


(1) Fluorspar (2) Feldspar 
(3) Mica (4) Carborundum 
BCI, has 


(1) a planar trigonal structure 
(2) an electron deficient compound 
(3) zero dipole moment 
(4) a Lewis base 
Select incorrect statements 
(1) Anhydrous aluminium chloride (AIL,Cl,), a covalent 
compound and soluble in water giving, [Al(H,0) pt 
and CI” ions p 
(2) BX + NH, — ramaan ? (HN: > BX, ) 
Adduct 
The heat of adduct formation is maximum for BF 


(3) Alumina (A1,0,) is insoluble in H,O due to hi 
; to 
hydration and low lattice energy. i high heat of 


(4) B;N,H, is an electron deficient compound 
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13. Select correct statements 

(1) Colour of the bead in borax bead test is mainly due to 
the formation of metal meta-borates 

(2) Borax on reaction with mineral acid gives orthoboric 
acid, 

(3) (AICI,),, sublimes on heating 

(4) B,H,(g) is obtained by the reaction of NaH or NaBH, 
with BF, under anhydrous condition 


14. Select correct statements 


(1) Borate salts when heated with conc. H,SO, and C,H,OH 
produces characteristics green colouration on flame due 
to the formation of volatile © »H,),B 


(2) In potash alum, each AI” ion is surrounded by 24 
molecules of H,O 


(3) BH, exists as dimer 
(4) BCI, does not exist as dimer 
15. Select incorrect statements 


(1) EN of Al = 2.0, En of O = 3.5. From EN values alumina 
is ionic compound 


(2) Diborane at low temperature on reaction with NH, for 
borazole. 


(3) Diborane at high temperature on reaction with NH, 
forms an adduct 


(4) Boron carbide is B,C or B,C, 
16. Select correct statements 


(1) Borazole shows addition reaction and with Cl, produces 
B3N3H,Cl, in which Cl is bonded to N-atom 


(2) In AlL,Cl,, the angle CI-AI-Cl is 110° and 93° and the 
angle AI-CI-A] is 87° 


(3) Four Al-C] bonds are of same length and two of different 
length 


(4) AL(SO 4)3 on reaction with NH,OH produce SO, gas 
Compounds of 13 groups 
17. Which of the following oxides are basic? 
(1) B,O, (2) TLO 
(3) In,O, (4) ALO, 
18. AL(SO,), + NHOH —> X; X is 
(1) A white gelatinous precipitate 
(2) Soluble in excess of NH,OH 
(3) Soluble in excess of NaOH 
(4) Amphoteric in nature 
19. Which of the following statements are true for H,BO,? 
(1) It is weak monobasic acid and a Lewis acid. 
(2) It does not act as a proton donor but acts as an acid by 
accepting hydroxy] ions. 
(3) It has a layer structure in which BO, units are joined by 
van der Waals forces of attraction, 
(4) It is obtained by treating borax with conc H,SO,. 
20. In the reaction 
2X + B,H; — [BH,X,]® [BH,]° 
the amine(s) X is (are): 
(1) NH, (2) CH,NH, 
(3) (CH;),NH (4) (CH3),N 


21. Select the conieci daiemeataboutdibomne Ts | 
(1) B,H, has three-centre two on bond | 
(2) Each boron atom lies in sp hyrid state 
(3) H,... B... Hy bond angle i is 122° 
(4) All hydrogens in B,H, lie in the same plane 
22. Orthoboric acid (H,BO,) and metaboric acid (HBO 


in respect of: 2) diff 
(1) Basicity (2) Structure 
(3) Melting point (4) Oxidation 

23. Diborane reacts with ammonia under different conditi ioi 
give: 
(1) B,H,:2NH, (2) BH; 
(3) B,N,H, (4) (BN), 

24. BF, is 


(1) Electron-deficient compound 
(2) Lewis acid 
(3) Used as rocket fuel 
(4) Ionic compound 
25. Boric acid is prepared from borax by the action of 
(1) HCl (2) NaOH 
(3) CO, (4) H,SO, 
26. Which of the following are incorrect statements? 
(1) BH, is a stable compound. 
(2) Boron hydrides are readily hydrolysed. 


(3) Boron hydrides are formed by the reation of MgB. mi 
dil HCl. 
(4) All B-H bonds in B,H, are equal. 
27. Potash alum is used as a 
(1) Disinfectant 
(2) Water softener 
(3) Mordant in textile industry 
(4) Fibre in polymer industry 
28. Boranes have general formula: 
(1) B,H,3 (2) BH, 
(G) B H a (4) BH. 
29. Double sulphates of a divalent and mivalent == 
crystallised with 24 molecules of water of crysis 
are called pseudoalums and are not isomorphous Wil © 
alums. Which of them is/are pseudoalums” 


(1) MnSO,-Al,(SO,),-24H,0 
(2) FeSO; AL (SO); 24H,0 

(3) ZnSO,-Al(SO,),-24H,0 
(4) CaSO, AL(SO,)y24H,0 


Ce | 


Paragraph 1 p 
The heavier members of 13 and 14 groups besides the ” 
oxidation state also show another oxidation state pa 
units less than the group oxidation state. Down the grou? lo 
the stability of higher oxidation state decreases and that © 


‘oS 
tion . 
if si effect has been used to explain man 


if n properties of the element of these grou 
miM“ 


jt! 


gate increases. This concept which is commonly cag 
Y physical and 
ps. 

j aviet members of group 13 exhibit oxidation state 

"43 only (2) +1 only 

a) +] and +3 both (4) +1, +2, +3 


- hich among the following is the strongest Oxidising 


agent? 

0) SiO, (2) GeO, 

3) SnO, (4) PbO, 
, Which among the following is the strongest reducing agent? 
i (1) GaCl (2) InCl 

3) BCI; (4) TIC] 
4 The strongest reductant among the following is 

(1) SnCl, (2) SnCl, 

(3) PbCl, (4) GeCl, 


; Which of the following statement is wrong ? 
(1) TIM) salt undergo disproportionation. 
(2) CO is used as a reducing agent. 

(3) CO, is a greenhouse gas. 
(4) SiO, is a covalent solid. 


í. Which of the following act as the strongest acid? 


(1) TLO; (2) SnO, 
(3) PbO, (4) CO, 
*rasraph 2 


xspite the fact that aluminium is a reactive metal, it is stable in 
zz well as in water. This is due to the formation of thin layer of 
=é on the surface of aluminium metal which makes it passive 
x iurther attack. The layer is so useful, that in industry, it is 
=posely deposited by an electrolytic process called anodising. 


zation of aluminium with oxygen is highly exothermic and is 
Zid thermite reaction. 


o, 3 o P 
wt Og ALO AH” = — 1670 kJ mol 


“Steaction finds application for welding of metals and in the 
“allurgical extraction of many metals from their oxides. The 
“ation is that to start the reaction, high temperature is required 
“Which an ignition mixture is required. 


1 Which of the following metals cannot be extracted by using 
as a reducing agent? 


(1) W from WO, (2) Mn from Mn,0, 

(3) Cr from Cr,0, (4) Na from Na,O 
Aluminium becomes passive in: 

(1) H,Cro, (2) conc HNO, 

8) HClo, (4) NaOH 


9, oa , À í 
Anodising can be done by electrolysing dil H,SO, with Al 
‘anode. This results in: 


(1) Formation of Al,(SO,), on the surface of Al anode 
Formation of ALO, on the surface of Al anode 


10. 


11. 


12. 
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(3) Formation of polymeric aluminium hydride film on the 
surface of AJ anode 


(4) None of the above 


The reaction which is not involved in thermite process is 
(1) 2Fe + Al,O, —> Fe,O, + 2Al 

(2) B,O, + 2Al —> 2B + Al,O, 

(3) 3Mn,O, + 8Al —> 9Mn + 4A1,0, 

(4) Cr,O, + 2Al —> 2Cr + ALO, 

Thermite mixture used for welding is 

(1) Fe,O, and Al powder (2) BaO and Mg powder 
(3) Fe and Al (4) Cu and Al 

Anodised aluminium is 

(1) Al obtained at anode 

(2) Al prepared electrolytically 

(3) Alloy of Al containing 95% Al 

(4) Al electrolytically coated with Al,O, 


Paragraph 3 
Colemanite + Na,CO, — i, (A) + (B) + CO, 
(A) + CO, —> (B) + Na, CO, 
Solution 
(B) + conc HCI —> NaCl + (C) 
Acid 
(C) + H,O —> (D) 
Acid Acid 


ong heati 
(D) — Strong heating _, (E) 


(E) + CuSO, — pna? ©) 
Blue-coloured compound 
13. Colemanite is 
(1) Ca,B,O,, (2) Ca,B,0,, 
(3) Ca,B,0,, (4) Ca,B.O,, 
14. Compound (A) is 
(1) NaBO, (2) Na,B,O, 
(3) Na,BO, (4) NaOH 
15. Compound (B) is 
(1) Na,B,0, (2) NaBO, 
(3) Na,BO, (4) NaOH 
16. Compound (C) is 
(1) H,B,0; (2) HBO, 
(3) H,BO, (4) H,O 
17. Compound (D) ts 
(1) H,B,0, (2) HBO, 
(3) H,BO, (4) H,O 
18. Compound (E) is 
(1) B,O, (2) B . 
(3) H,BO, (4) None of these 
19. Compound (F) is 
(1) CuS (2) Cu,O 
(3) CuSO, (4) Cu(BO,), 
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Paragraph 4 

Boron with hydrogen forms a number of hydr 
known as boranes. These hydrides are classified into closoboranes 
and nidobaranes. The simplest hydride of boron is diborane. Boron 
(2c, 2e) bonds also contain (3c, 2e) bonds. 


ides which are 


apart from having 
20. General formula of closoboranes is 
(1) BH, 44 (2) BH, +6 
(3) BH, +2 (4) B,H,,_4 
21. General formula of nidoboranes is 
(1) BH, 44 (2) BH, 4 6 
(3) BH. (4) B,H,, _4 
22. Diborane is 
(1) B,H, (2) B,H, 
(3) BH, (4) BH, 
23. Boron in diborane is _ hydridised. 
(1) sp (2) sp? 
(3) sp” (4) dsp” 
24. Three centre two electron (3c, 2e) bond is present in: 
(1) BCI, (2) B(OH), 
(3) BH, (4) B,H,, 


25. In B,H,, 
(1) There is B-B bond 
(2) All the atoms are in one plane 
(3) The boron atoms are linked through hydrogen bridges 
(4) All the B-H bond distances are equal 
26. Which of following is an electron-deficient compound? 


(1) BH, (2) BH, 
(3) CH, (4) NH, 
Paragraph 5 


Boron reacts with oxygen at 700°C to give (A). Compound 
(A) reacts with carbon and dry chloride to give (B) and carbon 
monoxide. (B) on reduction with LiAIH, gives (C) along with 
LiCl and AICI,. (C) on reaction with ammonia gives (D), which 
on heating gives (E). (C) on reaction with NaH gives (F). 


27. Compound (A) is 
(1) BO, 
(3) BO, 

28. In compound (B): 
(1) Boron is sp’ hybridised 
(2) B is triangular planar molecule 
(3) It is a Lewis base 
(4) Dimer 

29. Compound (C) is 
(1) An electron-deficient compound 
(2) Contain (3c, 2e) bond 
(3) Has ethane like structure 
(4) An ionic compound. 

30. Compound (D) has B in 
(1) sp (2) sp” 
(3) sp" (4) dsp’ 


(2) B,O, 
(4) B,O, 


hybridised state 


ee 

31. Compound (E) is 

(1) Inorganic benzene 

(3) Borazon 
32. Compound (F) behaves as 

(1) Reducing agent 

(3) Complexon (4) Buffer 
33. Compound (B) and (C) are and respectively 
(2) BCL, B4H 9 


(2) Borazine 
(4) Diborane 


(2) Oxidising agent 


(1) BCI,, B,H, 
(3) B,Cl,, BH, (4) BCL, B4Hy, 
Paragraph 6 


Borax is actually made of two tetrahedra and two triangular units 
joined together and should be written as 


Na,[B,O,(OH),]'8H,9 
34. Consider the following statements about borax: 
A : Each boron atom has four B—O bonds. 
B : Each boron atom has three B—O bonds. 
C : Two boron atoms have four B—O bonds while other 
two have three B—O bonds. 
D : Each boron atom has one—OH group. 


Select correct statement(s): 

(1) A,B (2)B,C 

BCD (4) A,C 

35. Select the correct statement(s): 

(1) Borax is used as a buffer. 

(2) 1 M borax solution reacts with equal volumes of 2 M 
HCI solution. 

(3) Titration of borax can be done by using methyl orange 
as the indicator. 

(4) Coloured bead obtained in borax-bead test contains 
metaborate. 


Paragraph 7 
The molecular shapes of diborane is shown below: 


Bex 90H 
B ‘B 


36. Consider the following statements for diborane: 
i. Boron is approximately sp hybridised 
ii. B—H—B angle is 180° 
iii. There are two terminal B—H bonds for each boron 
atom. 
iv. There are only 12 bonding electrons available 
Of these statements: 
(1) i, iii and iv are correct (2) i, ii and iii are correct 
(3) ii, iii and iv are correct (4) i, ii and iv are correct 
37. Select correct statement about BH: 
(1) Bridging groups are electron-deficient with 12 valence 
electrons. 
(2) It has (2c, 2e) B—H bonds. 
(3) It has (3c, 2e) B—H—B bonds. 
(4) All of the above are correct statements. 
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Potash Ee Selina 1 aluminium uum fluoride 
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ry vi. ESAS 
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“b. | Borax |i | Alloy 
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d. | Anhydrous AlCl, | iv. | Complex blue-coloured 
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3 | Magnelium | v. | Tincal 
=< a 
f. | Diborane vi. | (3c, 2e) bond 


Column H 


i. | Diamond 


a. | Inorganic benzene 


Mordant 


b. | Inorganic graphite 


& | Jeweller’s borax 


€. Lubricating agent 


f. | An abrasive 


Column I 
~~ Characteristics 


~ [M,''SO,. M, 
BH, 
M'*SO, 


M 3 (S04):24H,0 


Pseudo alums 


Di 
3[BH,(NH;);]” [BH] 

|A 
2B,N3H, plZe, a — 


3 (S0,)24H,0. 


S; 


: < Column I | Column II 


conductivity 
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eon a 


ene ee 


Good thermal 
St 


Utensils 


ii. | Building ships 
and aircrafts 


Good electrical ii, _Adsorbent 


) Food packing 
resistance to 
corrosion 


v. | Electric wires 


as Sa GN Po 


vi. “Graphite 


i. Na, [B,O.(OH),] 


| 
| ii, | K,03AL0,-6Si0,2H,0 
| 


ce. |Feldspar | iii. | Al,O,2Si0,,2H,0 
pa Mica iv. KAISi,O, 

e Kaolinite | v. H,BO, 

Diaspore Vi. | ALO,-H,O 


í are acg â ce 
On heating it gives a transparent glass lik 


p. {spy Bc, 28) bond 


Column I 


B+ AD, ote | F TS: 


(excess) 


ii, BN 
ili NaNO, + BO, 
iv. B, H, 


Column Ill 


Characteristics TU 


nel 


Both sp and sp hydridised B atoms 
Ring structure with alternate BH and NH groups 


‘Bach metal is surrounded by six water molecules 


‘More reactive than benzene 


6.56 Inorganic Chemistry 


For Q.8 to Q.11 . 
Answer the questions given below by appropriately matching the 
information given in three column of the following table. 


[Commn | | Coumi | | couma 


i E.C. of Cae Coe | 


Basic oxides 


Icosahedron 
structure 


Amphoteric 
oxides 
Acidic oxides 


Lowest melting 
point and exists 
as liquid at room 
temperature 


Its (+1) compounds are 
toxic as they upset the 
enzyme systems in the 


highest boiling point in 
the group 


8. For aluminium, correct combination is: 


(1) b-iv—r (2) c—i-r, t 

(3) cir (4) cit 
9. For gallium, correct combination is: 

(1) cir (2) c—it 

(3) cir, t (4) b-iv—-r 


10. For thallium, correct combination is: 


(1) c-i-t, t (2) Gat 

(3) c-i-t (4) a—ii—p 
11. For boron, correct combination ts: 

(1) d—iii-q (2) d—ili-q, s 

(3) d-ili-s (4) b-iv—r 


Numerical Value Type Ill 


1. What is the value of ‘x’ in the silicate mineral, Be,ALSi 0,4? 
2. What is the value of ‘x’ in colemanite, Ca,B Or 6H,07 
3. How much nitrogen is evolved when one gram of ammonium 

chloride is heated with borax strongly? 

4. How many orbitals of boron are involved in the hybridisation 
in B,H,? 

5. Borax is correctly represented as Na,[B,O 3(OH),] - 8H 0: 
How many tetrahedral boron atoms are present in the 
structure of borax? 

6. How many isomers of B 3N3H,X, are possible? 

7. How many water molecules of crystallisation are present 
in crystalline aluminium chloride? 

8. How many water molecules of crystallisation are present in 
borax, Na,B, O,-10H,O? 


9. How many moles of NO, are produced when mole of B 
reacts with HNO,? 


TE Archives an 


JEE Main 


Single Correct Answer Type 
1. Boron can’t form which one of the following anions? 
(1) BFE (2) BH, 
(3) B (OH), (4) BO, (AIEEE 2011) 


JEE ADVANCED 


Single Correct Answer Type 


1. In the context of the Hall—Heroult process for the extraction 
of Al, which of the following statements is false? 
(1) CO and CO, are produced in this process 


(2) ALO, is mixed with CaF, which lowers the melting point 
of the mixture and brings conductivity 


(3) Al?* is reduced at the cathode to form Al 
(4) Na, AIF; serves as the electrolyte 
(JEE Advanced 2015) 


2. The increasing order of atomic radii of the following Group 
13 elements is 


(1) Al<Ga<In<T] (2)Ga<Al<In<TI 
(3) Al < In < Ga <T] (4) Al< Ga<Tl<In 
(JEE Advanced 2016) 


Multiple Correct Answers Type 
1. In the following reaction, 
2X+B »H,—> [BH,(X), T [BH al 
The amine(s) X is/are 
(1) NH, (2) CH,NH, 
(3) (CH,),NH (4) (CH,),N 
= (IITJEE 2009) 
2. The correct statement(s) for orthoboric acid is/are 
(1) It behaves as a Weak acid in water due to self-ionization 


(2) Acidity of its aqueous solution increases upon addition 
of ethylene glycol 


(3) It has a three-dimensional structure due to hydrogen 
bonding 


(4) It is a weak electrolyte in water 
(JEE Advanced 2014) 


i. ‘ Al(CHy)3 has the three-centre two-elect 


„Jl boron atoms in the same plane 
7 qual number of sp* and sp? hybridized 
nete rminal hydroxide per boron atom 


wo — 
I orl ~ 
a 


boron atoms 


(4) 


(JEE Advane 
a ed 2016 
jong the following, the correct statement ) 


(s) is(are) 


ro oe 
dimeric structure n bonds in its 


») BH, has the three-centre two-electro 


~ dimeric structure n bonds in its 


orystalline form of borax has 
/ che 
} bi yetranucleat [B,0.(OH),]" unit P-Block Group 13 Elements: The Boron Family 6.57 


(3) AIC] 
di 3 has the three-centre two-electron bonds in its 
Imeric structure 


4) The | wie, sa: 
(4) The Lewis acidity of BCI, is greater than that of AICI, 
(JEE Advanced 2017) 


Numerical Value Type 


1, Th 3 i i 
e coordination number of AI in the crystalline state of 


AICI, is 


(IIT-JEE 2009) 


ai | 
ori moles of B„H, are completely reacted with methanol. 
me number of moles of boron containing product formed 


(JEE Advanced 2015) 
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a Comprehension Type 

BO ama 320) 44A 5. (1) 
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6. (4) 7. (4) 8.(1,2,3) 9. (1) 10. (1) 
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Matrix Match Type 


6. (a > q, b > p, c >s, d>r,) 

7. (a > iv-q; b > v-r, t; c > 11-p; d > i-s; e > iii-s) 

8. (1) 9. (3) 10. (4) 11. (2) 
Numerical Value Type 

1. (6) 2. (6) 

6. (4) 7. (6) 


3. (0) 
8. (8) 


4. (4) 5. (2) 
9. (3) 
ARCHIVES 
JEE Main 
Single Correct Answer Type 
1. (1) 
JEE Advanced 
Single Correct Answer Type 
1. (4) 2. (2) 
Multiple Correct Answers Type 


1. (1, 2,3) 2. (2,4) 
4. (1,2,4) 


Numerical Value Type 


1. (6) 2. (6) 


a) Ye 


3. (1, 3, 4) 


ow 


1, Group 14 of the periodic table constitutes carbon (C), silicon 
(si), germanium (Ge), tin (Sn) and lead (Pb). 

1, Occurrence: 

a, Carbon is the seventeenth and silicon is the second most 
abundant element by mass in the earth’s crust. 

b. Carbon is found in both native and combined states. 

¢, Silicon is present in nature as silica, SiO, (sand and 
quartz). 

d. Germanium occurs in traces. 

e. Tin occurs as cassiterite or tinstone, SnO.. 

f. The principal ore of lead is galena, PbS. 

Atomic and physical properties: 

a. General electronic configuration: ns? np”. 

b. Electronic configuration of C and Si differs from that of 
Ge, Sn and Pb. C and Si have noble gas core beneath the 
valence shell, whereas Ge, Sn and Pb have fully filled lesser 


shielding d and/or f-orbital in-between the valence shell and 
the noble gas core. 


& Covalent radii: C > Si > Ge > Sn > Pb. 

d. Ionisation enthalpy: C > Si > Ge > Pb > Sn. 

e Electronegativity: C > Si; after Si, electronegativity 
remains constant from Si to Sn. 

f. Non-metallic character decreases, or metallic character 

increases, down the group (4) 


C Si Ge Sn Pb 
eee uuu 
Non-metals Metalloid Metals 


8 Melting point and boiling point decrease down the 


group. | 
: All the elements show tetravalency as the aime 
energy required to unpair and promote an electton a 
Ns to np is more than the energy compensated by the 
energy released during MX, formation. 
: Oxidation states: 
a. Due to inert pair effect, C and S 
State, whereas Ge, Sn and Pb show +4 and 
States. 


i exhibit +4 oxidation 
+2 oxidation 


"IÀ __ OVERVIEW 


i i Elements: The Carbon Family 
gro 


b. Stability of +4 oxidation decreases in the order: 
Ge > Sn > Pb. Tendency to behave as oxidising agent 
increases down the group, i.e. Ge < Sn < Pb, i.e. Pb(IV) 
compounds are strongest oxidising agents. 


c. Stability of lower oxidation state (+2) increases in the 
order: Ge < Sn < Pb. Tendency to behave as reducing 
agents decreases down the group: Ge > Sn > Pb, i.e. Ge( II) 
compounds are the strongest reducing agent. 

d. Pb(II) compounds are more stable than Pb(IV) 


compounds; thus, Pb(IV) compounds act as strong oxidising 
agent. 


. Carbon shows the maximum covalency of 4, whereas Si, Ge, 


Sn and Pb show the maximum covalency of 6. This is due 
to the absence of vacant d-orbitals in C and the presence of 
these orbitals in the valence shell in Si, Ge, Sn and Pb. 


. On heating with oxygen O,, group 14 elements form oxides 


of the type MO,. 

CO, SiO, GeO, SnO, PbO, 

ee ee a 
Acidic Amphoteric weakly basic 


Acidic nature decreases 


They dissolve in alkali (e.g. NaOH) to form carbonates, 


silicates, germanates, stannates and plumbates of the type 
Na,MO,. 


. Hydrides: All group 14 elements form covalent hydrides. 


Down the group (1), the number of stable hydrides and ease 
with which these are formed decreases due to decrease in 
M-—M and M-H bond strength. Hydrides are gaseous. Down 
the group, their thermal stability decreases, and consequently 
their reducing nature increases. 

Thermal stability: CH, < SiH, < GeH,< SnH, < PbH, 
Reducing nature: CH, > SiH, > GeH, > SnH, > PbH, 


- All group 14 elements form tetrahalides of the type MX,, 


except lead which forms PbBr, and PbI 4 These halides 
are covalent and formed by sp* hydridisation. The thermal 
Stability decreases in the order: 

CX, > Six, > GeX, > SnX, > PbX, 

Except carbon halides, 
hydrolysed by water due to 


Tetrahalides behave as str 
complexes, 


all other halides are readily 
the presence of vacant d-orbitals. 
ong lewis acids and readily form 


7.2 Inorganic Chemistry 


10. The ability of the atoms of the same element to link with one 


11. 


12. Diamond: e 


13. Graphite: e 


another by a covalent bond to form long chains, branched or 
cyclic compounds, is known as catenation. Carbon exhibits 
the unique tendency for catenation. The catenating ability 
decreases down the group: 

C >> Si > Ge >Sn>Pb 

Lead shows no catenating ability. 

The phenomenon by which an element exists in two or 
more crystalline and amorphous forms, differing in physical 
properties but having almost similar chemical properties, is 
known as allotropy. The phenomenon of allotropy arises 
due to differences in: 

a. The arrangement of atoms in the lattice structure. 

b. The number of atoms in the molecule. 

c. The method of crystallisation. 

Allotropes of carbon: 


a. Crystalline e Diamond 
e Graphite (thermodynamically 
e Fullerenes Most stable) 
b. Amorphous e Coke 
or microcryst- e Charcoal 
alline forms ° Lamp black 
Allotropes of e Amorphous 
silicon e Crystalline 
Allotropes of + Grey 
tin e White (most stable) 
e Rhombic 


Purest form of carbon 

e Crystalline 

e Hardest natural substance known 

e Bad conductor of heat and electricity 

e Transparent to X rays and glows in UV light 

e High refractive index (2.45) 

e Chemically inert (as each C is sp” hybridised 
and has no unpaired electron present) 

e Giant three-dimensional structure, C—C 

(1.54 A) and bond angle 109.5° 

Soft, greasy, dark greyish coloured cry-stalline 

solid 

e Good conductor of electricity 

e Also known as black lead or Plumbago, as 
it leaves black mark on paper 

e Chemically more active than diamond 

e Each C is sp? hybridised; C-C (1.42 A); 
interlayer distance 3.4 A 

e Thermodynamically more stable form 


14. Fullerenes or Buckminsterfullerenes or bucky balls: 


fullerene 


Ca : © 12 five-membered rings 
e 20 six-membered rings 
e Six-membered rings are fused with other 


six-membered as well as five-membered ring 


15. 


16. 


17. 


18. 


19. 


e Five-membered rings are fused with ð 


À , th 
six-membered rings only i 


Cro : e 12 five-membered rings 
fullerene | ¢ 25 six-membered rings 
e Six-membered rings are fused with other 
six-membered as well as five-membered 
rings 
e Five-membered rings are fused with other 
six-membered rings only 
Both C,, and C,, fullerenes have alternate single and double 
bonds, similar to the structure of a benzene. 
Amorphous or microcrystalline forms of carbon: 
a. Coke 
b. Charcoal—Wood charcoal, animal charcoal (bone black), 
sugar charcoal, activated charcoal 
c. Carbon black or lamp black 
Tin produces a crackling sound on bending, which is known 
as tin cry or cry of tin. 
Sn is very brittle and turns into powdered form. This is 
known as fin disease or tin pest or tin plague. White tin 
(B-tin) is stable at room temperature and transform into 
grey tin (a-tin) at 268 K. 
Non-oxidising acids do not attack C and Si. 
Sn dissolves slowly in dil HCI but readily in conc HCI. 
Pb dissolves in HCl forming insoluble PbCl,, which is 
soluble in hot water. 


Ge is not attacked by dil HCI; but on heating Ge metal in 
HCl gas, GeHCl, (germanium chloroform) is formed.Cone 
HNO, attacks Ge, Sn and Pb. 
Except carbon, Si, Ge, Sn and Pb dissolve in aqueous NaOH 
to evolve H}. 
M + 2NaOH + H,O —> Na,MO, +2H,Î 
Oxides of carbon: - CO, CO,, C,O, 
e Colourless, odourless gas. 
e Neutral oxide and sightly soluble in water. 
e Combustible but does not support combustion. 
e Poisonous gas; combines irreversibly with 
haemoglobin in red blood cells to form 
carboxyhaemoglobin, which is 300 times 
more stable than oxyhaemoglobin. Thus, 
haemoglobin no longer acts as an oxyg&? 
carrier. 
Hb + O, = Hb-O, 
(Oxyhaemoglobin) 


Hb + CO —> Hb-CO 
(Carboxyhaemoglobin) 


e Used as fuel in the form of water gas (CO 
| + H,) and producer gas (CO + N,) 

e Colourless, odourless and tasteless gas. 

e Slightly soluble in water, acidic oxide. 


e 1.5 times heavier than air. 


e— 


nn, eee 


, . e p-Block Grou i : 
7 Solid CO,, i-e. dry ice is used as arefrig-erant __P-Block Group 14 Elements: The Carbon Family 733 


and is known as Drikold or Cardice. H,NCONH, + H,O —> CO,Î + 2NH, 

a Ammonia 
Ammonia is converted into nitrates by nitrifying bacteria. On 
account of its slow conversion into ammonia and nitrates, 
CaNCN is a valuable fertiliser as its effects are of prolonged 


e Neither combustible nor a supporter of 
combustion. 


° Carbogen (i.e. 25% O, and 5% CO, ) is used 
for artificial respiration. 


nature. 

00; of | e Used as ire extinguisher. 23. Silicates: These are metal derivatives of silicic acid, Si(OH), 
p (207 c=0} e Foul elms gas. or H,SiO,. Silicates are formed by heating metal oxide or 
“1 carbides: These are binary compounds in which carbon carbonate with silica. The basic unit of silicates is SiO,” 
i sombines with more electropositive elements than itself (tetrahedron). 


(except hydrogen). Classification of silicates: 


classification of carbides: 
,, Jonic or salt-like carbides: Formed by highly 
slectropositive elements of groups 1, 2, 13 (except B), 
coinage metals, Zn, Cd and some lanthanides. These are 
further classified into: 
i Acetylides: Contain (C = C)* ion and give acetylene 
on hydrolysis, e.g. BaC,, CaC,. 
ii.Methanides: Contain C 4- ion and liberate methane 
on hydrolysis, e.g. Al,C,, BeC,. 
iii, Allylides: Contain e ion and give propyne or 
allylene on hydrolysis, e.g. Mg,C,. 
b. Covalent carbides: Formed by metalloids, e.g. B,C and 
SiC. 
c, Metallic or interstitial carbides: Formed by transition 
elements. Carbon being small occupies the interstitial 
position in the metal lattice. 
. Fuel: It is any combustible substance W 


No. of 
i oxygen General 
-| atom shared | formula of 
per SiO,” | basic unit 


unit 
Thortveitite, 


c. Cyclic silicates 2 (SiO; ), Benoitoite, 
BaTiSi,0, 


Phenacite, 
Be, SiO 4 


SiO,- 
O 


Infinite chain silicates 


i. Pyroxenes or 2 (SiO), 


metasilicates 
(single chain) 
hich on burning 
fundesirable 


t~ 
— 


ii. Amphiboles (SHOD E Temolite, 


produces heat energy without the production O 
product. 

Different types of fuel: 

a. Solid fuels: Wood, coal, coke, 
b. Liquid fuels: Petroleum products, €-8- Pe 
etc. 


charcoal etc. 
trol, kerosene 


c. Gaseous fuels: 
i.Water gas—Mainly consists of CO and H, 
ii.Coal gas—Mixture of CH, CO, C,H, C,H), CO), 


. Two-dimen- 


or meta [Ca,Mg;(oH),] 
tetrasilicates oP 
(double 

chain) 


(Si,0.)-"" Mica, clay 


sional sheet 
silicates 


. Three-dimen- 
sional sheet 


Quartz, 
tridymite etc. 


silicates or 


N, etc. N 

iii. Producer gas—CO and ^2 framework 

iv.Oil gas—Mixture of lower hydrocarbons CH4, C,H, minerals 

C,H, etc. ON , 

oaar es Mainly CH, 24. Zeolites: These are widely used as ion exchangers and are 
ne and jsobutane represented by the general formula 


vi. LPG—Mixture of buta 

vii. Biogas—Mainly CH, 

22. Calcium cyanamide: CaN 
Nitrolim, acts as a good nitrogenou 

to soil, it first changes into CaCO3 
CaNCN + CO,+ H,O —? CaCO; 


CN, commonly known as 
ç fertiliser. When added 
and cyanamide, 
+ H,N'CN 

Cyanamide 
Cyanamide hydrolyses in two to give ammonia, NH.. 
H,N-CN + H,O —_? H,NCON 2 

Urea 


25. 


M,,, [(AlO,).. (S10,),] ‘ZH,O 
where M is the metal cations, such as Na®, K® or Ca?* 
> a R 


n is charge on metal ion; and z i 
; z 1s the numbe 
r of moles of 


water molecules of crystallisation. 
Sodium sili iO,): Iti 
a m silicate (Na,Si0,): It is also known as water glass 
and is chemically sodium metasilicate containing an 
excess 


of silica. Its composition may vary from Na 
2 


Na,Si0,-3Si0,. SiO}: SiO, to 


7.4 


Inorganic Chemistry 


26. When in a solution of sodium silicate (p = 1.1 g cm”), 


some coloured metal salts such as cobalt nitrate or nickel 
chloride are placed and the whole solution is left as such 
overnight, beautiful hollow tubes of metallic silicate gel 
possessing different colours shoot up from these crystals, 
which look like plants. This is known as silica garden. 


27. Silicones: e Organosilicon polymers. 


e General formula (R,SiO), (where R= alkyl or 
aryl group). 

e Contain Si-O-Si linkage. 

e Synthesised by hydrolysis of aryl or alkyl 
substituted silicon halides followed by 
condensation. 

e These are stable towards heat and inert towards 
chemical reagents. 

e Good chemical insulators 

e Non-toxic and water repellents. 


31. Germanium: It is used in IR prisms and lenses. 


sindoor 


‘Chrome yellow 
Chrome ted 


Powdered lead 
monoxide : 


Massicot 


Red lead or | Lead oxide 


minium or 


Lead acetate 
basic lead 
carbonate : 


Sugar of lead 
white lead 


(CH,COO),Pb 
PbCO,Pb(OH), 


+ 
Lead chromate 


Basic lead 
chromate . 


“PbCrO, PbO 


32. SiC is called carborundum. It is hard and refractory material 


which is used as an abrasive. 


e Used in silicon therapy and cosmetic surgery. 33. a. B-tin or white tin is not attacked by air or water at ordinary 
28. Glass: It is a translucent or transparent amorphous temperature, but on heating with air or oxygen forms a 
supercooled solid solution of silicates and borates. Glass is b. B-tin is not attacked by dil HCI or H,SO, but dissolves in 
not a true chemical compound as its composition is variable. conc HCI or H,SO, to yield SnCL and SnSO 4 respectively, 
a a ada a an P c. With hot alkali, it forms stannates [Sn(OH) >. 
S27 MS0310,, where R = Na or K; M = Ca, Ba, , 
Parva. = 34. Lead (Pb) when exposed to air gets covered with a thin 
29. — of glass: Glass is attacked by HF; this property is eor oe n eins aie aan 
used in etching of glass. 4 a Es 
SiO, + 4HF SiF, + 2H,0 reacting with the acid. 
30. Some important terms: 35. Three crystalline forms of SiO, are quartz, tridymite and 
me as ar SUG cristobalite. Quartz is used as piezoelectric crystal. 
mmo | mula Se i 
ame 36. SiO, is acidic, GeO, and SnO, are amphoteric. and PbO, is 
Nitrolim “Calcium CaNCN Ni l 
| cyanamide 37. SnO, is prepared by heating Sn with air or conc HNO.. It 
Carborundum | Silicon carbide | SiC is ess as polishing powder and in the manufacture of glass 
| = and pottery. 
Water glass Sodium silicate | Na,SiO 
= E | 2 NA 38. Pb,O, is called red lead or sindoor and is a combination of 
Tin salt | Hydrated SnCl,-2H,O 2PbO-PbO,,. 
stannous . r . 
diede 39. Oil dag: It is a colloidal graphite solution in oil. It protects 
Fa SAAR 7 F - oa m x against corrosion. 
utter of tin Stannic nCl, 
| or oxymuriate chloride idi a0. agna dag: It is a colloidal suspension of fine particle of 
k aiia pentahydrate graphite in water, used as a lubricant. It forms a smooth 
| Litharge Crystalline lead | PbO continuous dry film with extra long wear life. 
| _monoxide 41. Sn has maximum number of 10 istopes. 


42. | carat of diamond = 0.2 g (200 mg). 


43. 1 B.T.U. (British Thermal unit) = 252 calories. 


f i 5 
p-Block Group 14 Elements: The Carbon Family 7 
Hybridisation, Geometry and shape of some compounds of Group 14 (4 e`) elements 


ois used } SN = Steric number, Ip = Lone pair, bp = bond pair, H = Hybridisation, G = Geometry, S = Shape T.H = Tetrahedron, 


E aai " 
A igonal bipyramid, O.H = Octahedral, Pbp = Pentagonal bipyramid, T.E = Transition elements, C.N. = = Coordination numbe 


4 d 
M0 of valence € ’S, M = No. of monovalent attached to central atom, O.S. = oxidation state., (e) = equatorial bond, (a) = axial bon 


(? — 
E O=C=O0(u=0) (Note n-bond are excluded from hybridisation) 


SN = 2bp, H = sp, Geometry = linear, 180 
pe lW +M)=5440)=2 p, H= sp ry 


A 


SN = lbp + p=? Geometry = linear, 180° 


Note: Ions of acids and per acids have same hybridisation at 
the central atom. 


i |H,CO, (Carbonic acid) (O.S. = +4) (diabasic acid) 


[C-atom does not have 
d-orbitals so one (pm—p7t) 
multiple bond] 


cor 
(Carbonate ion) 


H,CO, 
(Carbonic acid) 
O 


HCO} 
(Bicarbonate ion) 
O 


| : 

C5 5 Eo 
(c) 

H = sp 


HO € 0O 
(b) 
SN = 3bp 


oo 
(a) 


Geometry = Planar. 120° 


] 1 | 
H= V+ M)=—(442)=3 


(Due to three equivalent 
resonance structures) 


O 


O 
HO O 
(b) #0 


CO 
(Peroxy carbonate ion) 


[C-atom does not have 


d-orbitals, so one (pr-pr) 
multiple bond] 


HCO‘, 
(Peroxy bicarbonate ion) 


H,CO,(O.S = + 4) 
(Peroxy carbonic acid) 
or 


or (Peroxo-carbonate ion) 


(Percarbonic acid) or (Percarbonate ion) 


O 


|| 
HO—C—_o-—0—HB 
(a) 


Geometry = Planar 120° 


l J 
5 | +M) One) 


7.6 Inorganic Chemistry 


7.1 INTRODUCTION 


Group 14 consists of carbon (C), silicon (Si), germanium (Ge), 
tin (Sn) and lead (Pb). As in group 13 elements, in this group also 
there isa discontinuity in general properties between the elements. 
Carbon is strictly non-metallic, silicon is essentially a non-metal 
in its chemical properties, germanium is a metalloid, i.e. a semi- 
metal with pronounced metallic character, whereas tin and lead are 
metallic in nature. Carbon is an essential constituent of all organic 
matter, whereas silicon is the main constituent of inorganic matter. 


7.2 ABUNDANCE AND OCCURRENCE 
SRO NUANTE AND OCCURRENCE 


Carbon is the seventeenth most 
the earth’s crust. Carbon is wide 


or native state as well as in combined state. In the native state, it 
occurs in the form of coal, graphite and diamond. In the combined 
State, it is present as carbohydrates, hydrocarbons, CO, gas, metal 
carbonates etc. Carbon is the most versatile element in the world. 
In combination with other elements such as dihydrogen, dioxygen, 
sulphur and chlorine, it provides an astonishing array of materials 
ranging from living tissues to drugs and plastics. Organic chemistry 


is devoted to carbon containing compounds. Carbon is an essential 
constituent of all living organisms. 


abundant element by mass in 
ly distributed in nature in free 


Electrical resistivity (Ohm-cm, 
293 K) 


a. For M?” oxidation state. b. 6 coordination. 
e. For diamond, for graphite, density is 2.22. 


c. Pauling scale. 
f. B-form (stable at room temperature). 


Naturally occurring carbon contains two stable isotopes, 2o 
(98.9%) and ae (1.1%), in addition to traces of the radioactive 
'4C isotope. The isotope '4C has a half life of 5770 years and is 
used in radiocarbon dating to determine the age of archaeological 
specimens of organic origin. The isotope “C is the international 
standard for atomic mass measurement and assigned a mass of 
12.00000 units. 

Silicon is the second (27.7% by mass) most abundant element 
(next to oxygen) in the earth’s crust. It is present in nature as 
silica, i.e. SiO, (sand and quartz) and silicates. It is an important 
component of glass, cement and ceramics. | 

Germanium exists only in traces (1.5 ppm) and is mainly 
recovered from flue dusts arising from the roasting of zinc ores, 

The natural occurrence of tin and lead are 2 ppm and 13 
ppm, respectively. Tin mainly occurs as cassiterite or tinstone, 
SnO,. The principal ore of lead is galena (PbS), which is often 
associated with zinc blende, ZnS. Some other ores of lead are 
cerussite, PbCO,, and anglesite, PbSO m 


7.3 GENERAL TRENDS IN ATOMIC 
AND PHYSICAL PROPERTIES 


Some important atomic and physical properties of group 14 
elements are mentioned in Table 7.1. 


82 
207.20 


[Kr]4d!° 5s°5p* | [Xe] 5d! 656p 
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A 13.1 ELECTRONIC CONFIGURATION 
valence shell electronic configuration of group 14 elements 
i T he 2p. However, there is an important difference between the 
$ “plete electronic configuration of capon and silicon and those 
o of ermanium, tin and lead. Carbon and silicon have a noble gas 
core peneath the valence shell, whereas germanium and tin have 
N ally filled d!’ core 3d" and 4d'", respectively) in-between the 
a „oble gas core and valence shell; lead has fully filled 4f 4 and 5d" 


core present in-between the noble gas core and the valence shell. 
This difference in electronic configuration influences the other 
properties and consequently the chemistry of all the elements of 
this group. The electronic configuration of the elements of group 


14 is given in Table 12 


Table 7.2 Electronic configuration 


Germanium (Ge) = 32) 


Tin (Sn)(Z=50) 


7.3.2 COVALENT RADII 

Statement: The covalent radii of group 14 elements are less than 
the corresponding group 13 elements. 

Explanation: On moving from group 13 to group 14 within 
the same period, the effective nuclear charge increases and 
consequently the forces of attraction between the nucleus and the 
electrons increases, thereby decreasing the covalent radii. 
Statement: In group 14 elements, there is a considerable increase 
in the covalent radius from C to Si; thereafter, from Si to Pb, a 


| 

| small increase in radius is observed. 

| Explanation: This is due to the addition of a new shell in each 

succeeding element. The increase in radii from Si to Pb is small 
due to ineffective shielding of the valence shell electrons by the 
intervening fully filled lesser shielding d- and/or forbitals. 


7.3.3 IONISATION ENTHALPY 
Statement: The first ionisation enthalpy of group 14 eleme 
higher than the corresponding group 13 elements. 
Explanation: This is due to smaller size of atoms and hence 
greater effective nuclear charge of group 14 elements as compared 
to group 13 elements. 
| Statement: Down the group ( J), the first ionisation enthalpy 
| decreases. There is a sharp decrease from C to Si, whereas from 
| Pbto Sn, there is a slight increase. 
C> Si > Ge > Pb > Sn 
Explanation: A decrease in the first ionisation enthalpy from C 
ii is due to increase in atomic size and shielding effect of the 
sa electrons (i.e. the electrons present in-between the 
finer and valence shell electrons) which overcomes the effect 
eased nuclear charge. 


Da 


nts are 


f-orbitals in Pb. 


MPG u Te 


p-Block Group 14 Hett = — 
ease in the first ionisation enthalpy from Sn to Pb 15 
uclear charge overcomes the 
f fully filled lesser 


An incr 
because the effect of increased n 
shielding effect caused by the presence O 
shielding 4f'4 and 5d"° orbitals in Pb. 


7.3.4 ELECTRONEGATIVITY | 
Elements of group 14 are more electronegative than the 
corresponding group 13 elements due to their small size. 

The electronegativity, however, decreases from C to Si and 
remains constant from Si to Sn and then slightly increases for Pb. 
This is due to filling of d-orbitals in Ge and Sn and both d- and 


7.3.5 PHYSICAL PROPERTIES 


7.3.5.1 Metallic Character 

All group 14 elements are solids. As compared to group 13 
elements, these are less electropositive and hence less metallic. 
This is because of smaller atomic size and higher ionisation 
enthalpy. 

Down the group ($), metallic character increases, i.e. C and 
Si are non-metals, Ge is metalloid, whereas Sn and Pb are soft 
metals with low melting points. The change from non-metallic 
to metallic character is due to less effective nuclear charge and 
increased number of available orbitals, with increase in the size 


of the atom. 


7.3.5.2 Melting and Boiling Points 

Statement: The melting and boiling points of group 14 elements 
are much higher than those of corresponding group 13 elements. 
Explanation: This is because group 14 elements form four 
covalent bonds with each other; hence, there exist strong binding 
forces between their atoms in the solid as well as in the liquid states. 
Statement: The melting and boiling points decrease down the 
group (+). 

Explanation: This is due to corresponding decrease in the 
interatomic forces of attraction down the group (4). 


~ 


Carbon has an extremely high melting point (4373 K). As 
cpmpared to carbon, silicon melts (1693 K) at appreciably lower 
temperature, but the values of silicon and germanium (1218 K) 
are still high. This is because they have a very stable diamond-like 
structure in which smaller atoms are closely packed. Tin and lead 
are metallic and have more lower melting points (Sn, 505 K; Pb. 
600 K) because the M—M bonds are weaker. They do not use al 
the four valence shell electrons for metallic bonding. 

| The boiling point of carbon is exceedingly high. It decrease: 
in silicon and then increases in germanium. However, the boiling 
points decreases from germanium to lead. ) 


7.4 CHEMICAL PROPERTIES 


7.4.1 OXIDATION STATES AND CHEMICAL 
REACTIVITY 


The general esas shell electronic configuration of group 1 
elements is ns“ np“ (where n is the number of outermost principé 
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shell). These elements can attain inert gas configuration either 


by losing or by gaining four electrons, thereby forming M“ or 
M` ion, respectively. 


4+. z 
The C” ion does not exist due to the following reasons: 


1. The high sum total of the first four ionisation enthalpies (i.e. 
TE, + IE, + IE, + IE,) is not compensated by the energy 
released during compound formation. 

2. C** ion due to its very high charge/radius ratio will polarise 
the anion appreciably, resulting in the compound being 
covalent. 

The C* ion does not exist by the addition of four electrons to 
C to form C* ion, which is energetically unfavourable. This is 
because the chemical species has a high charge and thus requires 
a large amount of energy for adding four electrons. 

However, carbon forms carbide ‘om? acetylide (Cy) and 


allyide (Cc) ions in methanides, acetylides and allylides, 


which are ionic carbides. The structure of C and C ions are 
[Ë = ÖJ” and [:Ċ = C=C:]*,, respectively. 
Example of carbides containing C ag and one ions are 


(AL,C, and Be,C), CaC, and Mg,C,, respectively. 


7.4.1.1 Oxidising and Reducing Property 


Ge, Sn and Pb can show two different oxidation states, i.e. +2 
and +4. These elements in +4 oxidation state behave as oxidising 
agent, whereas in +2 oxidation state behave as reducing agent. 


Oxidising agent: Mt 422? > 


Reducing agent: M —> M** + 2e° 


The stability of +4 oxidation state decreases down the group; 
hence, Ge(IV) salts are more stable as compared to Pb(IV), i.e. 
oxidising character increases from Ge(IV) to Pb(IV) salts. Lead 
tetracetate [Pb(CH, COO),] and lead(IV) oxide (PbO,) are widely 


used as oxidising agents. 


Pb(CH,COO), + CH,OH _4 , 2HCHO + Pb(CH,COO), 


O? ormaldehyde Lead acetate 
CH,OH 
Ethylene 
glycol + 2CH,COOH 
Acetic acid 
(+4) (-1) (+2) (0) 
PbO, + 4HCI AEN PbCI, + Cl, + 2H,O 
(+2) (+6) 


(+4) (+3) 
PbO, + Cr(OH), + 10KOH —> 2K,PbO, + 2K,CrO, + 8H,O 

The stability of +2 oxidation state increases from Ge to Pb, 
which means reducing character decreases from Ge(IJ) to Pb(I1), 
i.e. Ge(II) salts will behave as the strongest reducing agent and 
Pb(II) salts the weakest. 

Germanium is much less abundant than tin is nature; therefore, 
Sn(II) salts are widely used as reducing agent. Carbon and silicon 


ation state (or higher oxidation state) of 
‘dation state of +2 due to inert pair effect, 


exhibits a 
showing the group oxid 
+4 also show a lower OX1 


Table 7.3 Electronic configuration and oxidation state 


[Kr] 4d! 5s” 5p” 


Note: e Si exhibits a less stable oxidation state of +2 in SiO. 
e Oxidation state (O.S.) in the circle represents that the 
elements in that O.S. exist and are more stable. 


7.4.1.2 Inert Pair Effect 

It is the reluctance of ns? electrons to unpair and participitate in 
chemical bond formation. It arises due to the presence of lesser 
shielding fully filled d- and/or electrons between the valence shell 
electrons and the noble gas core (Table 7.3) (shielding effects: 
s>p>d>f). 


Inert pair effect, which begins to show at Ge, is an important 
feature of the chemistry of tin and dominates in case of lead. 


Down the group (J), the number of electrons in d- or ‘forbitals 
increases and, hence, inert pair effect increases from Ge to Pb. 
Consequently, the stability of group oxidation state (+4) decreases 
in the order: Ge > Sn > Pb and that of lower oxidation state (+2) 
increases in the order: Ge < Sn < Pb. 


e SnCl, + 2HgCl, ($H) —> Hg,Cl, + SnCl, 
Stannous Mercuric Stannic 
chloride chloride chloride 


Or 


Sn** + 2Hp** yy Hg;* + Sn 


e SnCl, + Hg,Cl, 


Stannous 


—> 2Hg (4) + SnCl, 
Stannic 
chloride 


Mercurous Mercury 


chloride chloride _ (grey) 


Or 
Sn?” + Hes” oy Hg + Sn** 


°2SnCl, + 2L —> SnCl, + Snl, 


Since (+4) oxidation state in Ge in more stable than (+2), Ge 
salts act as strong reducing agent. However, in lead, (+4) oxidatio? 
state is less stable than (+2) oxidation state, i.e. Pb(IV) salts act 
as strong oxidising agents, as is evident from Table 7.4- 


standard reduction potentials (v) p-Block Group 14 Elements: The Carbon Family 7.9 
Y 
Oxidation state 


[Sn(OH),>> —““> H,Sno$ 


L-0.91V 
Sn 


Oxidation state 


Mt OI5V_, get _ 0.14 
Sn Sn — > Sn 


A6 V s 
EAEE a 


Pb 


PbO» 


PbO, +0.28 V PbO -0.54 V Pb 


141.3 covalent-fonic Character acceptor or it cannot expand its coordination number beyond 4. 
compounds of group 14 in (+4) oxidation state are expected to In other words, maximum covalency of carbon is 4. However, 
(oft covalent compounds because of their extremely small size Si, Ge, Sn and Pb. due to availability of vacant d-orbital in their 
ad high charge density (1.e. their charge/radius ratio) will be high. valence shell, can show a coordination number greater than 4, 
pence, according to Fajans’ rule, these compounds will have high i.e. 5 and 6, forming pentacoordinated and hexacoordinated 
polarising ability, i.e. they polarise the electron cloud of the anion complexes. For example, [SiF.]~, [SiF,]*, [Sn(OH),]" ete. 
nies con covalent character in the compound 7.4.1.5 Catenation . 
moms In lower onidetion at (12) expected 1 Care has he orale property of eatenation which may 
onic, 2 nCl, 1s a covalent be defined as the ability of like atoms to link with one another 
liquid. E through covalent bonds. This is due to smaller size and higher 
Pb(II) salts are tonic, stable and more common than Ph(IV) clectronegativity of carbon atom. The property of catenation 
salts, The lower valencies are more ionic than the higher valencies depends upon the strength of elements-element bond. Since 
because the radius of M~ is greater than that of M4*. Thus. the bond energy of C—C bonds is very large (355 kJ mol`’), 
according to Fajans’ rule, the smaller the ion, the greater the carbon forms long straight or branched C—C chains or rings of 
tendency to covalency. different sizes and shapes. However, as we move down the group, 
Nid Far Coyslant Bonds the clement-element bond energies decrease rapidly viz. C—C 
The majority of the compounds formed by group 14 elements have (355 KJ mol’), Si-Si (200 kJ mor” }, ies eee ʻ kk ) 
` i therefore the tendency for the catenation decreases in the order 
four covalent bonds. This can be explained as follows. In these >>> Si = Sn >>> Pb. 


tases, all the four valence shell electrons participate in bonding. 

Inthe valence bond theory (VBT) this is explained by promoting 7.4.1.6 Tendency to Form Multiple Bonds 

an electron from ns” orbital to np orbital. 1. pt-pt bond: Carbon has a strong tendency to form pr-pr 
multiple bonds either with itself (C=C) or (C=C) or with 
other elements of similar size (C=O, C=N, C=N). This is due 
to small size and high electronegativity of carbon. The extent 
of overlap which can result in multiple bond formation is 
maximum in case of C, i.e. in C=C, it is 2p orbital of C 


C 2s 2p 
(ground alil | 


state ; 
ae) Two unpaired electrons, 
hence only two bonds are 


C formed , , , 
. i deways with 2p orbital of C. 
(excited [m] Bpi overlapping SI! 
State) u Hu l Down the group ($), the tendency to form pt-pt bond 


decreases drastically due to increase in size and decrease 
in electronegativity of the atom. The interaction of 3p 
orbital of silicon and 2p orbital of atom of the second row 
element (carbon, nitrogen, oxygen) will result in much poor 
overlap and hence a weaker bond. In confirmation of this it 


sp? hybridisation, 
tetrahedral geometry. 
Four unpaired electrons, 
hence can form four 
covalent bonds 


: The energy needed to unpair and promote an electron from ns is observed that: 
"P iS more than compensated by the energy released during a. Silicon does not form any compound analogous to 

| € formation of two extra covalent bonds. The distribution of ethylene, acetylene, benzene, graphite etc. 
‘four orbitals results in a tetrahedral structure, consistent with b. CO, is a gas, and SiO, is a high melting solid. 

TORE l of electrons Lorh » 
tung nation In the tetravalent ce “ell 2. pn-dn bond: Because ai sien ites A orbital in 

1€ central atom in a molecule 1s eight. . ce shell, it does not fo 2 » but oth 
í cing electron precise molecule, these are not expected to act paleo of group 14 have vacant d-orbital in their valence. 
i Clectroy ies. This is true in dency to form pr-d 

1 acceptor or electron donor species. hence have a tendency T bo 

“ie Of o p . b se carbon does not shell ane . ‘cularly strong in case of Si }; nd, 
h, carbon but not in other cases becau This tendency is particularly l linked 


n 


üye q, , 
€ vacant d-orbital in its valence shell; it cannot act as electro À 
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to O and N. For example, trimethylamine, (CH,), N, is 
pyramidal and acts as a Lewis base, whereas trisilylamine, 
(SiH,),N, is planar and has very little basic character. 
Compounds (CH,),N and (SiH,),N have similar formula 
but have totally different structures. In trimethylamine, 
(CH,),N, N is sp? hybridised with one lone pair. 
The geometry is tetrahedral. However, as one of the 
3 re : . . 
sp`-hybridised orbital is occupied by lone pair of electron, 
(CH,),N has a pyramidal shape. 


Since lone pair has got a directional character in (CH,)3N, 
it behaves as a Lewis base. However, in trisilylamine, 
(SiH,),N, N is sp” hybridised and the lone pair of electron occupies 
2p orbital on N. The three sp” orbitals are used for o bonding, 
giving a planar triangular structure, and the lone pair of electrons 
occupies a p-orbital at right angle to the plane triangle. 


(pn—dr) back bonding (pn—dn) back bonding 


Vacant 3d-orbital on Si-atom 


I 


Vacant 3d-orbital on Si-atom 


(px—dr) back bonding 


oy 


Hasi | 
SiH; 


Vacant 3d-orbital on Si-atom 


(OR) 
H3Si_ SiH, H3Si SiH; H,Si SiH; 
SSN N Na 
—- {| = | 
| 


Fig. 7.1 (SiH,),N; planar triangular structure 


This filled 2p orbital on N overlaps with the vacant 3d orbital 
on each of the three silicon atoms and results in z bonding, more 
accurately pn—dn bonding (Fig. 7.2) because it is from filled 
p-orbital to an empty d-orbital. This results in shortening of N-Si 


bond lengths. Since N no longer has a lone pair of electrons th 

molecule no longer has donor properties, that is why (SiH,) N e 
very little basic character. Similar pt—dn bonding is impossih). 
in (CH,),N because C does not possess d-orbitals; hence, it 5 


pyramidal. 
Q 2 Va 
7) 


SiH, 


Filled 2p orbitals 
of N-atom 


Empty 3d-orbitals Sv 
of Si-atom e 


Fig. 7.2 pn-dr bonding 


7.4.1.7 Reactivity Towards Oxygen 
All group 14 elements, on heating with oxygen, forms oxides, 
These are mainly of two types: monoxides (MO) and dioxide 
(MO,). 

SiO exists only at high temperature where it is assumed to be 
formed by the reduction of SiO, with Si: 


SiO, + Si —> 2SiO 


7.4.1.8 Reactivity Towards Water 
Carbon, silicon and germanium do not decompose water at all. 
However, on red heating, these elements, except lead, decompose 


steam. 


C + H,0 se > COT Hl 


Steam 


. Red heat z 
Sig t20 ———> SiO0 yt 2H t 


2 -(g) 

Steam 

Red heat 
Sn + 20 — SnO, (+ 2H, ti) 
Steam 

Lead is not attacked by pure air free water (except al the boiling 
point). It is readily corroded by water containing dissolved 2 
forming lead hydroxide which is appreciably soluble in wart 


The solvent action of water is known as plumbosolvency. 


2Pb + 2H,O + O, —> 2Pb (OH), 


7.5 GENERAL CHARACTERISTICS OF 
THE COMPOUNDS OF GROUP 
14 ELEMENTS 


7.5.1 HYDRIDES 


All group 14 elements form covalent hydrides directly or indirectly 
The number of state hydrides and ease with which these are forme 
decreases from C to Pb. This is due to decrease in catenating abil"? 
from C to Pb, with the decrease in M—M bond strength. 
Carbon forms a large number of chain and ring comp 
1. Alkanes (paraffins; general formula: C,H), +2) 
2. Alkenes (olefins; general formula: C,,H>,,) 
3. Alkynes (acetylenes; general formula: C Mine 2) 
4. Aromatic compounds 


ounds. 


— 


Í 
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~~ re the basis of organic chemistry. Carbon has a strong > 600°C 
a 


w for catenation (forming chains) due to high bond strength 
fen’ 


chord 


i a forms a limited number of saturated hydrides, Si Hayya 


aled ie of Ge and hydrogen are known as germanium 
p These are: paa i i 

"Also known as germanes, Ge,H,,,,,,where n= 5 

p, straight chain compounds. 

i Colourless gases or volatile liquids. 


į. Similar to silanes, but are less volatile, less flammable and are 
unaffected by water or aqueous acids or alkalis. 


GeH, can be made by the following methods: 


i GeCl,+ Li[AIH,] eee GeH, + LiCl +AICl, 
Aqueous 
i, GeO, +Na[BH,] —“““ GeH, +NaBO, 
Tin forms: 
1. Stannane (SnH,): It is much less stable. 
a. It can be made by reducing SnCl, with LifAlH,] or 
Na[BH,]. 
SnCl, + Lif[AIH,] —— SnH, + LiCl + AICI, 


b. It acts as a strong reducing agent. 


c. Itis unaffected by water and dilute acids and alkalis, but 
it reacts slowly with concentrated solutions. 


2. Distannane, Sn,H,, is known and is even less stable. No 
higher stannanes are known. 
Lead forms plumbane, PbH,, which is even less stable oa 
even more difficult to prepare. The preparative p pore 
other hydrides fail. It has been prepared in traces = an : 
concentrations by cathodic reduction and detected using 
mass spectrometer. D 
In general, it may be concluded that the donee a et 
hydrides of group 14 elements ace genie 

j ] stabill > 
($) from C to Pb. Since therma eae 
tendency to act as reducing agent increases 


group CAN 


‘5.2 OXIDES , 
1. All elements of group 14 on p 
mainly two types of oxides: or $30, 
SnO, PbO) and dioxide, MO, ( : a 35 
PbO,). Lead also forms an oxide 763 
oxide of PbO and PbO), Vv! de, CO: 

. Monoxides, MO: Carbon monox! oe 
Other monoxides can be prepared as 


= BC, 9540 
SiO: SiO, + Si —veemm ? 7 


j form 
eating with oxygen 
xide, MO (CO, SiO, GeO, 
GeO), SnO, and 
hich 1s a mixed 


GeO: Dehydrate Ge(OH), 
Ge(OH), —— GeO + H,O 
1000°C GeO | 
=A > Sn0+tHO (dehydration) 
ence of 
SnO: Sn (OH), ~ in sen 


or GeO, + Ge 


PbO: 2Pb + O, ————? PbO 
Molten (Air) 
(For details, refer to Section 7.15.15) | | 
Among monoxides, CO is neutral, GeO is basic, while SnO 
and PbO are amphoteric. 


. Dioxides, MO,: CO, is a gas, whereas SiO, is a high melting 


solid. This can be explained on the basis of difference in the 
structures of CO, and Si0,. In CO,,C is sp hybridised. 


_ The formation of double bond between C and O atoms 


requires the lateral overlap between 2p orbital of C atom 
with 2p orbital of O atom. Since the size and energy of 2p 
(C) and 2p (O) are nearly of the same level, they overlap 
effectively to form r bond between C and O. This permits 
the formation of CO, molecule. 

In SiO, Si is sp? hybridised, each Si atom is bonded to four 
oxygen atoms which are arranged tetrahedrally around Si 
and each O atom is covalently bonded to two Si atoms. This 
gives rise to three-dimensional structure for SiO,. The bond 
strength of Si-O is very high; thus, SiO, has a high melting 
point. 


si [1] u a 
a | | 
p 
— Si — O — Si — 


| | 


- The characteristic difference between CO, and SiO, can 


be explained as follows. The carbon atom has a small radius, 
the positively charged nucleus, therefore, attracts the outer 
electrons very strongly and does not permit the oxygen to 
combine with another carbon atom. In silica, SiO,, however, 
the size of Si atom is fairly large as compared to that of 
carbon. As a result, the positively charged carbon nucleus 
cannot attract the outer electrons so strongly; hence, the 


oxygen can be shared between two different silicon atoms. 
This leads to the formation of 


i giant SiO, molecule, but not 
a giant CO, molecule. 


SiO, cannot have structure like CO,, as the lateral overlap 
between 3p orbital of Si and 2p orbital of O is not feasible 
It is due to the difference in size and energy of the ne 
orbitals. Hence, these orbitals cannot overlap effectively to 
form j bond between Si and O atom. Thus, O = Si = O does 
e a a of Si is achieved by forming 


GeO, and Sno 


2 are obtained by heating Ge and Sn in air: 
S 
n +0,—, SnO, 


PbO, is formed b 


ven y electrolytic oxidation of Pb. 


character: 
character decreases and Hii group (4), the E 


Pm the basic character Increases 


7.12 Inorganic Chemistry The non-existence of PbBr, and PbI, can also be explained ag 


Acidic character decreases 
CO, SiO, GeO, SnO, PbO, 
Basic character increases 
CO,, SiO,, GeO, being acidic reacts with base. 
103; , 
CO, + 2NaOH —> Na, CO, + H,O 
CO, + Ca(OH), —> CaCO, + H,O 
SiO, + 2NaOH —> Na,Si0, + H,O 
Sodium 
silicate 
GeO, + 2NaOH —> NaGeO, + H,O 


Sodium 
germanate 


In contrast, SnO, and PbO, being amphoteric react with 
both acids and bases. 
SnO, + 4HC1 —> SnCl, + 2H,0 
SnO, + 2NaOH —> Na,SnO, + H,O 
Sodium 
stannate 
PbO, + 4HCl —> PbCl, + 2H,O 
PbO, + 2NaOH —-> Na,PbO, + H,O 


Sodium 
plumbate 


7.5.2.1 Oxidising Behaviour 
Due to inert pair effect, in Pb, +2 oxidation state is more stable as 
compared to +4 oxidation state. Hence, Pb(IV) compounds behave 
as strong oxidising agent. 

PbO, reacts with HNO, or H,SO, to evolve O, gas: 

2PbO, + 4HNO, —> 2Pb(NO,), + 2H,O + O, 

2PbO, + 2H,SO, —> 2PbSO, + 2H,O + O, 


7.5.3 HALIDES 

Tetrahalides (MX,): All elements of group 14 form tetrahalides 
which are mostly covalent. The central atom of these tetrahalides 
undergoes sp? hybridisation to give a tetrahedral molecule; for 
example, CF}. 

Among the simple tetrahalides, tetrafluorides of C, Si and Ge 
(i.e. CF}, SiF, and GeF,) are gases, whereas the tetrafluorides of 
Sn and Pb (i.e. SnF, and PbF,) are solids. This is because CF, 
SiF ,, GeF, are covalent and, hence, are volatile gases. However, 
SnF, and PbF, are ionic in character, have three-dimensional 
structures and are high melting solids. SnF, sublimes at 705°C, 
and PbF, melts at 600°C. 

Carbon tetrabromide (CBr,) is a solid, whereas tetra-bromides 
of silicon, germanium and tin (i.e. SnBr,, GeBr, and SnBr,) are 
liquids. Tetraiodides of the first four elements are solids (i.e. Cl is 
Sil, Gel,, SnI,). 

PbBr, and Pbl, are not known. The non-existence of PbBr, 
and PbI, can be due to strong oxidising power of Pb(IV) and 


strong reducing power of Br” and J” ions as illustrated by the 
E® values. 


Pb“* +2e° = Pb”; E°=+1.8V 
Br, + 2e° = 2Br°?; E° = +1.09 V 
L+2e°= 21°; £°=+0.54V 


statin OO 


follows: 

1. The Pb-Br or Pb- bonds formed initially does not liberate 
enough energy to unpair 6s* electrons and promote one of them 
to 6p orbital; hence, lead cannot form four covalent bonds, 

2. Alternatively, the electronegativities of Br and I are not 
high enough to excite 6s electrons to 6p orbitals; thus, Pb does 
not form four covalent bonds. 

In general, the stability and ionic character of the halides 
decreases with 

a. Increasing atomic number of group 14 elements, i.e. from 
C to Pb. 

b. Increasing atomic number or size of the halogen, i.e. from 
F to I. 

The elements after C have vacant d-orbitals 
available in their valence shell and Si-F, Si-Cl F fs Ds 
and Si-O bonds are stronger than C-F, CO La 
and C—O bonds, respectively. This is due to yp) =, 
the donation of electron pair from F,ClorO . fig, 7.3 pr-dz 
to vacant 3d orbital of Si, giving rise to pn-dn bonding in Si-F. 
bonding (Fig. 7.3). 

Few important tetrahalides of carbon are as follows: 

Tetrafluoromethane, CF, (carbon tetrafluoride), is an 
exceptionally unreactive gas, or highly stable gas. 

i. Laboratory method of preparation: 
CO, + SEF, —> CF, + SO, 
. SiC + 2F, —> SiF, + CF, 
ii. Industrial method of preparation: 
CE CL + F, —> CF,+ CL, 

Other fluorine compounds such as hexafluoroethane (C,F,) 
and tetraflouoroethylene (C,F,) are known. C,F, polymerises to 
(C,F,), under pressure, giving polytetrafluoroethylene or PTFE. 
Properties of PTFE are as follow: 

e Hard, white solid plastic with a greasy feel to touch. 

e Much heavier or more dense. 

e Good electrical insulator. 

e Chemically inert and due to its chemical inertness it is used 

in the laboratory. 

e Expensive. 

e Low coefficient of friction. 

e Used for coating non-stick pans and razor blades. 
Fluorocarbons are useful lubricants, solvents and insulators. 
Preparation of PTFE or Teflon (polytetra fluoroethylene) 


SbF 
CHCI +HF ——2—> CHF, CI ——> pC =CF,+2HCl 
SEFC, 2 1070K 2 2 
(Catalyst) 
F F 
FC = CF, Pressure TE 4 
| | 
F F 


PTFE 
7.5.3.1 Hydrolysis of CCl, and SiCl, 
Carbon tetrahalides, e.g. CCl, does not undergo hydrolysis under 


normal conditions, whereas silicon tetrahalides undergo hydrolysis 
easily. This is because carbon does not have vacant a-orbital in its 


4 


. = 
i hell and hence cannot coordinate with OH ion or water 
er got form five coordinate hydrolysis intermediate. 
a 


“dl 0? No hydrolysis 


is cient ani! : provided by using superheated steam 
ill hydrolyse: 
ccl, wl 


K’ Superheated co Cl, + 2HCI 


tlt H,O Steam 
(Cl Carbonyl 
chloride 
(phosgene) 
phosgene is highly toxic and was used as a poisonous gas 


„ing world War l. 

“silicon tetrahalides, e.g. siCl, undergo hydrolysis due to the 
vilability of vacant 3d-orbital in the valence shell of Si atom. 
te reaction occurs by Sp2 mechanism. A lone pair of electron 
„n O of H,O molecule is donated in the empty 3d-orbital of 
; resulting in the formation of a five coordinate hydrolysis 
aemediate having trigonal bipyramidal structure. 


| 
i H | Cl 
oot Cl a. 2 
s 30 —> Si — Cl =HCl, Si 
ZIN NH / | 
Cl Cl Cl Cl ) Cl Cl OH 
O + 3H,0 | — 3HCI 
Z/N 
H OH 
| 
grin 
HO OH 
H 


This is followed by the elimination of HCl molecule. The 
dition of water molecule and elimination of HCI continues till 
:l-CI groups in SiCl, are replaced by —OH groups. 

Carbon tetrahalides do not form complexes because carbon 
ts no d-orbital in its valence shell and cannot expand its 
ordination number. The tetrahalides of the rest of the elements 
f group 14, however, do form complexes due to the availability 
vacant d-orbitals in the valence shell. Hence, these elements 
jas increase their coordination number from 4 to 5 or 6, e.g. 
MF] p [GeF ]”, [SnF,]°. 
ltrahalides of Si 
‘ydrolysis of SiF , yields silica and fluorosilicic acid. 
SIF, +2H,O —> SiO, + 2H,SiF, 

Silica Fluorosilicic acid 
| This is because, in case of SiF,, a secondary reaction occurs 
‘tween HF and the unchanged SiF,, forming hexafluorosilicic 
uid: 
‘iF, +44,0 —> Si (OH), + 4HF 
7 + SiF, —+ H,SiF,] *2 
SiF,+4 H0 —> Si(OH), + H,SiF, 
or 

l SiO,2H,0O 
" 3SiF, + 2H O —> SiO, + 2H,SiF, 
oy, Uorosilicic acid is known only in solution. It is a strong acid 

d exists largely in the ionised state. 

SIF, + 2H, O —> 2H,0® + [SiF 6] 
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[SiF;]7 ion involves sp°d’ hybridisation of Si and has an 
octahedral structure. 

SiF, is readily hydrolysed by alkali. 
SiF, + 80H —> SiO; + 4F° + 4H,O 

Other tetrahalides of Si are rapidly hydrolysed by water to give 
silicic acid. 
SiCl, + 4H,0 —> Si(OH), + 4HCI 

Silicic acid 

Tetrahalides of Ge, Sn and Pb 
Ge(IV) tetrahalides are maximum stable and Pb(IV) tetrahalides 
are least stable due to inert pair effect. The stability of +4 oxidation 
states decreases in the order: 
Ge(IV) > Sn(IV) > Pb(IV) 
The tetrahalides are all colourless, volatile liquids except Gel, 


and Snl, which are bright orange solids. 


7.5.3.2 Charge Transfer Spectra 


The orange colour of SnI, is caused by the absorption of blue light, 
the reflected light. Thus, contains mainly high proportion of red 
and orange. The energy absorbed in this way causes the transfer 
of an electron from I to Sn. This corresponds to the temporary 
reduction of Sn(IV) to Sn(III). Since transferring an electron 
to another atom is transferring a charge, such spectra are called 
charge transfer spectra. This occurs in Snl, and Gel, because the 
atoms have similar energy levels. This would be expected because 
they are close in the periodic table and have similar sizes. Charge 
transfer spectra do not occur with other halides. 

GeCl, and GeBr, are hydrolysed less readily. SnCl, and PbCl, 
hydrolyse in dilute solutions, but hydrolysis is often incomplete 
and can be repressed by the addition of an appropriate halogen 
acid. 

Sn(OH), =o SnCl, Saou [Sach 
Dihalides (MX,) 

Carbon do not form dihalides. The dihalides of Si, Ge, Sn and Pb 
are known and can be prepared as follows: 
SiF, + Si = 2SiF, 

GeX, + Fe "> 2GeX, 

Vapour 

Sn + 2HX p SnX, + H, 

Pb2* + 2X° —> PbX, (X =F, Cl, Br, I) 

The dihalides are much less volatile than tetrahalides and 
become increasingly powerful reducing agent from Ge to Pb. 
GeF, is a white solid. It has unusual fluorine-brigded polymeric 
structure, based ona trigonal bipyramid. GeF, units share F atoms 
(giving the formula GeF,), and Ge also forms a weaker interaction 
to another F with a lone pair in the fifth position. These units are 
linked into infinite spiral chains. 

SnCl, in the gaseous phase is angular (Fig. 7.4), with 
ZCISnCl = 95°. 

Sn = 2 () 

(Ground K LiL Sn 
state) ee. 


sp’ hybridisation Lr EAN 
l Ci 95° Cl 
with one /p 


Fig. 7.4 Angular SnCl, (gas) 
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=n 1S sp” hybridised in SnCl, (gaseous phase) with one of the 
sp’-hybridised orbital occupied by the lone pair. The decrease in 
the bond angle from 120° to 95° is due to greater repulsion between 
lone pair (/p) and bond pair (bp) as compared to repulsion between 
bond pair and bond pair, which leads to contraction in the bond 
angle. 

SnCl, in the crystalline form has a layer structure with chains 
of corner-shared trigonal pyramidal [SnCl,] groups (Fig. 7.5). 


Sn Sn 
a ak i ee 4 
Cl c Cl Gg C 
Fig. 7.5 SnCl, (crystalline) 
PbCl, has a complicated three-dimensional structure. Lead 
dihalides are fairly insoluble in water. The solubility of PbCL,, 


PbBr,, PbI, increases in the presence of corresponding halogen 
acid due to the formation of corresponding [PbX A ion. 


PbCI, + 2C1° —> [PbC1,]" 
Soluble complex 
On dilution, the complex decomposes. The dipositive state in 
the lead dihalides is stable and shows no reducing property, in 


contrast to those of Ge and Sn. 


7.5.4 COMPLEX FORMING TENDENCY 
The ability to form complexes is favoured by 


1. High charge 

2. Small size 

3. Availability of empty orbitals of suitable energy. 

Carbon in four covalent compounds contain the maximum 
of eight electrons. As these structures resemble the structures 
of noble gas, these compounds are stable and do not behave as 
electron acceptor; that is why carbon does not form complexes. 
However, Si, Ge, Sn and Pb, due to availability of vacant d-orbital 


in their valence shell, can accept electron pair, thus expanding 


their coordination number from 4 to 5 and 6 or, in other words, 


can form complexes. 
SiF, + 2F° — [SiF J” 
GeF, + 2NMe, —> [F Ge (NMe;,),] 


snCl, + 2C1® —> [SnCl] 
[SIF] ion can be formed by the reaction between SiO, and 
aqueous HF. 
4 
SiO, + 6HF —> 2H + [SIF] + 2H,O 
[SIF] complex is stable in water and alkali, but the others 
are less stable. [GeF] and [SnF,]7 are hydrolysed by alkali, 


and [PbF,]~ is hydrolysed both by water and alkali. This is due 


to decrease in stability of the fluorocomplexes down the group. 


[SIF] > [GeF] > [SnF.]” > [PbF,]” 
Ge, Sn and Pb also form chloride complexes such as [PbCl,]” 


and oxalate complexes such as [Pb(ox),]” 


7.6 IMPORTANT TRENDS AND 
ANOMALOUS BEHAVIOUR OF 


CARBON 
Like the first member of other groups, carbon, the first member 
of group 14, also shows anomalous behaviour, i.e. differs from 
the rest of the members of the family. 
The main reasons for these differences are as follows: 


1. Exceptionally small atomic and ionic size. 


2. Higher electronegativity. 
3. Higher ionisation enthalpy. 
4. Absence of vacant d-orbitals in the valence shell. 


The main points of differences are as follows: 

1. In carbon, there are only four valence orbitals, i.e. one 2s 
and three 2p-orbitals; therefore, it can accommodate only 
four pairs of electrons around it. Therefore, carbon can have 
a maximum covalency of four, whereas the other members 
of group 14, due to the presence of vacant d-orbitals in 
the valence shell, can expand their covalency to six. For 
example, carbon cannot form [CF]^, whereas Si forms 
[SiF,]} 

_ Carbon has higher melting point and boiling point than the 
other members of group 14. 

. Due to small size and high electronegativity, carbon has 
a unique ability to form pr-pr multiple bonds with itself 
(C =C, C = C) and with other a 
high electronegativity, e.g oxygen (C = O), nitrogen 
(C = N, C = N) and sulphur (C = S). The remaining 
members do not form pr-pr bonds. This is due to decrease 
in effective overlap which result 
pr-pr bond, which depends on (a) the size of the orbitals 
involved and (b) the number of non-bonding electrons. 

Size of the orbitals involved: In C and other small 

size, highly electronegative atoms (i.e., N, O, etc.), the 

orbitals involved in pr-pr bond formation are 2p-2p. 

Since the size of these orbitals are small and they are 


a. 


less diffused, the extent of overlap is large and hence — 


pr-pr bond is easily formed. 

Down the group (1), as the size of the orbitals involved 

increases, the tendency to form pr—pt bond decreases. 
b. Number of non-bonding electrons: The lesser the 


number of non-bonding electrons, the less will be the 


tween non-bonding electrons of the atoms 


repulsion be 
bond can 


involved in pr—pr bond formation and pr—pt 
be formed. 

Down the group (1), the number of non-bo 
electrons increases, thereby the repulsion betwee? non- 
bonding electrons of the two atoms involved in bon 
formation increases, decreasing the extent of overlap 
and hence the pr-pr bond stability. 

The higher members of group 14 do not fo 
bonds, rather they have a tendency to form dr-p 


nding 


rm pu-p™ 
z bonds. 


r 


s in the formation of F 


—_. . 1...) — aa. oe 


1 
j 


i 


toms of small size and ' 


bil 


— A 
Ga 
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Even this tendency to form dr-pr bonds decreases down a. Crystalline allotropic forms of carbon. 


the group form Si to Pb, as the size of the d-orbitals i. Diamond 
increases. | ii. Graphite 
n Catenation: Carbon is unique among group 14 elements iii. Fullerene 


in its ability to catenate. Catenation may be defined as the 


These are examples of atomic or covalent crystals. 
ability of the atoms of the same elements to link with one p ká 


another through covalent bonds to form chains and rings. An atomic ot covalént crystal consists of a large 
The ability to catenate depends on the strength of elements— network of neutral atoms of the same or different 
elements bond (bond enthalpy). Carbon—carbon bond kinds, covalently linked to one another. Hence, 
enthalpy is the largest (348 kJ mol’); hence, carbon forms covalent crystals are also known as covalent network 
long straight or branched C -C chains and rings of different crystals. A few examples of covalent crystals are 

sizes. Down the group (+), the strength of element-element diamond, graphite, silicon carbide, boron nitride, 

bond decreases (Table 7.5) rapidly; hence, the tendency for silicon dioxide, quartz, rhombic sulphur etc. The | 
catenation decreases in the order: C >> Si > Ge = Sn. valencies in covalent crystals are saturated and | 


covalent bonds are oriented in definite directions. | 
This leads to looser packing and covalent crystals to | 
have open structure as compared to metallic or ionic 
Bond enthalpy : crystals. However, the covalent bond is very strong; 
Kl mal) this is why a large amount of energy is required to 
break it. Covalent crystals are 


able 7.5 Bond enthalpies 
CG Si-Si Ge-Ge TE 


Thermal stability severely limits the maximum number of 
element-element bonds in straight chain compounds such © Very hard. 

as hydrides and halides of group 14 elements to 11 or 12 e Possess high melting point. 
for silicon, 9 or 10 for Ge and only 2 for Sn. Lead does not 


ist @ Possess low volatility. 
show catenation ability. 


è Insoluble in most of the solvents. 


16.1 ALLOTROPES OF CARBON è Generally bad conductor of electricity 
‘he phenomenon by which an element exists in two or more (except graphite). This is because these are not 
dierent crystalline or amorphous forms is called allotropy, and made up of ions and do not have free electrons 
& different forms are called allotropic forms or allotropes of available for electrical conduction, since all 


% given element. Different allotropic forms of an element have the electrons are involved in covalent bond 


<fierent physical properties but similar chemical properties. 


formation. 


Cause of allotropy: The phenomenon of allotropy arises due to 


% following reasons: 7.6.1.1 Diamond 
|. Difference in the arrangement of atoms or molecules in the Diamond is the purest crystalline allotropic form of carbon. 
crystal lattice, e.g. diamond, graphite and fullerene. Occurrence: It occus in nature in the free state. In nature, diamond 
2. Difference in the number of the atoms in the molecule, e.g. occurs as octahedral crystals. 
0, and O.. Preparation: Artificial diamonds are prepared by heating pure 


sugar charcoal and iron in a graphite crucible at 3000°C in an 


3. Difference in the method of crystallisation. , ) 
electric furnace. At high temperature, carbon dissolves in iron. 


| nai of energy available. This molten mass is cooled rapidly by plunging it into molten lead 

l on exists in two allotropic forms: bath and then treated with conc HCI to obtain crystals of artificial 

i a. Crystalline diamond. But because of its high cost and poor quality, diamonds 
b. Amorphous are seldom made artificially. 


Structure: X-ray studies have shown that crystal of diamond 
consists of a number of tetrahedral units Fig. 7.6 (a). Each 
E AONO tetrahedral unit contains a carbon atom at the centre, which is 
linked to other four C-atom placed at the four corners of the 
Dhoni tetrahedron. C-atoms of each tetrahedron are also linked by strong 


Graphite Charcoal C-C covalent bonds with C-atom of each of the neighbouring 
tetrahedrons Fig. 7.6(b). 


Allotropes of carbon 


Coke 


Fullerene Carbon black 
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Fig. 7.6 fa Tetrahedral unit of C-atoms and 
b) structure of diamond 


Each C-atom is sp? hybridised. C—C bond distance in diamond 
is 154 pm, which is a normal distance of C-C covalent bond. As 
diamond consists of a number of tetrahedral units, it is a giant 
molecule. Also since each C-atom form four covalent bonds, 
it produces a repetitive three-dimensional structure using only 
covalent bonds. 

Properties: Diamond exhibits following properties based on its 
structure: 


1. 


W g 


It is the hardest substance known. Due to its great hardness, 
diamond is used for making glass cutters and rock borers. 


. It has a high melting point. In order to break strong C—C 


covalent bonds present in diamond, a large amount of energy 
is required; hence, the melting point of diamond is very high. 


. It has a high relative density (= 3.5). 


It is transparent to X-rays. 


. It has a high value of refractive index (2.5), which means 


it can reflect and refract light. It is, therefore, a transparent 
substance. 


. Since all the four valence shel] electrons on each C-atom 


are used up in making four covalent bonds with other 
C-atom, therefore the average value of C-C bond order in 
diamond is one. 

There is no free electron left in the diamond crystal to carry 
electricity. Thus, diamond is a bad conductor of electricity. 
Heat conductivity in non-metals is due to lattice vibrations 
(photons). So, when diamond is heated, thermal vibrations 
are rapidly transmitted through diamond, and it acts as a 
good conductor of heat. 


. It is insoluble in all solvents. 


At red heat (900°C), diamond burns in air to form CO, 


Diamond 


10. Action of dil H,SO, and K,Cr,0;; It is slowly oy; dg 
0 


CO,. 
11. With Na,CO,: On heating with Na,CO,, it Bives co 
12. It is stable in vacuum up to 1500°C; but when 


. he 
1800-2000°C, it is converted into graphite. ated t 


13. With F,: It reacts with F, at 700°C to form CF, 


1. For making glass cutter, rock borers and as an sage 
e, 
. For making and polishing of hard materials. 


. For making dies for drawing thin wires from metals 


> UO N 


. For making precious gems and jewellery. 


7.6.1.2 Graphite 


Like diamond, graphite is also the purest form of carbon. It occur 
in nature. It can also be manufactured artificially by heating coke 
to 3273—3330 K in an electric furnace. 


Structure: Graphite is composed of flat two-dimensional sheets or 
layers of carbon atom. Each sheet or layer consists of flat hexagonal 
rings of C-atoms [Fig. 7.7(a)] and may be regarded as a fused 
system of benzene rings [Fig. 7.7(b)]. In each layer, each C-atom 
is linked to three C-atoms by C—C covalent bond. The C-C bond 
length in each hexagonal ring is 141.5 pm, as each C-atom is sp” 
hybridised, i.e. only three of the valence electrons of each C-atom 
are involved in forming o bond (using sp” hybrid orbitals). The 
fourth electron forms a m-bond. The z-electrons are delocalised 
over the whole sheet, and as they are mobile, graphite conduc 
heat and electricity. Conductance can occur in a sheet (layer) aut 
not from one sheet to another. 


These layers are stacked on one another such that atoms * 
alternate layers lie vertically beneath one another. The interlayè 
distance, i.e. the distance between the layers is 340 P™ qu 
interlayer distance is appreciably large, more than twice Ù 
covalent radius of carbon. This indicates that the ayes g 
not joined together by covalent bonds but are joined (@s r 
by weak van der Waals force. The layer therefore can SP 
over one another giving a lubricating property © graphs 
wide spacing between the layers means that the atoms a j 

pack together to fill space very effectively. Thus, the dens!” A 
graphite (2.22 g cm™) is less than that of diamond €- 22g% 


Graphite is of two forms: a and B. 8 
AB: 
In a-graphite, the layers are arranged in the sequence 
with the third layer exactly above the first layer: 
In B-graphite, the layers are arranged as ABC ABC 
forms are interconvertible. Heating turns B into % a 


turns @ into ß. 


340 pm 


(b) 


Fig. 7.7 Structure of graphite (a and b) 


*roperties: 


l. 


~ 


an 


Since each C-atom is sp? hybridised, C-C bond length in 
graphite is 141.5 pm. 


- Since the layers of C-atoms are held together by weak van 


der Waals forces of attraction, the layers can slip over one 
another. Thus, graphite is soft and acts as a good lubricating 
agent. E 

In each layer, each C-atom is sp’ hybridised and is linked 
to three C-atoms by covalent bonds, one electron on each 
C-atom (in 2p orbital) is free and gets delocalised toa o 
the layer structure. Due to the presence of delocalise 
electron density throughout the layer structure, graphite acts 
as good conductor of heat and electricity. 


f The average value of (C—C) bond order in graphite is 1.33. 


Since each C-atom in graphite is sp” hybridised ne 
Connected to three others by one double bond and two sing 


Onds, 
Double bond + 2 single bond 
ae No. of atoms attached to other 
3 C-atoms 
= ae = 3 = 1.33 
3 3 


5 
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- Due to strong C-C covalent bonding within the sheets, much 


higher thermal energy is required to break the bonds. This 
is why its melting point is high (= 3700°C). 


. Graphite burns in air at 700-800°C to give CO,. 
700-800°C 
Cis) + Ore) COr(,) 
(Graphite) (Air) 


Graphite is chemically more active than diamond. 


8. It is not attacked by alkalis and dilute acids. 


9. When treated with conc HNO, or conc H,SO,, it is oxidised 


11. 
12. 


13. 


to insoluble yellowish green substance known as graphitic 
acid (C,,H,0.). 


10. With alkaline KMnO,, it is oxidised to mellitic acid 


[C,(COOH),] and oxalic acid. 
With chromic acid (HCrO,) it forms CO,, 9)" 


Graphite is thermodynamically more stable than diamond 
and its free energy of formation (A°,G) is 1.9 kJ mol less 
than diamond at room temperature and ordinary pressure. 


Thermodynamically it is favourable for diamond to 
convert into graphite. Normally they do not do so because 
there is a high energy of activation (E) for the process. If 
this energy is available, the change does occur and diamond 
tipped drills do burn out and form graphite if they get too 
hot. The reverse process is not thermodynamically possible, 
and it requires very forcing high energy conditions to convert 
graphite to diamond. Graphite can be converted to synthetic 


diamond at 1600°C by a pressure of 50,000—60,000 
1600°C 


atmosphere (Graphite —._——____ S 


30.000-60,000am, ? Diamond). 


When graphite is heated with vapours of K, Rb, Cs 


at 300°C it forms C, M. Graphite is diamagnetic but 
C, M is paramagnetic. . 


Uses: 


= 


6. 


| The differenc 
'S given in Table 7.6. 


- It is used for lining and for m 


- It is used as 


. Itused as lubricant for the fast moving parts of the machinery. 


Since graphite is non-voatile in nature, it can be used as a 
lubricating agent for the machinery parts which operate at a 
very high temperature. It is a greasy substance. 


. Since graphite is soft and marks paper black, mixed with 


desired quantities of wax or clay, graphite is used for making 


cores of lead pencils. Graphite is also known as black lead or 
plumbago. l 


As graphite has a high melting point, it is used for making 
refractory crucibles, which i 


l are used for meltin i 
ie g metals in 


A akin : 
furnaces. aking electrodes of electric 


| a moderator, i.e. for r 
moving neutrons in an 


It is used as 


educing the speed of fast 
atomic reactor. 


a reducing agent, in steel manufacture. 
eb i 
etween the properties of diamond and graphite 
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Table 7.6 Difference between diamond and graphite 
1. Occurs in nature in the free | 1. Occurs naturally and is also 
state. manufactured artifically. 
2. Hardest natural substance. | 2. Soft and greasy to touch. 


3. Occurs as octahedral crys- | 3. Occurs as hexagonal crys- 
tal. 


tals. 
4. Soluble in some solvents. 


5. Burns in air at 700—800°C 
to give CO). 


6. It is black and opaque. 


AINE? ae 
. 


4. Insoluble in all solvents. 


5. Burns in air at 900°C to give 


CO.. 


“ 


6. It is transparent and has high 
refractive index (2.45). 


7. It is good conductor of 
electricity and good con- 


7. It is a bad conductor of elec- 
tricity and good conductor 


of heat. ductor of heat. 
Oil dag 
Colloidal graphite sol. in oil, whose composition is as follows: 
Petroleum oil 85% 
Graphite 10% 
Binders 5% 


The following is a list of functions of oil dag: 
1. Protects against corrosion. 


2. Lubricates effectively up to 900°F (482°C). 


3. Reduces maintainance cost through more effective 
lubrication. 


4. Reduces break in time for new equipments. 


5. Solid lubricating film prevents metal to metal contact, thus 
greatly facilitating disassembly in many appliances. 


Aquadag 


‘Aqueous deflocculated adheson graphite.’ It is a colloidal 
suspension of fine particles of graphite in water and is used 
especially as a lubricant. 


It forms a smooth continuous dry film with extra long wear life. 


7.6.1.3 Fullerenes 


Till 1985, only two crystalline allotropes of carbon were known, 
namely diamond and graphite. In 1985, the third crystalline 
allotrope of carbon, i.e. Fullerene, was discovered collectively by 
three scientists: R.E. Smalley and R.F. Curl of Rice University, 
Houston, Texas (USA) and H.W. Kroto of University of Sussex, 
Brighton (UK). For this discovery, these three scientists shared 
the Noble Prize in chemistry in 1996. 


Preparation: Fullerenes constitute a new family of carbon 
allotropes consisting of large spheroidal molecules having 
composition, C,,, where n > 30. Initially, these were prepared by 
evaporation of graphite using a laser. A more practical method 
involves the heating of graphite in an electric arc in the presence of 
an inert gas such as helium (He) or argon (Ar). The sooty material 
formed by condensation of vapourised C,, small molecules consists 


of a soccer ball. It contains 12 five-membered ring an 


of mainly C,, with smaller quantity of C,, and traces of other 
fullerenes consisting of even number of carbon atoms UP to 350 
or above. C,, and C,, can be readily separated from the fullerene 
soot by the extraction of toluene followed by chromatographic 
separation over alumina (Al,0,). The complete process can be 
represented as follows: 


= i . C d . 
Graphite latni Vapourised carbon ——“nSation 
Inert gas 
(He or Ar) 
Fullerene soot 
(Ceo + little C,,) 
Extraction 
+ Chromatographic 
separation 
(A1703) 
(Ceot Co) 


Unlike graphite or diamond, fullerenes dissolve in organic 
solvents to give coloured solutions. A solution of Cso in 
toluene is purple, whereas that of C,, is orange red. In fact, 
fullerenes are the only pure form of carbon since they do 
not have dangling edge or surface bonds to be attracted to 
other atoms as in the case of diamond or graphite. 


Structure: Fullerene Cgo, as shown in Fig. 7.8, has been 
named Buckminsterfullerene in honour of American 
Architect, Robert Buckminster Fuller, the who designed 
geodesic dome structure having hexagonal and pentagonal 


patterns. 


Fig. 7.8 Structure of Buckminsterfullerene (Coo) 


Note: 


‘1. There are 12 five-membered rings. 


ii. There are 20 six-membered rings. 

iii. Six-membered rings are fused to other six-membered aS 
well as five-membered rings. 

iv. Five-membered rings are fused to only six-membered rings- 

v. There are both single and double bonds. 


The general name fullerene refers to the family of spheroidal 
carbon cage molecules. The shape of C,, resembles tha 


d 20 


(ix 
bered as well as five-membered rings. However 


mem 

A „membered rings are fused to only six-membered rings 
11 the carbon atoms are equivalent and undergo sp” 
pridisation. There are both single and double bonds with 


c-C distances of 145.3 and 138.5 pm, respectively. 


pUCKY BALLS AND BUCKY TUBES: THE 
FULLERENE SAGA 

e evaporation of graphite did produce evidence for the 
jymation of linear molecules with five to nine carbon atoms, 
stich had been observed in interstellar space. In addition, 
gveral other carbon clusters containing 40 to 100 (always an 
yen number) of carbon atoms were formed. 
subsequent research in various countries led to the discovery 
fother larger spheroidal carbon cage structure molecules and 
arbon nanotubes. The general name fullerenes is given to these 
ew carbon species formed by the condensation of the carbon 
vapours. They are also known as Bucky balls and Bucky tubes. 
Methode to produce fullerences: By passing an electric arc 
discharge through graphite rods in an atmosphere of helium 
n produce carbon soot and the extraction of the soot with an 
aganic solvent such as benzene gave a soluble fraction, which 
contained mainly C,, and a small quantity of C,, with traces 
ofhigher fullerenes. Pure C,, and C,, can be isolated from this 
faction by chromatography. 

C molecule resembles a soccer ball and C,, resembles a rugby 
tall. Some salient features of C- are as follows: 

1. Twelve five-membered rings. 

2. Twenty-five six-membered rings. 

3. Six-membered rings are fused to both the other six- 

membered and five-membered rings. 

4. Five-membered rings are fused with six-membered rings 
only. 
also produces carbon 
formed by graphite 
res. They are 


tlectric arc evaporation of graphite 
lanotubes which consist of cylindrical tubes 
lyers which are capped by fullerene-like hemisphe 
‘Sed in catalysis, nanotechnology and electronics. 


Properties: 
l. Carbon atom in fullerene is sp’ hybridised. 


2. The fullerenes being covalent are soluble in org 

3. Fullerenes can be reduced electrochemically a j 
elements of group 1 to form solids such as E - 
compound behaves as a superconductor ai ok ane 
implies that is carries electric current with zer 

4. It reacts with O,O, which adds one © 
the cage. 


5. It also forms complexes with pla 
Seg: 


anic solvents. 
eact with 


f the double 
tinum. 


L. do not have 
R eee ions in nanotechnology: 


However, they find applicat 


N 


embered rings. Six-membered rings are fused to other E 


This 


bonds in 


any practical use. 
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Table 7.7 Comparison of crystalline allotropes of carbon 


nt 


‘idisation sp sp 


= Frugt.: fr A’ Ati ELS, he 7 n 
Mai Sh alline a llotropes of carbon 


An 


~ | Diamond | Graphite | Fullerene 


Some important points on the crystalline allotropes of 


carbon: 


a. 


Graphite is thermodynamically the most stable allotrope 
of carbon. Its standard enthalpy of formation AH” 
is assigned a value of zero. The standard enthalpy of 
formation of diamond and C,, are 1.90 and 38.1 kJ 
mol |, respectively (Table 7.7). 

Although the conversion of diamond into graphite is 
thermodynamically favourable, it normally does not 
occur because of high activation energy required for 
the process. 

The conversion of graphite into diamond is thermo- 
dynamically not possible but can be done only under 
forced conditions. Graphite can be converted into 
diamond at 1873 K under a pressure of 50,000—-60,000 
atm. 


1873 K : 
> 
Graphite 35990 60,000 atm Diamond 


Diamond has the highest thermal conductivity of any 
known substances (about five times that of Cu), although 
it is a bad conductor of electricity. It is due to its high 
thermal conductivity. This is why tools having diamond 
tip do not overheat and, hence, are extensively used for 
drilling and cutting purposes. 

The value of diamond is expressed in terms of its 
cut, carat (weight) and clarity (purity). The weight of 
diamond is expressed in terms of carats. The famous 
Kohinoor diamond, which at present decorates the 
crown of England’s queen, weighs ! 08.93 carat. 


| carat = 200 mg 


However, when it was taken from India to England, it 
weighed 181 carat. To restore its brilliance and lusture 
43% of its original weight was shed. 


2. Amorphous allotropic form of carbon. 


a. Coke 


b. Charcoal c. Carbon black. 


Fhese are all impure forms of graphite or fullerenes. 


7.6.2 PROPERTIES OF CARBON 


tg Atomic and Physical Properties 
aia exists in crystalline as well as amorphous allotropic forms 
etails, refer to Section 7.6. 1). The X-ray studies have revealed 


that am 
Ha n forms of carbon also have extremely fine crystals. 
» these are also known as microcrystalline carbons. 
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Atomic and physical properties of carbon are given in 
Table 7.1, Section 7.3. 


7.6.2.2 Chemical Properties 
Of all the allotropic forms of carbon, charcoal due to its high 
surface area is the most reactive form of carbon. The other forms 
such as diamond, graphite, etc. are denser and hence less reactive. 
1. Combustion: All the allotropic forms of carbon burn in air 
or oxygen forming CO, (in excess of O,) and CO (in limited 


supply of O,). 
C + O, —> CO, 
Excess 


2C + O, —> 2CO 


Limited 
supply 


This shows that all allotropes of carbon are identical. 

2. As reducing agent: Carbon acts as strong reducing agent. 
It reduces many metallic oxides to corresponding metals, 
sulphate to sulphides, and water to hydrogen. These 
reactions occur at high temperatures. 

PbO + C —> Pb + CO 
PbSO, + 4C —> PbS + 4CO 


H,O+C — =T 5 CO + H, 
Steam ———— 
Water gas 


3. Reactivity towards acids: Charcoal dissolves slowly in 
hot dil HNO, to form brown coloured substance known as 
artificial tannin. 

Carbon is oxidised to CO, with conc HNO,: 

C + 4HNO, —> CO, + 4NO, + 2H,O 

Conc 

Hot and conc H,SO, oxidises C to CO,. A small quantity of 

mellitic acid (benzene hexacarboxylic acid) is also formed. 

C + 2H,SO, —> CO, + 2SO, + 2H,O 

12C + 9H,SO, —> C,(COOH), + 6H,O + 9SO, 

Mellitic acid 

4. Combination with other elements: 

a. Carbon reacts with sulphur when the vapours of sulphur 
are passed over red hot carbon to form carbon disulphide, 
CS,. 

C +25 —> CS, 

b. When electric arc is stuck between carbon electrodes in 
the presence of hydrogen, acetylene is formed. 
2C + H, —> C,H, 

c. On heating with carbon, Be forms beryllium carbide 
(Be,C). 
2Be + C — Be,C 

d. On heating with carbon, certain oxides form carbides. 


CaO + 3C ——“"> Cac, +CO 


Calcium 
carbide 


2AL0, + 9C ——““> AL,C, + 6CO 


Aluminium 
carbide 


sio, +3C —““*> sic + 2C0 


Carborundum 


7.6.3 USES OF CARBON 


1. 


Graphite fibres reinforced plastics are prepared by embedding 
or reinforcing graphite fibres into a light weight matrix such 
as epoxy resin, polyester resin or polyamide. These are high 
strength, light weight composites. The composites are used 
in products such as tennis rackets, fishing rod, aircrafts and 


canoes. 


. Since graphite is a good conductor of electricity, it is used 


for making electrodes in batteries and industrial electrolysis, 


. Crucibles made up of graphite are inert to the action of dilute 


acids and alkalis. 


. Graphite is used as a lubricant in heavy industry. 
. Graphite is used as a moderator for gas cooled nuclear 


reactors, where it slows down fast moving neutrons. 


. Diamond is a precious stone and is used in jewellery. It is 


measured in carat (1 carat = 200 mg). Diamond is also used 
for making drills or as an abrasive for cutting and polishing. 


. Activated charcoal, being highly porous, is used for 


absorbing poisonous gases in gas masks, in water filters 
to remove organic contaminators and in air-conditioning 
system to control odour. It is used to purify and decolourise 
sugar and as a catalyst for some reactions. 


. Carbon black is used as a black pigment in black ink and as 


filler in automobile tyres. 


. Coke is extensively used as a reducing agent in metallurgy 


and also as a fuel. 


7.7 SILICON 


Silicon is obtained by the reduction of silica. Silicon exists in 
two allotropic modifications: (1) Amorphous and (ii) Crystalline. 


7.7.1 AMORPHOUS SILICON 

It is obtained by heating dry powdered silica with magnesium. 
SiO, + 2Mg —> Si + 2MgO 

Properties: 


1. 


Amorphous silicon is chemically more reactive than 
crystalline silicon. 


2. It is brownish powder. 


. It burns brilliantly in oxygen. 


Si + 0, — SiO, 


. It decomposes steam at red heat with the evolution of H,. 


Si + 2H,0 —> SiO, + 2H,t 


. Reaction with acids: It dissolves in the mixture of HNO; 


and HCl. 


- Reaction with bases: It dissolves readily in alkalis. 


Si + 2KOH + H,O — K,SiO, + 2H, 
Potassium silicate 
Si + Na,CO, —— Na,Si0,+C 


Sodium silicate 


f 


qc 
f a silicides. 


gt Si? MeS! 


Magnesium silicide 


geaction with non-metals: It ignites Spontaneously in 


poine 
i+ oF, ——> SIF 4 


nese alloys possess high strength, hardness and are resistant 
to the attack of acids. 

‘na high purity state, Si acts as semiconductor, i.e. it does 
jot conduct electricity until certain electric voltage is applied 
but beyond that it conducts moderately. It is an insulator 
when pure; but when doped (doping is replacing Si atom by 
some other atom in pure silicon) with group 15 or group 13 
elements, it becomes p-type (excess of electrons) or n-type 
(deficiency of electrons) semiconductor, respectively. These 
are used as transistors and semiconductor devices. 


[se 
1. 


) 


3, Very pure Si is also used to make computer chips. 


17.2 CRYSTALLINE SILICON 
kis obtained by the following methods: 

1. By heating finely powdered sand or quartz with carbon in an 
electric furnace. A small amount of iron is added to prevent 
the formation of carborundum, SiC. 

SiO, + 2C —> Si+ 200 

2. On strongly heating amorphous silicon, it fuses; on cooling, 

it solidifies to give the crystalline form. 
Properties: 

L Itis very hard. 

2. It does not burn in oxygen but readily combines with 
fluorine. 

3. It dissolves in a mixture of HNO, and HF. 

4. When fused with alkali, silicates are formed. 

Si + Na,CO, —> Na, SiO, + C 

High purity Si : It can be prepared by red 

Mg. 

SiCl, + 2Mg —> Si + 2MgCl, 

MgCL,, being water soluble, is was 

Purification of silicon takes place by zone 
Uses: In the manufacture of alloys: 


ucing SiCl, with 


hed away and the final 
-refining. 


Composition 
Zn 1.0% Si 2.8-4.01% Used to coat the 
Sn 1.0% AIO 01% surfaces subject 
i ha 
Mn 1.5% Pb 0.02% to corrosio 
Fe 0.50% Cu 90% 


For making 
hydraulic 
piston shoes, 
cylinder 
liners, etc. 


Si 1% 
Zn 34.05% 


Cu 60.5% 
Pb 1.7% 
Mn 2.75% 


Manganese 
Silicon 
bronze 
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yon with metals: It combines with certain metals to 


7.8 GERMANIUM 


1. 


Germanium is silvery white, hard and brittle. 


2. It has no allotrope. 
3. 
4 


. Like Si, it is used as a semiconductor, especially in the 


It is more reactive than silicon. 


fabrication of transistors. 


. Germanium is not attacked by dil HCI; however, on heating 


Ge ina stream of HCI gas, germanium chloroform (GeHCI,) 
is formed. 
Ge + 3HCl —*> GeHCI, + H,f 


Germanium 
chloroform 


7.9 TIN 


1. 
2. 


Tin does not occur free in nature. 

The most important ore of tin is cassiterite, SnO,, which 
is also known as finstone. It is usually associated with 
tungstates of iron (FeWO 4) and manganese (MnWO,). 


. Tin is silvery white metal; m.pt. 232°C, b.pt. 2270°C. 


. Tin is not affected by air. 
_ It is malleable and ductile; however, at 200°C, it becomes 


brittle and can be powdered. 


. Tin produces a crackling sound on bending, which is known 


as cry tin or tin cry. This is due to rubbing of metal crystal 
over one another. 


. Allotropic modifications of tin: Grey, white and rhombic. 


18°C 170°C 


(gcm°) 5.74 7.32 6.55 


a. The three forms are interconvertible. White tin is not only 
the heaviest but also the most stable form. 


b. Conversion of white tin into grey tin in cold countries is 
accompanied by decrease in density, i.e. increase in volume. 


c. Grey tin is very brittle and easily decomposes into 
powdered form. This is termed as tin disease or tin pest or 
tin plague. 

d. As compared to group 1, 2 and 13 metals, tin is much 
less reactive. 


e. On heating at 1500-1600°C in the presence of oxygen, 
it burns with bright flame forming stannic oxide, SnO}. 


1500- 1600°C 
Sn + O, SnO, 
f. Itis not affected by water. 


g. Molten tin decomposes steam, thus liberating hydrogen. 


- Tin is not attacked by organic acids. This property is utilised 


for tinning cooking utensils made of copper or brass. Organic 
ine present in food attack the utensils which are made 
o in brass etc. This may cause food poisoning. The 
eines Lane by tinning, i.e. depositing a thin layer 
Spies etre s of the utensils. The vessel to be tinned 
ek ie aned and a pinch of NH,Cl is sprinkled to 

e oxide film. A little tin is fused on the clean 


surface and it is th 
en rubb i 
rag to have a uniform yer aa Tae Bp ef seatton 


cee inorganic Chemistry 


Tin is a i 7 hee l 
a lso used in forming a protective coating over iron. 
process of depositing tin over iron sheets or steel is 


called tin plating. Tin plating i ; 
- plating is done either . 
or electrically. 8 either mechanically 


9. Reactions with acids: 


a. With a xe Mpa” i 
eae as ae Tin dissolves slowly in dil HCI but readily in 


Sn + 2HCI — SnCl, + H,Î 


b. With H,SO,: Tin dissolves in conc H,SO, as well as in 
dil H,SO,. 


(0) (+2) 
Sn +H,SO,—> SnSO, + HT 
dil 
(0) (+4) 
Sn + 4H,SO,—> Sn(SO,), + 2S0,f + 4H,O 


conc 


c. With HNO,: Tin dissolve in dil HNO, due to the 
formation of soluble tin(II) nitrate or stannous nitrate. 
4Sn + 1OHNO, —> 4 Sn(NO,), + NH,NO, + 3H,O 


Stannous Ammonium 
nitrate nitrate 


Tin is oxidised to metastannic acid by conc HNO, 
Sn +4HNO,—>H,Sn0, + 4NO,T+H,O 


Metastannic Nitrogen 
acid dioxide 


d. Organic acids have no action. 
10. Reaction with alkali: Tin dissolves in hot alkali solutions to 
form stannates. 
Sn + 2NaOH + H,O —> Na,Sn0O, + 2H, T 


Sodium 
stannate 


Uses: 
1. For tinning utensils made up of brass, copper etc. 
2. For tin plating. 
3. Tin amalgam is used for making mirrors. 
4. For making useful alloys (Table 7.8). 


Table 7.2 Some useful alloys of tin 


— 


Alloy Composition ; | Uses © | 
80% Cu, 20% Sn i Bell and gongs 


"Bell metal 


| Type eer Printing types | 


Britannia metal | 86% Sn, 12% Sb, 2% Cu | Cheap table ware 


E 67% Sn, 33% Pb For soldering 


28% Sn, 22% Pb, 50% 
Bi 
75-90% Cu, 10-25% Sn, | For making 


Bronze 
utensils, statues 
[and coils _ 


Rose metal For electric fuses 


75% Sn, 25% Pb 


Pewter For making cups 
mugs and other i 
Ri ental utensils 
White metal | 82% Sn, 12% Sb, 6% Cu | For making 
tableware 


| nee 
7.10 LEAD 


1. Lead is mainly found in the form of sulphide. The ore js 
known as galena, PbS (lead content varies from 6 to 8%), 
It is usually associated with zinc blende, iron pyrites and 
traces of silver (~ 0.1%). The other less important ores of 


—__ 


lead are: 
Anglesite | PbSO, | 
Cerussite | PbCO; | 
Ec ae EE — 
Lanarkite | PbO-PbSO, | 


L as jE n ] 
2. Itis a bluish-grey metal and has bright metallic lustre when 


freshly cut. However, on exposure to air, it becomes dull 
due to formation of a thin layer of oxide on the surface. 

3. Itis soft in nature and that is why can be cut with knife and 
scratched with a finger nail. 

4. Itis malleable, but not very ductile. 

5. It leaves black mark on paper. 

6. Itis a poor conductor of electricity. 

7. Itis a heavy metal with specific gravity 11.35. 

8. Reactivity with air: 
a. Itis not affected by dry air; but with most air, a thin film 
of basic carbonate is formed on its surface, which prevents 
further reaction. 


b. When heated with air or oxygen, it forms litharge (or lead 
monoxide) which changes to red lead (or Pb,0,). 


2 Pb + O, —™> 2PbO 
3Pb +20, —=""> PhO, 

9. Reactivity with water: It is not affected by pure air-free 
water, except at the boiling point. It dissolves slowly in 
water containing dissolved oxygen. 
2Pb + 2H,O + O, —> 2Pb(OH), 

The dissolution of lead in water is known as plumbosolvency. 
If the water contains nitrates, ammonium salts and 
organic acids, plumbosolvency increases. The presence of 
soluble sulphates, phosphates, carbonates etc. decreases 
plumbosolvency due to formation ofa protective thin layer 
of insoluble lead salts. 
Pb** + SO,” —> PbSO,} 
Lead sulphate 
> Pb, (PO), 4 
Lead phosphate 
Pb** + CO,” —> PbCO, 4 
Lead carbonate. 

Lead pipes are often used to transport drinking water. In 

order to minimise plumbosolvency, i.e. dissolution of lead 


Pb?! + PO F 


rá 


———— ŘŘĖŮÁ 


water hard water is first passed through the lead pipes in 
a A 


| der to deposit the protective layer on the inner surface of 
ores" 
the pipes: 


geactivity with acids: Dilute HCI only slightly attacks lead 
| À 


sa thin film of PbCI, is formed on the surface, which 
revents further action, whereas powdered lead readily 
dissolves in conc HCI with the evolution of hydrogen. 
ph +2HCI —> PbCI, + H,t 

Conc 
pbCl, + 2HCI —> H,PbCI, 

Excess (conc) Chloroplumbous acid 
Dilute H,SO, does not attack lead readily, but hot conc 
H,S0, dissolves lead with the evolution of SO,. However, 
the reaction becomes slow due to formation of insoluble 
laver of PbSO, on the surface. 


pb+2H,S0, ——> PbSO,1 + SO, + 2H,0 


White ppt 
HNO, : Lead reacts with both dil HNO, and conc HNO.. 
HNO. is the best solvent for Pb. With dil HNO,, nitric oxide 


NO) (g) is produced, whereas with conc HNO,, NO, is 
produced. 


[Pb+2HNO, —> 2Pb(NO,), + 2H] x 3 (7.1) 
dil 
[HNO, + 3H —> NO + 2H,0] x 2 


| Pb +8HNO, —> 3Pb(NO,), + 2NO + 4H,O 
| Dil Lead Nitric 
| nitrate oxide 


Pb + 2HNO, —> Pb(NO,), + 2H 


Conc 
[HNO, + H —> NO, + H,O] x 2 
| Pb + 4HNO, —> Pb(NO,), + 2NO, + 2H,O 


a2) 


Conc Lead 


nitrate 
Ionic equation for above reactions (7.1) is as follows: 
...(7.3) 


...(7.4) 


Nitrogen 
dioxide 


[Pb — Pb” + 2e°] x3 
[4H® + 3e7 + NOY ——> NO + 2H,O] x 2 
Dil 
ee en ee 
RL 


Adding 6 NOY on both sides of Eq. (7.5), we have 
or 

3Pb + 8HNO, —> 3Pb (NO), + 2NO + 4H,0 

lonic equation for reaction (7.2) Ís as follows: 


= inl FD) 
Pb —> Pb” + 2¢ 


[me +e +NO7 —> NO, + Ho | A 


Conc 


(1.1) 


2Hy 
Pb + 4H® + 2NOP ——> Pb** + 2NOz2 + “1 | ow 


i e get 
Adding 2NO$ on both sides of Eq. (7-8), we 


— 


l1. 


12. 
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Organic acids: ad 


Organic acids dissolves lead i 
of oxygen, Ph is corroded by CH,COOH 
2Pb + 4CH,COOH + O, —> 2Pb (CH,COO), + 2H,0 
Acetic acid Lead acetate 


Reactivity with base: Lead dissolves in NaOH with the 
evolution of hydrogen, 


n the presence 


Pb + 2NaOH —_» Na,Pbo, +H, T 
Sodium 
plumbite 
Reactivity with non-metals: 


Pb + S —> PbS 
Lead sulphide 


Pb + 2Cl, — PbCI, 


Lead tetrachloride 


. To make alloys such as solder, type metal etc. 

. For making pipes, which are used to carry water. 

. For making chambers, used in the manufacture of H,SO,. 
. In the preparation of lead pigments. — 


. For making telegraph and telephone wires which are to 


buried in earth. 


. In fine arts, on account of the ease with which it can be 


worked out, cut and soldered and due to its resistance to 
water and many acids. 


1 COMPARISON OF CARBON 


AND SILICON WITH OTHER 
GROUP 14 ELEMENTS 


Carbon and silicon differ from the other group 14 elements, i.e. 
germanium, tin and lead, in the following ways: 


1. 


- Oxidation states: Both C 


- Catenation: Carbon, 


- Nature of dioxides: CO 


Electronic configuration: Both carbon and silicon have 
noble gas core beneath the valence shell electrons, whereas 
Ge, Sn and Pb have intervening fully filled d and/or f shell 
between the valence shell electrons and the noble gas core. 


- Metallic character: Both C and Si are non-metals due to 


high sum of the first four ionisation enthalpies, whereas Ge 
is a metalloid, and Sn and Pb are metals. 


- Valency: C and Si show tetravalency and do not give 


tetravalent (M**) or bivalent (M~") ions. However, Ge, Sn 
and Pb show tetravalency as well as form bivalent metal 
. . 8 9. >. 

ions, ie. Ge?*, Sn?" and Pb. 


and Si exhibit oxidation state 
of +4 only, whereas Ge, Sn and Pb show both +4 and +2 
Oxidation states due to inert pair effect. 


and to some extent silicon, have a 


tendency for catenation, Whereas others do not show this 
Property to great extent. 


> and SiO, are acidic, whereas GeO, 
2 are amphoteric; but PbO, is weakly basic. 
Formation of acids 
HOOC-cooH 


Oxalic acid), wh 


and SnO 


: Carbon and silicon form acids of type 
(oxalic acid) and HOOSi-SiOOH (silicon 


Pb + 4HNO, —> Pb (NO,), + 2NO, + 2H, F ile others do not. 
N y 
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7.12 COMPARISON OF CARBON 
AND SILICON 


The first two elements of group 14, carbon and silicon, have many 
similarities in their properties as they have the same number 
of valence shells electrons, i.e. 4. However, they show many 
dissimilarities too due to difference in the number of electrons in 


the penultimate shell. 


7.12.1 SIMILARITIES BETWEEN CARBON AND 
SILICON 

1. Electronic configuration: Both carbon and silicon have 
four electrons in their valence shell. 
C(Z=6): 2,4 Si (Z = 14): 2, 8, 4 
(1s72s"2p") (ls? 25?2p°3s°3p") 

2. Occurrence: Both C and Si are widely distributed in 
nature. Carbon is an essential constituent of vegetable and 
animal kingdom, i.e. organic compounds, while silicon is 
an essential constituent of mineral kingdom, i.e. inorganic 
compounds. 

3. Valency: Both are tetravalent and show a covalency of four 
and form compounds by sharing of electrons. 

4. Allotropy: Both exist in more than one form, i.e. exhibit 
allotropy. 

5. Catenation: Both possess the property of catenation. 

6. Non-metal: Both are typically non-metallic in nature. 

7. Formation of hydrides: Both form a number of covalent 


hydrides. 
CH, C,H, CH, CHo 
SiH, Si He Si,H, Si,Hj9 
These are all colourless gases and burn in oxygen to form 
oxides. 
CH, + 20, —> CO, + 2H,O 
SiH, + 20, —> SiO, + 2H,O 


Both can be prepared by similar methods, i.e. by the action 
of water or acids on carbides and silicides, respectively. 


Be,C + 4HC] —> 2BeCl, + CH, 
Mg,Si + 4HC] —> 2MgCl, + SiH, 
8. Formation of oxides: Both burn in oxygen to produce acidic 
oxides. 
Cc+0,-——> CO, 
S+0,-——% SiO, 
9. Formation of halides : Both form covalent halides. 


CF, CCI, CBr, CHCI, 
SiF, SiC]; SiBr, SiHCI, 
10. Formation of acids: Both form similar type of acids. 
H,CO, H,SiO, 
Carbonic acid Silicic acid 
i SiOOH 
COOH SOO 


Oxalic acid Silicon oxalic acid 


panua 


= pia GO a T 
y A b A DISSIMILARITIES BETWEEN CARBON AND 
SILICON 


y LiL tis 


1. Silicon has eight electrons 
in the penultimate shell 
(2, 8, 4). 

2. It is reddish-brown solid with 
m.pt. 1410°C. 

3, It is a bad conductor of heat 

and electricity. 


1. Carbon has two electrons in 
the penultimate shell (2, 4). 


It is black solid with m.pt. 
3500°C. ae 

3, It is a bad conductor of 

electricity, except graphite 

which conducts electricity. 

4. Carbon does not react with 

alkalis. 


4. Silicon reacts with alkalis 
thus liberating H. 


Si + ZNaOH + H,O —> 
Na SiO, + 2H, 
5. CO, is a gas having linear | 5. SiO, is a high melting point 
structure: O = C = O. solid. 
| | 
— Si— O — Si— 
| | 
| O O 
gS 
| | 
6. The lower oxide (CO) is | 6. The lower oxide (SiO) is” 


stable and neutral in nature. unstable. 


7. Carbon forms a large | 7. Silicon forms lesser number 
number of hydrides known of hydrides which act as 
as hydrocarbons. These are reducing agents. These 
stable and not hydrolysed | are hydrolysed with the 
by water. | evolution of H,. 


8. It does not react with Cl, or | 8. It reacts with Cl, and Br, at 
Br, directly. | 500°C. i 
Sì + 2Cl, —> SiC], 


. CCI, is a stable compound | 9. SiCl} easily gets hydrolysed. 
and does not get hydrolysed 


by water. , 
10. The oxyacid, H,CO,, is | 10. The oxyacid, H,Si0,, is 
unstable. It is best known stable. It is also known in the | 
in the form of salts, e.g., form of salts, e.g. silicates. 
carbonates. 


11. It does not form complexes | t11. Lt forms a number of 
due to inability to exceed 
its coordination number 
beyond 4, This is because 
it does not have d-orbitals 
in its valence shell. 


complexes as silicon has 
vacant d-orbitals in its 
valence shell and thus can 
exceed its coordination 
number beyond 4 (i.e. 6). 


~ 


4. Both Sn and Pb form similar complexes, 


5. Action of caustic alkali: When caustic alkall, 
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COMPARISON BETWEEN Similarity, Pb (II) also forms soluble sodium plumbite on 


J GtICON AND TIN 


| SIMILARITIES BETWEEN Si AND Sn 
1 6 ropy: Both show allotropy. 


„ oxides: Both form oxides (SiO, and SnO,) which are acidic 


. nature: 

varie Both form gaseous hydrides. Hydride of Si, SiH p 
"more stable. Tin gives a hydride, SnH,, by the action of 
YC} on an alloy of tin and magnesium. 

galides: Both form similar halides. The fluorides SiF, and 
gnF, are known to form same silicofluorides, K,SiF, and 
tannifluorides, K,SnF,. Their chlorides are colourless, 
volatile liquids which are easily hydrolysed. 

Reaction with alkalis: Both dissolve in hot alkali solution 
with the evolution of H}. 

gj + 2NaOH + H,O —> Na,Si0, + 2H, 

Sn + 2NaOH + H,O —> Na,SnO, + 2H, 


L~ 
7 


tan 


7.13.2 DISSIMILARITIES BETWEEN Si AND Sn 


. Metallic character: Si is non-metal, whereas Sn is 
metalloid. 

"Melting point: Tin melts at 232°C, whereas melting point 
of Si is very high. 

_ Reaction with dilute acids: Si does not react with dilute 
acids, whereas Sn reacts with dilute acids with the evolution 
of hydrogen, H,. 

4. Salts: Nitrates, sulphates and other salts of tin are known, 

but such compounds are rare in the case of Si. 


_ 


av 


tw 


7.14 COMPARISON OF TIN 


WITH LEAD 


Similarities: 


1. Both form highly unstable hydrides. 


2. Both form halides, which are quite stable. T 
of such halides indicates that these elements 
electronegative character. 


he formation 
have feeble 


3. Although both tin and lead have electropositive character, 


able, they show feeble 


being in the middle of the periodic t 
its compounds such as 


electronegative character in some of 


halides, metastannates, metaplumbates etc. 
namely stannates 


and plumbates, respectively. i 
NaOH, is 
e of alr, Sn (OH), 


ad ‘on in the absenc 
ded to Sn(II) salt solution in the a r alkali to 


is first precipitated which dissolves in excess 
form stannite, SnO, . 


ji p x 
Sn? + 2NaOQH ——— => Sn(OH) + 2Na 
+ 2H,O 


Sn(OH), + 2NaOH —> Na,SnO, 


reacting with excess of NaOH. 
Pb?* + 2NaOH —> Pb(OH), 1 + 2Na® 
Pb(OH), + 2NaOH —> Na,PbO, + 2H,O 


Sodium plumbite 


Select the member(s) of group 14 that (i) forms the most 
acidic dioxide, (ii) is commonly found in +2 oxidation state 
and (iii) used as semiconductor. 

[SiF J” is known, whereas [SiCl, J” not. Give possible 
reasons. 

Diamond is covalent, yet it has high melting point. 
Why? 


a. 


i. Carbon ii. Lead 


iii. Silicon and germanium. 


b. [SiF,]° is known, whereas [SiCI,]* is not. This is because 


i. F is smaller in size as compared to Cl; so six flourine 
atoms can be easily accommodated around Si atom, but 
six large size Cl atoms cannot be accommodated around 


Si due to steric hinderance. 
© \ SE 
VA 
Si 
J 


ii. The interaction between an 
electron pair present in 2p-orbital 
on F and vacant 3d orbital is 
stronger, resulting in pn-dr 
bond formation, which is not so 
effective between large 3p orbital 
of Cl and 3d orbital of Si. 


A 


F 


px-dx bond between 
Si and F 


c. Diamond has a three-dimensional network involving strong 


C-C bonds, which are very difficult to break, and thus 
diamond has high melting point. 


Give reason for the following: 


a. 


b, 
(a 


The first ionisation enthalpy of carbon is greater than that of 
boron, whereas the reverse is true for the second ionisation 
enthalpy. 

Solid carbon dioxide is known as dry ice. 

Why does not silicon form an analogue of graphite? 


a. E H i » > ~ ` . 
lectronic configuration of carbon is ls? 25? 2p° whereas 


that of boron is 1s? 2s? 2p'. The first ionisation enthalpy 
of carbon is greater than that of boron due to its smaller 
i and higher effective nuclear charge. The valence shell 
j iene ae more tightly bound to the nucleus; hence, for 
n greater amount of energy is required. 

ence, IE, of carbon > IE, of boron. 


Sodium stannite 
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The second ionisation enthalpy of carbon is less than that 
of boron, as the removal of second electron in carbon has 
to be done from 2p orbital, whereas in boron, it has to be 
done from 2s orbital. First, 2s orbital is more penetrating 
as compared to 2p orbital; therefore, the electrons are more 
tightly bound. Also 2s? configuration in C being fully filled 
is more stable than 2p! in B. Because of these two reasons, 
IE, of C < IE, of B. 


Alternate explanation: 


1. C(Z=6) 
2 IE 2 E 22g? 
G ip 25” 2p ret os 2? 
ore energy Less energy More stable 
is required is required, bee bal 
due to high since e has to 
nuclear charge be removed 
and small size from less 
penetrated 
p-orbital 


IE l 
25? J p° 2 2 S 

| Less energy More energy Less stable 
| is required More stable is required, | | 
| d l configuration configuration 
| ue to less since e” has to 
| nuclear be removed 
| charge from more 

penetrated 

s-orbital 


i 


Therefore, IE, of C > IE, of B and IE, of C< IE, of B. 

b. Solid carbon dioxide on evaporation, change directly to the 
gaseous state without changing to the liquid state. It produces 
cooling during evaporation and does not wet the surface; 
therefore, solid CO, is known as dry ice. 

c. Due to small size and high electronegativity of C, it is 
capable of forming pn-pr bond, which occurs in graphite, 
whereas in Si, the size of the orbital involved, i.e., 3p in 
pn-pr bond formation is large and hence multiple bond 
formation is not feasible in Si. Hence, silicon does not form 
an analogous of graphite. 


Give the products formed on hydrolysis of (a) Al,C, and (b) 


CaNCN. 


a. Al,C, + 12H,O —> 4Al(OH), 4 + 3CH, Î 
Aluminium Methane 
hydroxide 
(white ppt.) 
Aluminium carbide, Al,C, on hydrolysis give a white 
precipitate of Al(OH), alongwith methane (CH,) gas. 


b. CaNCN + 3H,O —> CaCO,} + 2NH, 7 


Calcium 
carbonate 
(white ppt.) 


Ammonia 


Calcium cyanamide (CaNCN) on hydrolysis gives a white 
precipitate of calcium carbonate (CaCO,) alongwith 
ammonia (NH,) gas. 


Identify (X) and (Y) in the foll 


owing reactions. 


(X) +P 


in air 


bS wu og Pb Ga SO, 


Sol. PbS on heating in air produces either PbO or PbSO,; hence, 
( 


X) is PbO or PbSO,. 
o + Pbs —Y—— 3Pb+ SO, 


2Pb 
(X) (Y)=? 
or PbSO, + PbS > 2Pb+ 2SO, 
(X) 


(Y) is heat at high temperature, in the absence of air. 


Arrange the following in increasing order: 


a. 
b. Extent of hydrolysis: CCl, MgCL, AICL,, SiCl, 
c. 

d. Oxidising power: GeCl,, SnCl,, PbC1, 


First ionisation enthalpy: Mg, Al, Si, Na 
Reducing power: GeCl,, SnCL, PbCL 


pH of the solution: NaCl, BeCl,, MgCL, AICI, 


a. Increasing order of the first ionisation enthalpy: 


Na < Al < Mg < Si 

The valence electronic configuration of these elements are 
as follows: 

Na(Z=11) 3s! 

Mg(Z=12) 38 

Al(Z=13) 3p! 

Si(Z=14) 3p 

These elements belong to the same period. Along the period 
(>), effective nuclear charge increases. Hence, IE, should 
increase as Na < Mg < Al < Si. But Al has lower IE, value 


as compared to Mg due to penetration effect. Hence, the 
order reverses at Al and becomes: 


Na < Al < Mg < Si 


. Increasing extent of hydrolysis: 


CCl, < MgCl, < AICI, < SiCl, 


In covalent halides, hydrolysis occurs as a result of 
coordination of a water molecule to the less electronegative 
element, CCl, does not undergo hydrolysis due to the 
absence of d-orbitals in its valence shell. So it cannot expand 


its coordination number beyond 4. Thus, it cannot coordinate 
with water molecules. 


- Increasing reducing power: 


PbCI, < SnCl, < GeCl, 


Among group 14 elements, the stability of lower oxidation 


states, i.e +2, incr 
“rates, 1.€ +2, increases down the group (4 to increase 
In inert pair effect. a 


easing oxidising power: 


“net 
b Ch zgnCl, < PoC, 
G ng group 14 elements, the stability of higher or group 


tion state, +4, decreases down the group (t due to 


ida 
P ease in inert pair effect. 
p . 
| creasing pH of the solution 
[nct 


A 


> 


cl, <BeCh < MgCl, < NaCl 


with increase in charge/radius ratio of the central ion, 
ine tendency to polarise electron cloud in H,O molecule 
and, hence, dissociation of O — H bond in H,O molecule 
increases, 1.€. more and more proton will be liberated and 
solution becomes more acidic and pH decreases. In the 
compounds mentioned, charge/radius ratio is in the order: 
Na’ <Mg” < Be“ < AI” and hence extent of hydrolysis 
follows the order: NaCl < MgCl, < BeCl, < AICI. This is 
why NaCl will be least acidic and AICI, will be more acidic. 
in other words, pH of NaCl will be least and that of AICI, 
will be maximum; hence the order: AICI, < BeCl, < MgCl, 


< NaCl. 


pope OTE ee ee eee 
“15 SOME IMPORTANT COMPOUNDS 
OF GROUP 14 ELEMENTS 


715.1 OXIDES OF CARBON 

carbon forms many oxides as compared to other elements. These 
sides differ from the other elements because they contain pn—pt 
zultiple bonds between C and O. Two of these oxides namely CO 
niCO, are extremely stable and most important. Three less stable 
mides are C,0,, CO, and C,,0,. Others oxides that are even less 
sable are graphite oxide, C,O and C,O, etc. 


715.1.1 Carbon Monoxide (CO) 
Preparation: 

1. By incomplete combustion of carbon and carbon containing 
fuels or direct oxidation of carbon in limited supply of air 
or oxygen. 
2C + O, —> 2CO 

2. By heating oxides of heavy metals, e.g. i 
carbon. 


FeO, + 3C —> 2Fe + 3CO 
ZnO +C —> Zn + CO 


- In laboratory, pure CO is prep 
acid (HCOOH) with conc H,SO, at 373 K. 


ron, zinc etc. with 


ared by dehydration of formic 


ww 


HCOOH —28%= CO + H,O 
Formic acid oe Carbon 
monoxide 


(H,SO, acts as a dehydrating agent) 
In laboratory, CO can be prepared by hee 
ferrocyanide, K, [Fe(CN)¢}. with cone H,SO, 


4 ACN 
K,[Fe(CN),] + 3H,S0, —? 2K2804* F esO,+ S 


[HEN + 2H,O — piceon + NHs]*° 
‘po3eot => #,0+001*6 


ating potassium 


> 
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[ 2); + H,SO, — (NH,), SO4] * 3 


es, ae i, RC es ene 
K,[Fe(CN), + 6H,SO, + 6H,0 > 2K,SO,+ FeSO, + 3(NH,),SO, 


+ 6CO] 


5. Commercially, CO is produced: 


a. By passing steam over red hot coke. 
473-1273 K 
3 LEL 
c— m 


Water gas 
The mixture of CO and H, is known as water gas or 
synthesis gas. 
b. When air is used instead of steam, a mixture of CO and 
N, is produced, which is called producer gas. 


1273 K 
L 
2C ig + Op t 4N) > 200%) | AN ap) 
Producer gas 


Water gas and producer gas are very important industrial 
fuels. CO present in water gas OT producer gas can 
undergo further combustion to form CO, with the 
liberation of heat. 
Structure: The electron dot structure of CO may be 
represented as follows : 
Ë::Ö: or C=0: 
In the above structures, C has six electrons while O has 
eight electrons in the valence shell. In order to complete 
the octet around C, O donates a pair of electrons. 


Q e 


®@ (©) @ O 
CO: or :C=0: or :CE0O 


CO is best represented as a resonance hybrid ofthe following 
two structures: 


Experimental evidence for the presence of triple bond 
between C and O are as follows: 


i. Carbon—oxygen bond length is 113 pm, which 
corresponds to carbon—oxygen triple bond. 

ii. The dipole moment of CO is very low due to back 

donation of a pair of electrons from the more electro- 
negative O-atom to the less electronegative C-atom. 
In CO molecule, both C and O atoms are sp hybnidised. 
One sp-hybrid orbital from each of C and O overlap to 
form a (C—O) (o) bond, while the other sp-orbital on 
both C and O atoms contain the lone pair of electrons. 
The two unhybridised p-orbitals of C and O form two 
pr-pr bonds. Thus, CO is a linear molecule. 


g Lone’ é 
| Cm O: ] pair -X Filled 2p orbital 
Vacant 2p of O-atom 
orbital on C-atom 
ee on presence of a lone pair of electrons on the 
o m, CO acts as a Lewis base or a ligand and 
a coordinate bond with metals to form metal 


P carbonyls (M <— :C = O) 


7.28 Inorganic Chemistry = 
CaCO, + 2HCI—> CaCl, + CO, Tt +H,O 


Properties: 
1. CO is acolourless and odourless gas. NaHCO, + HCl 2 NaCl cee T+ H,O 
2. CO is sparingly soluble in water and is a neutral oxide. 3. The main industrial source Is as a by-product from the 


i king ammonia. 
3. Reducing agent: Since CO gets easily oxidised to CO,, it manufacture of hydrogen for making 


acts as a powerful reducing agent. It reduces almost all metal 
oxides other than those of alkali and alkaline earth metals, 
aluminium and a few transition metals. This property of CO 


A 
CO, + H,0 — COn¢g) + Hz) 


A 
CHyg) + 2H,0 —— COrg) * 4Hog) 


is used in the extraction of many metals from their oxide 4. It is also formed during fermentation process in breweries. 

ores: Yeast under 4 
A CoH 2% anaerobic 2C,H,OH 2CO, 

FeO.) oe Feo 7 3CO ze) Glucose or conn Ethyl alcohol 
A fructose 

200) t CO) Zn) + CO2) 5. By heating carbonates and bicarbonates of less electropositive 
A ls: 

CuO, + CO,..— Cun + CO, metals: 

o Oe ae ZnCO, — ZnO + CO,t 


4. Toxic nature: CO is toxic in nature as it reacts with 
haemoglobin in the blood and forms a complex called 
carboxyhaemoglobin which is about 300 times more stable 
than the complex formed by the reaction of oxygen (air) and 
haemoglobin in the lungs. 

Haemoglobin + CO —> Carboxyhaemoglobin 


2NaHCO, —> Na,CO, + H,O + CO, 

Structure: The electron dot structure for CO, molecule may 
be represented as: 

10::C::0: or Xð =C=0: 

In CO, molecule (Fig. 7.9), C is sp hybridised. 


C 2s 2p 
(Ground Hn 
S 


This prevents the haemoglobin present in the RBC (red r 7 Kisi 
blood cells) from carrying oxygen from the lungs to all (Excited 7 + 
state) sp hybridisation These pure p-orbitals form two 


pr-pr bond with two O-atoms 


Haemoglobin + O, = Oxyhaemoglobin 


parts of the body. This leads to oxygen deficiency causing 
unconsciousness and ultimately leads to death. 


5. Formation of metal cabonyls: In CO molecule, there is one Z Z 
o and two n bonds between carbon and oxygen GC = 0). : T l AÏ 7 a 
Because of the presence of lone pair on C, CO acts as a donor o e = 
and reacts with many metals to form metal carbonyls. C O q Je C SP 6< > ->X 
yi + 4c0 — "= _, Ni(CO), G ey 
Fe + 5CO—— Fe(CO), (0=C=0) 


6. CO is an important fuel, because it involves a considerable 


peer Fig. 7.9 Structure of CO, molecule 
amount of heat when it burns in air to give a blue flame. 


Two sp-hybridised orbitals of C-atom overlap with two 


© 
2CO + O, —> 2C0, AHy =-565 kJ mol! 


. CO is quite reactive and combines readily with O, S and 
halogens F, Cl and Br. 


1 
CO + 50,—> CO, 


CO + S —> COS 
- Carbonyl sulphide 


CO + CL — COCI, 
Carbony] chloride or phosgene 


p-orbitals of O-atoms to make two sigma (o) bonds, while 
the other two electrons on C-atoms are involved in pt-pt 
bonding with O-atoms. As a result, CO, is linear, monomeric 
covalent compound. This structure predicts that C—O bond 
lengths in CO, should be equal and have a typical bond 
length of 122 pm. But experimentally the bond length 
was found to be 115 pm only. This can be explained if 
CO, is considered to be resonance hybrid of the following 
structures. 


2 8 DV Ae g 


. (7 e e € > . . € 5 2 e 
7.15.1.2 Carbon Dioxide (CO,) e a, ae 
Preparation: 

1. By complete combustion of carbon and carbon containing 
fuels in excess of air. 


Because of resonance, carbon—oxygen bond length acquires 
some triple bond character; hence, a decrease in bond length 
from 122 to 115 pm is observed. 
x Properties: 
Cot Orea — > CO 24g) 1 i 

. CO, is a colourless, odourless and tasteless gas and is about 


A . , 
CH) + Or) e CO, (5) + 2H,0,) 1.5 times heavier than air. 


2. In laboratory, CO, is prepared by the action of dilute mineral 


2 2. Unlike CO, it is not poisonous in nature. However, it does . 
acids on carbonates and bicarbonates. 


not support life and animals die in it for want of oxygen. 


| 


4! 


ae 


a 


— 
. 


ap i incombustible and non-supporter of combustion. 


(01 a some very active metals, e.g. Mg, Na, K etc. 


Hi e purning in a jar of CO, gas and reduce the gas to 
con etary carbon. 
elem co; — 2MgO + 2C 


ture: CO, dissolves in water to form carbonic acid 
A co,) in very small amount, and most of the dissolved 
“0. remains loosely hydrated. CO,, therefore, is also known 
as carbonic anhydride. 

Oa H,0g = HCO l 

carbonic acid is a weak dibasic acid, highly unstable and 
hus cannot be isolated. It forms two series of salts, i.e. 
pydrogen carbonates and carbonates derived from the anions 
HCO. d CO; . 

H.CO aq) * H00 = HCO; (aq) * H3O” aq) 

HC ‘ts (aq) id H,0,) = CO3” (aq) $ 0” an 

Thus. a solution of CO, in water is actually an equilibrium 
aixture of CO,, H,CO,, HCO,° and CO,” . These equilibria 
we very important in H,CO,/HCO,’ buffer system which 
helps in maintaining the pH of human blood between 7.26 
and 7.42. 


acidic na 


Photosynthesis: CO,, which is normally present to the extent 
of- 0.03% by volume in the atmosphere, is removed from 
it by the process known as photosynthesis. In the presence 
of chlorophyll (the green colouring pigment of the leaves) 
and sunlight, the plants absorb CO, and react with moisture 
to form glucose and starch which are used as food by the 
plant. This process is called photosynthesis. 


600, + 6H,O FARE + CH0 + 60, T 
Glucose 


éz (CO,) + 5x (H,O) —> (CgH40Os), + 6x (03) T 
Starch or cellulose 

Photosynthesis is the process by which plants prepare food 
for themselves as well as for human beings and animals. 
Reduction: When passed through red-hot coke, it is reduced 
to carbon monoxide, CO. 
CO, +C—— 2 CO T. , 
Action of lime water: CO,, when bubbled through lime 
Water, Ca(OH), initially turns lime water milky. However, 
when CO, is passed in excess, the solution becomes clear 
or the milkiness disappears. On heating the clear solution, 
milkiness reappears. This 1s explained by the following 
reactions: 

Ca(OH), + CO, —> CaCO, | +H,O 
Calcium 
carbonate 

(insoluble, 

hence milkiness) 


CaCO, + CO, + H,O —> Cal HCO»), 
Calcium bicarbonate 
(Soluble, hence milkiness disappears) 


Lime 
water 


Excess 


Heat + H,O 
CaCO). CaCO, + + CO, Î +H, 
carbonate 
(Insoluble) 


8. 


Uses: 


D aN 


. Solubility: CO, is slightly soluble in water. 


. As a fire extinguisher: 


es ee ee ene ee Re eg ee ee 


Action of NH,: CO, react 


s with liquid ammonia (NH,) at 
453-473 K under 220 atm pressure to form ammonium 
carbonate which subsequently decomposes to give urea. 
453-473 K 


CO, + 2NH, E [H,NCOONH,] 
Ammonium carbonate 
H,N COONH, — > H,NCONH, + H,O 


Urea 

Its solubility in 
water, however, increases with increase in pressure. Soda 
water and other aerated soft drinks are, in fact, a solution 
of CO, in water under pressure. 


Air containing ~15% CO, does 
not support combustion. CO, is, therefore, used for 
extinguishing fire. 

a. Dry powder extinguishers: It contain sand and baking 
soda (NaHCO,) which is thrown over the burning fire 
where NaHCO, is decomposed by heat and CO, is 
liberated. 
2NaHCO, —— Na,CO, + CO, + H,O 

b. Baking soda-sulphuric acid type fire extinguisher: 
It contains a bottle of ———— 0 
H,SO, supported in a 
metallic container filled 
with a strong baking soda 
solution (Fig. 7.10). On 
striking the knob, the acid 
bottle breaks and CO, is 
liberated by the action of 
H,SO, on baking solid, 
NaHCO.. 


2NaHCO, + H,SO, —— 


Na,SO, + 2CO, T +2H,O 


Fig. 7.10 Baking soda—sulphuric 


c. Foamite fire extinguis- : : 
acid type fire extinguisher 


hers: In this, sulphuric 
acid is replaced by aluminium sulphate, AlL (SO), and 
licorice extract. Al,(SO,), liberates CO, from baking 
soda and the mixture of Al(OH), and licorice acid (a 
viscous fluid) is blown into flame by CO,. 

Al,(SO,), + 6,0 —> 2A\OH), + 3H,S0, 
2NaHCO, + H,SO,—> Na,SO, + 2H,0 + CO, 

The foam surrounds the burning ébject and oils off 
supply of air. It has been found to be more effective in 


extinguishing oil fires which spread instead of bein 
extinguished by water. Í 


: Hi the preparation of aerated waters. 
- Carbogen: A mixture 


of 95% O, and 5% CO, is used for 


Victims of C isoni 
O poisoning and pneumonia patients in artificial 


respiration. 
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4. In the manufacture of washing soda by Solvay ammonia 


process. 
5. Solid CO,, i.e. dry ice, is used as a refrigerant under the 
commercial name drikold. 


6. Supercritical CO, is used as a solvent to extract organic 
compounds from their natural sources such as perfumes 
from flowers and caffeine from coffee beans. 


7.15.1.3 Dry Ice 

Solid CO, is known as dry ice or cardice or drikold. 
Preparation: Dry CO, gas is pressurised at 50-60 atm and 
refrigerated between —57°C and +30°C until it liquefies. Next 
the pressure is reduced to (~35) atm. As a result some liquid 
CO, vapourises, causing a rapid lowering of the temperature of 
the remaining liquid. As a result, extreme cold causes liquid to 
solidify into a snow-like consistency. Finally, the snow-like CO, 
is compressed into either small pellets or larger block of dry ice. 


Properties: 
1. Dry ice is a soft, white solid with p = 1.53 g cm”, 
m.pt. = 216.4 K at 5.2 atm, resembling snow flakes. 


H__ OH; 
op | P4010 
a E EE oe P — O=C=C=C=0+2H0 
|. |. 150°C 
‘OH H; 
Malonic acid 


This reaction shows that C,O, is anhydr ide of malonic acid, 


Properties: 


. C,0, is a foul smelling gas, b.pt. 6°C. 


Stable at -78°C. 


Linear molecule. | 
At room temperature, C,0, gas polymerises to a yelloy 
solid and at higher temperatures to red and purple solids. 


= 


a a 


5, With H,O, malonic acid is formed. 
C,0, + 21,0? HOOC - CH, - COOH 

6. With HCl, acid chloride is formed. 
C,0, + 2HC1—> CH,( COC), 

7. With NH,, amide is formed. 

_ C,0, + NIL ==> CH,(CONH,), 

The other stable carbon suboxide is C,,O,. It is a white solid 
and anhydride of mellitic acid, C,( COOH),. 


nN 


. At pressure below 5.2 atm, if the temperature is raised, it 
changes into gaseous CO, without melting. However, if the 
pressure is above 5.2 atm, it melts to liquid CO, like any 
other solid. 


3. It sublimates very slowly due to low ratio of surface area 
to volume. As the dry ice sublimates, pressure increases 
causing the bottle to explode. 


4. Dry ice mixed with alcohol, ether or acetone produces 
intense cooling and can be used as a freezing mixture. For 
example, temperature of ether—dry ice mixture is as low as 
263 K and temperature of acetone—dry ice is 196 K. 


wn 


When the solid CO, is kept is air under one atmospheric 
pressure, it sublimes, i.e. changes directly into the gaseous 
state without liquifying. As a result, unlike ordinary ice, it 
does not wet the surface on which it is kept. Therefore, it is 


called dry ice. 


Uses: 


1. For making cold baths in the laboratory. 
2. For curing local burns. 
3. For surgical operation of sores in hospitals. 


4. As a refrigerant under the name drikold, in cold drinks and 
for manufacture of ice cream. 


5. In the transport of perishable food-stuffs due to the low 
temperature and inert atmosphere it produces. 

6. Artificial rain is caused by spraying small pellets of dry ice 
over clouds with the help of aeroplanes. 


7. Itis used in film industry for creating artificial fogs or clouds. 


7.15.1.4 Carbon Suboxide (C,O, ) 
Preparation: By dehydrating malonic acid with PO). 


7.15.2 CARBIDES 
Binary compounds of carbon with more electropositive elements 
than itself (except hydrogen) are called carbides. 

Thus, this definition excludes the binary carbides of C with N, 
P, O, S and halogens. 


7.15.2.1 General Methods of Preparation 
1. By heating metal with C. For example, 
a. Be + 2C —> BeC, 
b. 2Ag+C—>Ag,C, 
c. 3 Mn +C—>Mn,C 
i 2144C— 5 1Li,G, 
e. 3 Fe +C—> Fe,C 


2. By heating oxides, hydroxides, nitrides, phosphates. 
sulphates etc. with C. For example, 


a. MgO + 3C —> MgC, + COT 

b. CeO, +4C—> CeC, + 2cot 

- 2A1,0, + 9C —> ALC, + 6CcOT 

- SiO, + 3C —> SiC + 2C0OÎ 

- U30; + 14C —> 3UC, + scot 

- 2Mg(OH), + 4C —> 2MgC, + 2H,0 + 0,7 
g- Ca,H, + 6C — 3CaC, + N,Î l 


— O & O 


» Ca,(PO,), + 14C — 3CaC, + 2P + 8COÎ 
» 4A1PO, + 19C —> ALC, + 4P + 16COT 
J. BaSO, + 2C — Bac, + SO, + O,f 


3. By passing ace 
tylene (C,H heated 
element or its oxide. ‘ NA aoe 


a. 4Li + C,H 


xample, 
2 —> LC, + 2LiH 
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| EL 2SiC + H,Î 
gsi t Cola 1, 2, 13 (except B), coina i i 
i ; ge metals, zinc, cadmium and some 
gT oM. Ag,C, + H,O lanthanides. 
t 
„eating the metallic oxide or halide with CaC,,. For They react with water to liberate hydrocarbons. 
| ap CaC, + 2H,O —> Ca(OH), + C,H, 


„ MgO * CaC, —> MgC, + CaO 

4, CuCl, + CaC, —> CuC, + CaCl, 

, MgF + CaC, —> MgC, + CaF, 
, py passing CO over metal at high temperature. For example, 
wit 2cO— Li,C, + 0, 

. 6Al+3CO—> ALC, + ALO, 


. BY passing acetylene (C 5H.) through ammonical solution 


of the metal salt. For example, 
a. 2CuCl + 2NH,OH + C,H, —> Cu,C, + 2NH,Cl 
+ 2H,O 
b. 2AgNO, + 2NH ,OH + C,H, — Ag,C, + 2NH,NO, 
+ 2H,O 
"By heating metallic carbonate with C in presence of an 
oxidisable metal. For example, 
BaCO, + C + 3Mg —> BaC, + 3MgO 


15.2.2 General Properties 

|. Crystalline nature: Generally they are transparent 
crystalline solids. 

1. Colour: Carbides of alkali metals and of Ca, Sr and Ba are 
only colourless while most of the remaining carbides are 
coloured. 

3. Softness and hardness: Alkali metal carbides are soft while 
others are usually hard. For example, Be,C and UC, are so 
hard that they can scratch glass and quartz. 

4. Explosive nature: Carbides of U, Cu, Hg(ic) etc. are 
explosive substance; ©... Hag(ic) carbides explodes on rapid 
heating. Uranium carbide emits sparks when struck and takes 
fire even when powdered quickly. | 

5. Reducing property: The carbides of alkali metals and of 
Ca, Sr and Ba are strong reducing agents ear MgO and 
MgCL, are reduced to the metals on heating with CaC,. 


a. 3MgO + CaC, > 3Mg+ CaO + COT 


b. MgCl, +CaC, —2> Met CaCl, * 2c1 
6. Hydrolysis: Ionic carbides can easily be hyarolysed by 
water or dil acids, with the formation of different types of 
hydrocarbons. 


nthe basis of chemical bonding i 
“follows: 


nvolved, carbides are classified 


L Tonic or salt-like carbides 
2. Covalent carbides 
3. Interstitial or metallic carbides 


4. Borderline carbides 


15.2.3 lonic or Salt-Like Carbides 


ese are formed by highly electropositive metals of groups 


Acetylene 


Depending on the nature of hydrocarbon liberated on hydrolysis, 
ionic hydrides are further classified as follows: 

1. Acetylides: These contain the (acetylide) ion, o 
(C=C)’ and liberate acetylene on hydrolysis. CaC,, which 
is prepared by the reaction of calcium oxide and carbon at 
high temperature, reacts with water to liberate acetylene 
gas, which is used for welding. 

CaC, + H,O —> Ca(OH), + HC = CH 
Acetylene 
BaC, and SrC, also give C,H, on hydrolysis. 

2. Methanides: Carbides containing methanide ions, C*, are 
called methanides, and they liberate methane (CH,) gas on 
hydrolysis, e.g. Be,C and Al,C;. 

ALC; + 12H,0 —> 12 Al(OH); + 3CH,? 
Be,C + 4H,0 —> 2Be(OH), + CH, T 


Mn,C probably has related character, since its hydrolysis 
also gives methane. 
Mn,C + 6H,0 —> 3Mn(OH), + CH, + H, T 

3. Allylides: One of the two magnesium carbides formed 
contain allylide ion (cr) _ and react with water to give 
allylene and, hence, is known as allylide. 
Mg,C, + 4H,0 —> 2Mg (OH), + H;,C - C = CH 

Allylene or propyne 

4. Mixed carbides: A few carbides like those of Th and U of 
the formula MC, give on hydrolysis, a mixture of several 
hydrocarbons including acetylene, olefins (alkene) and 
H,. These carbides are related in structure to intermetallic 
compounds. 

5, Structures: The ionic carbides possess ionic lattices in 


which the metallic cations are packed into the cavities 
between carbon anions, e.g. C + cP and Cy. 


7.15.2.4 Covalent Carbides 


These are formed by metalloids such as boron and silicon. Boron 
carbide (B,C) is harder than silicon carbide and is being used as 
an abrasive and as protection against radiation. Silicon carbide 
(SiC) is also known as carborundum. 

Properties: These are not attacked by H,O, dil and conc acids. 
These are extremely hard and decompose at high temperature. 
Because of their hardness they are used for cutting and as abrasives. 


7.15.2.5 Interstitial or Metallic Carbides 


aes iene by transition metals belong to this category. 
ee o T called refractory carbides. These carbides are 
generall y those transition metals whose atomic radii are 

y greater than 130 pm, since the radius ratio (relra) 
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must be either 1:0.41 or 1:0.59 to permit C-atom to enter into 
the octahedral voids of the cubic close packing of the metallic 
lattice without distorting it. These are two types, viz., MC type 
(M=Ti, Zr, Hf, V, Nb, Ta, Mo, W) and MC, type (M = V, Mo, W). 


Some salient features of interstitial carbides are as follows: 


1. Higher melting points, e.g. m.pt. of TaC = 4175 K. 


2. These are very hard, e.g. WC is used for cutting and drilling 
tools on account of its hardness. Their hardness on Moh’s 
scale is in the range 9-10. 


3. Their crystal lattice is close packed type with carbon atoms 
occupying the octahedral holes (interstitial voids) in the 
metal lattice. The presence of carbon, therefore, does not 
affect the electrical conductivity of the metal. 


4. These carbides are chemically inert and extremely hard. 


Wn 


These carbides possess metallic lusture and high electrical 
conductivity which increases at lower temperature and may 
become infinite at absolute zero. 


6. They are weakly paramagnetic which is characteristic of the 
presence of metal lattice in their crystal structure. 

7. They are attacked by strong oxidising agents at red heat. 

8. Carbides of Mo and W are somewhat more reactive than 


the metals from which they are derived but other carbides 
are less reactive than the parent metals. 


7.15.2.6 Borderline Carbides 

Fe, Mn, Co, Ni and Cr have atomic radii less than 130 pm (Mn 
is exception) and hence octahedral voids in the metallic lattice 
of these metals are too small to accommodate C-atoms in them 
without producing a great deal of distortion in the metallic 
lattice. Here the metallic lattice is distorted and these carbides 
are intermediate in properties between the ionic and interstitial 
carbides but their radius ratio (o/m) is in the range of 60-61 
pm, which place these carbides closer to the interstitial carbides. 
Properties: They are relatively less stable and liberate a mixture 


of hydrocarbons and H, on hydrolysis with H,O or acids. 
7.45.3 FUEL 


Any combustible substance which on burning produces heat 
energy without the production of excessively undesirable product 
is known as a fuel. 


7.15.3.1 Requisite of a Good Fuel 
1. It should have high calorific value. 
2. It should produce very little ash content. 
3. It should not give any offensive odour or any undesirable 
product during combustion. 
4. It should be cheap and easily available. 
5. The combustion should be of moderate speed. 


7.15.3.2 Different Types of Fuel 
1. Solid fuels: These are derived from plants directly or 
indirectly. These include wood, coal, coke, charcoal etc. 
2. Liquid fuels: Petroleum products (e.g. petrol, kerosene etc.) 
and alcohols. These are more convenient and leave no solid 
ash. 


in i EE Eee 


Combustible gases such as coal gas, Water 


3. Gaseous fuels: 
llent fuels. Gaseous fuels are the best 


gas etc. make exce 


fuels. 
suae Mam |; Composition ime 
fuel components r oe 
Coal gas H, (56%), CH, (22.8%) 


CO (10.9%), O, (0.5%), 
CO, (1.3%), N, (5.0%), 
C, H,, C,H,, benzene (2.5%) 


CO (40-50%), H, (44-50%), 
CO, (3-7%), N, (45%) 


Water gas 


LPG 


7.15.4 CARBON—-NITROGEN COMPOUNDS 
Some important compounds of carbon and nitrogen are as follows. 


CO (30-40%), N, (50%), 
H, (2-5%), some CO, 


Mixture of lower 


hydrocarbons 


CH, (85%), C,H, (9%), 
C, H; (3%), C4 Hyp (1%), 
N, (2%) 


n-butane, 
isobutane 


CH,, €O,-H,,, CO,, HS, 
N, etc. 


7.15.4.1 Calcium Cyanamide (CaCN,) {Ca% [N=C=N]} 


Preparation: It is obtained by heating finely powdered calcium 
carbide (CaC,) with a little of CaCl, in the atmosphere of CO, at 


1000 — 1100°C in an electric furnace. CaCl, accelerates the rate 
of reaction. j 


CaCl» 
CaC, +N, T000 1100C CaNCN + C 


Calcium Carbon 
cyanamide 
Nitrolim 


It is usually obtained as a dark grey mass. Grey colour is due 
to the presence of carbon. The grey mass which is a mixture of 


calcium cyanamide and carbon is used as a nitrogenous fertiliser 
Its trade name is Nitrolim. 


Properties: 
1. Pure CaCN, forms colourless, rhombohedral crystals which 
sublime at 1300°C, without melting. 
Reaction with superheated steam: 
CaCN, + 3H,O —> CaCO, + 2NH, 


Superheated 
steam 


2. 


This reaction is used for the manufacture of NH, on 4 
scale by cyanamide process. 


— 


P| 
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/ pet Fusion or 
i + g Ca(CN), 2C 2+ O , 

a Calcium cyanide u + ACN’ —> 2CuCN + (CN X 

: . . Properties: i 

act n with NaCl ar Na, CO.: Crude calcium cyanamide It i 
ik , mixture of calcium cyanamide and coke) on heating * £ Is colourless, extremely poisonous, flammable gas. 
9 NaC | of Na,CO, produces NaCN. (b.pt. = —21.2°C) 

ay NE 


yi sis onacl+C CaCl, + 2NaCN 2. It has smell of bitter almonds. 


Cal . It burns in air to give a violet c ; This i 
rae) é give a violet colourless flame. This reaction 
aN, * Ct anna 3 CaCO, + 2NaCN is explosive in nature. 
this reaction 1S used to prepare sodium cyanide (NaCN), (CN), + 20, —> 2CO, +N 
sae op , ) 2 
uae e he extract $ l ; 
sodium cyanide i> “ d for the inasin of gold and silver 4. It disproportionates in basic solution to give cyanide and 
„m their ores. Treatment of NaCN with strong acids cyanate ions. 
liberate HCl which is a colourless gas and behaves as a weak (CN), + 2KOH —> KCN + K( “NO + H,O 
yid in aqueous solution (pX, = 9.0). Industrially, HCN is or l l 
aptained by the reaction of ammonia with methane at a high (CN), + 20H —» CN” + OCN” + H,O 
temperature. Structure: In (CN),, both C and N are sp-hybridised. 


Pt catalyst 
ar. 4N — =’ 
CH, * NH) — 1500K HCN o) i 3H x0) 
Cyanides and HCN are extremely poisonous substances. 


ingestion OT inhalation can lead to instant death. HCN is 


wed in the manufacture of methylmethacrylate polymers N=C-C=N 
„nd adiponitrile, which is an intermediate for nylon. Linear 
= 
i. Nivolim acts as a good nitrogenous fertiliser. When added to 

soil. it first changes into calcium carbonate and cyanamide. sp 

CaCN, + + e -+ - 

CCN, + HO + CO, —> CaCO, + HN'CN 7.15.5 CARBONIC ACID (H,CO,) 
Calcium Cyanamide = l 3 
carbonate (m.pt. 318 K) An aqueous solution of carbon dioxide behave as a weak acic. 

The cyanamide then hydrolyses in two stages to give which is due to the formation of carbonic acid. 

ammonia as the final product. CO, + H,0 = H,CO, 

HN-CN+H,O —> H,NCONH Carbonic acid . 

7 Uea 7 This is why CO, is also known carbonic anhydride. 
HNCONH, + H,O — CO, Tt + 2NH, Carbonic acid is known only in the solution and has not been 


; ar nitrates throu gh the agency of isolated in the free state. 


nitrifying bacteria. On account of its slow conversion into i 
ammonia and nitrates, calcium cyanamide is a valuable H,CO, = H* + HCO, 


fertiliser as its effects are of prolonged nature. The formation HCO, = 1 4. co? 
of CaCO, in the process in also useful from agricultural 
3 


It is a weak dibasic acid and ionises in two steps: 


Since H,CO, is a Weak dibasic acid, its structure has two — OH 


point of view. groups directly linked to the central C atom. The structure of 
2. Itis used for the manufacture of melamine plastics. H,CO, has been inferred trom that of the metallic carbonates. 
The carbonate ion, CO, , is coplanar (bond angle: 120°) and 
15.4.2 Cyanogen (CN), | is considered to be a resonance hybrid of the canonical forms as 
Cyanogen was discovered bY Gay-Lussac in 1815. a has shown in Fig. 7.11. 
‘Superficial resemblance to halogens (X) a90 1 Deerin O O "O 
heudohalogen. | | ~I 


'eparation: C <| > C <> F C 


, i ] ' ing Ñ is N 
l. Cyanogen is produced by the oxidation OHG Ney Supini o Oo YS, D) Oo Oo 


a sily 
er catalyst. Fig. 7.11 Resonance hybrid of CO;~ ion 


4 + 2H,O T 
i HCN + 0, —> 2(CN)2 a py CuSO; solution; The lhe three carbon-oxygen bonds are having the same bond 
- By oxidation of potassuim cyanide DY length, which means that each bond has one-third double bond 
reaction proceeds as follows: character. 
CN ; 2 . 
CuSO, + 2KCN —> K,SO, + Cu(CN), The carbon atom in co. ion is sp“ hybridised due to which 


2Cu(CN), —> 2CuCN + (CN) LL the bond angle is 120°. 
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7.15.5.1 Carbonates and Bicarbonates 

Carbonic acid is a dibasic acid and gives rise to two series of salts: 
1. Carbonates, i.e. normal salts. These contain co,” ion. 
2. Bicarbonates, i.e., acid salts. These contain HCO, ion. 


The. metallic carbonates and bicarbonates are prepared as 
follows: 


a. By passing CO, through an alkali. 
2NaOH + CO, —> Na,CO, ¥ + H,O 
Na,CO, + CO, +H,O —> 2NaHCO, 

Excess (Soluble) 


Properties: 


p Solubility 


2. Action of heat 


— Se 43 Sons 
e Key ees Pee 4 Rites fx} ue \ 
k ce ate Ric te ARAN €r 
Carbo ic es- re ae Rpt ge i 

pa freee: pate ort ES 


Freit alkali metal carbonates, all the 


carbonates are insoluble in water. 


Alkali metal carbonate, except Li,CO,, do not 
decompose on heating. 


All other carbonates decompose on heating to 
give CO.. 


Li,CO, —> Li,O + CO,îÎ 
ZnCO, ——> ZnO +CO,t 
CuCO, —™ CuO + CO, 


A 1 
Ag,CO, ——> 2Ag + CO, + 50, 


3. Action ofacids | Carbonates are decomposed by acids with 


effervescene due to evolution of CO,. 
CaCO, + HCl —> CaCl, + CO, T + H,O 


Reaction with 


Soluble carbonates give a white ppt. with 
MgsoO,* 


magnesium sulphate in cold. 
Na,CO, + MgSO, —> Na,SO, + MgCO, + 
white ppt. 


Hydrolysis Being salt of weak acid, carbonates undergo 


hydrolysis The solution is alkaline and 
pink colour with phenolphthalein. 


CO; +H,O = HCO? +4®__ (1) 


gives a 


HCO? + H,O = HCO, + OH — (2) 


Although it also undergoes ionisation to a small 
extent, according to following reaction 

HCO, = CO; +H® —_ (3) 

(2) + (3) = 2HCOP = HCO, + CO; 


: ; 
MgSO, is the reagent by which carbonates and bicarbonates can be distin 


tA: Bicafbonates es aa PR a 


The carbonate formed first changes to bicarbonate on 
excess passage of CO,. 
Ca(OH), + CO, — CaCO; 4+H,O 
CaCO, + CO, + HO => Ca(HCO,), 
b. By precipitation: Heavy metal carbonates are precipitated 
from the salt solutions with washing soda 
Na,CO, + BaCl, —> BaCO, 1 + 2NaCl 
c. By reacting basic oxides and CO,. 
K,O + CO, —> K, CO; 
Na,O + CO, —> Na, CO, 


Bicarbonates are solube in water. Bicarbonates of alkali 
metal are known in the solid state, all other bicarbonates 
exist only in the solution state. 


All the bicarbonates decompose on heating to give CoO.. 
MHCO, ——> M,CO, + CO, Î + H,O 
e.g., CalHCO,), —> CaCO, + CO, +H,0 


The carbonates formed further decomposes except alkali 
metal carbonates. 


M,CO,—> MO.+ CO, 
e.g., CaCO, —> CaO + CO, T 


Bicarbonates are decomposed by acids with 
effervescence due to evolution of CO,. 


CaHCO, + 2HCl—> CaCl, + CO, + H,O 


Bicarbonates do not form any white ppt. with MgSO, in 
cold. However, on heating a white ppt. is formed. 
2NaHCO, + MgSO, —> Mg(HCO,), + Na,SO, 
(Soluble) i 
A 
Mg(HCO,), —=—> MgCO, 4 + CO, +H,0 
White ppt. i i 


Being salt of weak acid, bicarbonates undergo hydrolysis. 
The solution is alkaline but it does not give a pink colour 
with phenolphthalein, which suggests that carbonates are 
stronger bases as compared to bicarbonates. 


Hydrolysis : 
HCO; +H,0 = H,CO, + OH 


lonisation : 
HCO; = CO2 + pe 


Bilished, =< r ro ee 


h 


f ajeran equation: 2 HCO; = H,CO, + COS”. This equation 
(ot as the interconversion of carbonates and bicarbonates i 
K A 3s solution. When CO, is passed into an aqueous a 
i? ‘ponate or its suspension in water, the equilibrium shifts in 
(0 ward direction and a bicarbonate is formed. On the sti 
ie jhe the solution of bicarbonate is boiled, CO, is given off 
0 ‘ing the equilibrium in the forward direction and carbonate 
duced. A bicarbonate can also be converted into a carbonate 
“T eatment with an alkali which neutralises carbonic acid. 


145.6 SILICON TETRACHLORIDE (SiCI,) 
pis also known as tetrachlorosilane. 
reparation: By passing dry Cl, over: 
i. Heated silicon: Sit+2Cl, —> SiCl, 
}, Heated magnesium silicide: 
Mg,Si + 4Cl, —> SiCl, + 2MgCl, 
3, Ared hot mixture of silica and charcoal: 
Si0, + 2C + 2Cl, —> SiC, + 2CO 


şructure: It is tetragonal, sp? hybridised with 109.4° angle. 
Properties: 

|. Itis a colourless fuming liquid; b.pt. 330 K. 

2. Itis a covalent compound. 

3, Hydrolysis: SiCl, gets easily hydrolysed to form silicic 

acid, Si(OH),, which on further heating undergoes partial 
dehydration to give silica gel. SiCl, easily gets hydrolysed 
as Si can increase its coordination number from 4 to 5 
due to the availability of vacant low lying d-orbitals in its 
valence shell. Thus, SiC], coordinates with the lone pair on 
O-atom of water molecule to attain its covalency of 5. This 
coordination compound breaks up with the elimination of 
HC! molecule. 
The process of addition of H,O molecule and elimination 
of HCI continues till all the — Cl group in SiCl, are replaced 
by the -OH group. The mechanism of hydrolysis of SiC], is 
represented in Fig. 7.12. The hydrolysis proceeds via S2 
(substitution nucleophilic bimolecular) mechanism. 


Cl 4 a C] 
| e F 
SE DÖ $e 
| H Cry 7 3 
cfd C] —> Ö iy 
Mi oe 
Tetrahedral CN = 5 
Trigonal bipyramidal 
HCI 
OH X, 
| +3H,O | 
Si <SACI gi 
Ho | vat 
O on OF cr dy on 
Silicic acid CN=4 
~2H,O [a Tetrahedral 
SiO, -2H,O 
Silica gel 
ism of hydrolysis of SIC y 


Fig. 7.12 Mechan 


oO 
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tetera mE aa cans 
s1n its valence shell, it cannot 

expand its coordination number beyond 4 and hence cannot 

coordinate with water molecule. 

Silica gel is 


amorphous and very porous. It contains about 
4% w 


ater. It is used as a catalyst in petroleum industry and 
as an absorbent in column chromatography. 


If hydrolysis of SiC]; is carried out at high temperature (in 


an oxy-hydrogen flame) instead of Si(OH),, finely powdered 
silica is obtained. 


SiCl a5) + 4H,O 


High temp. 


(1) O2 - H; flame SiOz) s 4HCI 


The ultrafine silica thus obtained is used as 
a. A thixotropic agent (the property of showing a 
temporary reduction in viscosity when shaken or stirred 
is called thixotropy) in polyester and epoxy paints and 
resins. 
b. As an inert filler in silicon rubber. 


4. With silicon: Pyrolysis, i.e. strong heating of SiCl, with 

Si gives a series of perhalosilanes of the general formula 
Si,Cl,4 where n =2 — 6. 
SiC, + Si —* Si,Cl,+Si,Cl, + SiH), + SiH, + SiH, 
These chains are longer than formed by silanes. i.e. hydrides 
of Si due to additional pn-dr bonding between lone pairs 
of electrons present on Cl and empty 3d orbital of Si. 

5. Reduction: Reduction of SiCl, with H, gives Si. 

SiC], + 2H, —— Sit HCl o 

This reaction is used to make ultrapure silicon, which is 
required for making transistors, computer chips and solar 
chips. For this purpose, impure Si is first converted into SiCl, 
by reacting with Cl,. SiCl, thus formed is then separated 
by distillation. Subsequent reduction of pure SiCl, with H, 
gives silicon. 


7.15.7 CARBORUNDUM (SiC) 
Silicon carbide is the chemical name of carborundum. 
Preparation: It is obtained when a mixture of sand, carbon. 
common salt and saw dust is strongly heated in an electric furnace. 
SiO, + 3C —> SiC + 2CO 

Common salt acts as a flux and saw 
Two carbon rods connected by a thin carbon core actas e 
in the furnace. Carborundum ts formed around the central core ot 
the carbon. It is crushed, washed with H,SO,, NaOH, H,O and 
then dried. 
Properties: 

1, Pure carborundum is colourless but commercial pro 
show tint of yellow, blue or green. 

s hardness is less than diamond. 


dust makes the mass porous. 
lectrodes 


ducts 


2. It is very hard. However, it 
3. It is chemically inert and is not attacked by even HF. 
However, it decomposes when fused with alkalis, forming 
Soluble silicates and carbonates. 
4NaOH + SiC + 20,—> Na,SiO; +Na,CO; +2H,0 


De a 
4.1 so cimil } fdi oni solid in which each silicon atom is bonded to four oxygen atoms 
eALERTS Ae SANAE EEE or which are arranged tetrahedrally around it and each oxygen atom 


“ A baei À 4 grinding glass is attached to two ne atoms T bonds. Each corner 
. As an abrasive for cutting and grinding tass. -< further shared by another tetrahedron. 
2. It is used for making grinding wheels, knife, sharpeners etc. is 
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When it is mixed with moistened china clay and feldspar 
and moulded under pressure, it results in a fired kiln. 

3. As a preservative for eggs. 

4. Asa filler in soap industry. 

5, In paint industry and calico printing. 

‘6. As an adhesive for joining pieces of china clay. 

7. For making silica gel, SiO, -xH,0: On acidification of a 
solution of Na,SiO, with HCl, a gelatinous precipitate of 
silicic acid, H,SiO,, is slowly formed. 

Na, SiO, + 2HCl —> 2NaCl + H,Si0,; 

On carefully removing most of the water, the jelly-like 
precipitate of H,Si0, is converted into a solid product, 
which is known as silica gel. Silica gel possesses excellent 
absorption property of gases and vapours. 


7.15.8 SILICON DIOXIDE (SiO,) 

Silicon dioxide is commonly known as silica. Ninety-five percent 
of the earth’s crust is made up of silica and silicates. Silica occurs 
in many crystallographic forms such as quartz, crystobalite and 
tridymite. These are interconvertible at suitable temperatures. 


(Low temperature forms) 


a-Crystobalite 
|| 475-550 


a-Quartz a-Tridymite 


11846 K {| 395-435 K 


B-Quartz 242% p-Tridymite B-Crystobalite 
{| 1985 K 


Liquid silica 


(High temperature forms) 


Amorphous forms of silica are: Agate, Jaspar and Onyx. 
Sand is the crushed form of quartz, which is produced in nature 
by the weathering of rocks. 


Sandstone consists of sand particles bound together with iron 
oxide. 


Flint consists of amorphous silica associated with quartz. 


Kieselguhr is a siliceous rock composed of the remains of minute 
sea organisms. It is used as an absorbent for nitroglycerine and as 
a polishing powder. 


Silica is also diffused into plant and animal kingdoms. It is 
present in considerable amount in stems and exterior coating of 
straw and bamboo, quills of feathers, claws of animals, finger nails 
etc. 


Two important amorphous forms of silica are (i) silica gel and 
(ii) Kieselguhbr. 
Structure of SiO,: Silicon dioxide (Fig. 7.13) is a covalent. Si-O 


bonds have considerable ionic character due to large EN difference 
between Si and O. As a result silica has three-dimensional network 


si —O—Si—O — Si 
§ 6 0 ggg HE) HIT 


state) 


sj 0 —Si—O—Si 35 3p 

| Si 43 4117141 

O O O (excited U uap 
state) sp? 

sj O Si O Si hybridisation 


Fig. 7.13 Structure of Si0, 


There is no discrete molecule but the entire crystal may thus be 


considered as a giant molecule in which eight-membered rings are 
formed with alternate silicon and oxygen atoms. 


Properties: 


1. As Si-O bonds are very strong (368 kJ mol), silica is 
relatively inert and has a very high melting point. 

2. It does not react with halogens (except F,), dihydrogen 
and most of the acids (except HF) and metals even at high 
temperatures. 

With F,: SiO, + 2F, —> SiF, + Ol 
Silicon 
tetrafiuoride 


With HF: It is readily attacked by HF, resulting in the 
formation of SiF,. 

SiO, + 4HF —> Sif, t 2H,O 

SiF, thus formed dissolves in HF, forming hydroflurosilicic 
acid. 


Sif, + 2HF ——> HLSiF, 
Due to the formation of H,SiF,, SiO, present in glass 
dissolves. Therefore, HF cannot be stored in glass bottles. 


HF is stored in copper or monel metal alloy (32% Cu + 68% 
Ni + traces of Fe). 


3. Silica is insoluble in water but dissolves in water to 4 small 
extent when heated under pressure above 385 K. 


4. Silica dissolves in hot alkali solution to form soluble 
silicates. 
SiO, + 2NaOH — > Na,SiO, + H,O 
Sodium 
silicate 
SiO, + Ca(OH), —> CaSiO, + H,O 
Calcium 
silicate 
5. Athigh temperatures, silica acts as a powerful acid anhydride 
and combines with bases and many metallic oxides to for™ 
silicates. 
SiO, + NaO —> Na,SiO, 
It also reacts with many metal carbonates at high 
temperatures, forming silicates with the liberation of carbon 
dioxide. 


—— 


~~, NaCO; —> Na,SiO, + CO,t 
ie CaCO, — CaSiO, + CO,? 
i ; i 
e bove reactions show that SiO, behave as an acidic 
pide- , : 

P heated with carbon in an electric furnace, SiO, is 
' guced 10 silicon carbide or carborundum. 
f 


<0, +3C—> SiC + 2CO 


silica melts in oxy-hydrogen flame at 1875 K to form a 
' ourless glass known as quartz glass. It has remarkably low 
coefficient of expansion. Red hot quartz when plunged in 
water does not shatter to pieces. On account of this property, 
quartz glass 1s used to manufacture chemical apparatus and 
optical instruments. The specific gravity of quartz or rock 
crystal is 2.65 gcm `, while that of tridymite and cristobalite 
52.25 gcm™ and 2.32 g cm”, respectively. 


6 


.45,8.1 Silica Gel 
preparation: 
|, Bythe action of water on silicon tetrafluoride or tetrachloride. 
siCl, + 44,0 —> Si0,'2H,0 + 4HCI 
Silica gel 
2. By the action of acid (HCI) on soluble sodium silicate white 
gelatinous precipitate of silica gel is obtained. 

Na,SiO, + 2HCI + H,O —> SiO,:2H,0 + 2NaCl 

3, By dehydrating silicic acid 

Si(OH) 444) —? Si0,-2H,O 

Silicic acid 

Silica gel is amorphous and very porous. It contains about 

4% water and is used as follows: 

a. Asacatalyst in petroleum industry and as an absorbent 
in column chromatography. 

b. Silica gel is frequently stained with (NH,),CoCl,, a 
humidity detector that is pink when hydrated and blue 
when dry. To protect merchandise from moisture during 
storage, small packets of dry silica gel (blue) are placed 
in the packing boxes. 


15.8.2 Kieselguhr 
tiS porous white powder and is used as follows: 
l. In filtration plants 
2. As an abrasive 
3. As an inert support or filler, €-g- 
a. Dynamite is a mixture of glyceryl trinitrate and glyceryl 
dinitrate absorbed on kieselguhr. 
b. Gelignite is a mixture of explosive nitrobenzene (liquid) 
and kieselguhr (solid). 
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l 

"troduction 

licateg are alumino-silicates of magnesium, 
“artz, mica, feld spar and zeolites are impo 


cates, These are found in almost all rocks, clays an 


calcium, iron etc. 
rtant examples of 
d soils present 
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ine ? 
a s crust. Glass and cement are two most useful silicates 
which are the man-made silicates. 


General properties of silicates 


Silicates are of various types. Excepting Na,SiO,, which is soluble 
in water, all other silicates are insoluble in waler Si—O bond in 
silicates is very strong. This bond can be broken when silicates 
are treated with strong reagents like HF. Although Si—O bond 
is covalent, it has appreciable degree of ionic character. Ionic 
character is due to the fact that the electronegativity difference 
between oxygen and silicone atoms is equal to 3.5 — 1.8 = 1.7. 


Structure and types of silicates 


The structure of silicates has been found with the help of X-ray 
diffraction techniques. All silicates have tetrahedral SiO, ion, 
as a basic building unit, i.e., all silicates are composed of many 
units. Tetrahedral shape of SiO na ion is due to sp” hybridization 
of Si-atom, in its excited state. 


4 


o° o 


eor a T 9 i 


Fig. 7.14 Various ways of representing tetrahedral shape of sio,“ ion. 
In (c) white circles represents 0-atoms and black circle 
represents Si-atom 


Tetrahedral shape SiO ng ion can be represented by any of 
the three figures shown in Fig. 7.14. In representation (c), the 
white circles represent O-atoms and small black circle represents 
Si-atom. 
They are classified depending upon the number of corners (0, 1, 
2, 3 or 4) of the SiO,” tetrahedral shared with other tetrahedral. 
1. Orthosilicates: These are simple silicates and contain 
discrete orthosilicate (SiO,*) ions, since these ions 
do not share O-atoms with one another. Examples of 
orthosilicates are zircon (ZrSiO,), wellimite (Zn,SiO,), 
phenacite (Be,SiO,) and garnets [M, M; *(SiO,),] where 
M2" = Ca2*, Mg2* or Fe? and M” = Al}, Cr” or Fe”. 

2. Pyrosilicates or islands: The basic unit in these silicates 
in pyrosilicate ion, SLOM. This ion is formed when two 
sio," tetrahedrons share one O-atom (bridging O-atom), 


i.e., in this ion one O-atom acts as a bridge between two 
Si-atoms. The structure of this ion is shown in Fig. 7.15 


Ln 
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Fig. 7.15 Structure of pyrosilicate ion, si,0,° 
This structure shows that each Si-atom is surrounded by 


34 —=3.5 oxygen atoms: Thus the basic unit found in these 
silicates can be represented as [SiO, .]> or Si,0,” ion. 

It may be noted from the structure of Si,0,", ion that 
O-atom, which is shared by two SiO ng units, does not carry 
any charge on it. O-atoms, forming no bridges between 
SiO,“ tetrahedrons, have negative charge. This negative 
charge is produced because each of these O-atoms picks up 
an electron from some metal. Examples of pyrosilicates are 
thortveitite (Sc,Si,O,) and hemi-morphite [Zn,(OH)Si,O,]. 


3. Chain silicates: These silicates are of two types viz., single 
chain silicates and double chain silicates. Single chain 
silicates contain [(SiO,),]~” ion as the primary unit, while 
double chain silicates contain [(Si OI” as the primary 

. unit. The structure of these ions is shown at (a) and (b) 

respectively of Fig. 7.16. [(SiO,),] 7” ion is obtained when 
each tetrahedron shares two O-atoms (bridging O-atoms). 
[( SiO” ion is formed by further sharing of O-atom 
by half the Si-atom. 
It may be noted that O-atoms, which are shared by SiO,“ 
tetrahedrons, do not contain any negative charge, i.e., 
O-atoms, forming a bridge between SiO,“ tetrahedral 
units, do not carry any negative charge. O-atoms, forming 
no bridge, carry negative charge. 
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(a) Structure of [(Si0,),]~?” ion 
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(b) Structure of [(Si,0;1),1®" ion 


re of [(Si0;),]1 and [(Si,0,,),]°” ions which 


Fig. 7.16 Structu 
ain silicates. 


are the basic units of ch 


Common examples of single chain silicates are the minerals 
tite (MgSiO3), diopside [CaMg( Si0,),] 


pyroxenes, like ensta 
and spodumene [LiAl(SiO,),]. Common examples of 
double chain silicates are the minerals amphiboles, 


like tremolite [Ca,Mg,(Si,O,,)2(OH)I, crocidolite 
[Na,Fe,*Fe, *“(Si,O;).(OH),] ete. 

Cyclic or ring silicates: These silicates have cyclic structure 
and contain [(SiO,),]~” ion as the primary unit. These 
silicates are formed when each SiO,” tetrahedron shares 
two O-atoms (bridging O-atoms). The structure of cyclic 
ions viz., [(SiO,)3] ° or Si,O, and KOJI 7 or Si,O,, 
ions are shown at (a) and (b) respectively of Fig. 7.17. 


we a 
oH ae ay tae ae SN ar era Se 


(b) Structure of [(Si0,),] 


(a) Structure of [(Si0,),]°° 
or Si,0,. °° ion 


or Si,0,~° ion 
Fig. 17.17 Structure of Si,0,° and Si,0,, °° ions 


Si,O,° ion is found in wollastonite [Ca,Si;O,] and 
bentonite [BaTiS,O,], and SiO, ™ ion occurs in bery 
(Be,Al,Si,O, ,). i 

5. Silicates having sheet or layered structure: Sheet 
silicates: These silicates are formed when three O-atoms 
(bridging O-atoms) of each Sio,“ unit are shared. This 
type of sharing gives an infinite two-dimensional layered 
structure to the silicates (Fig.7.18). [(Si,0;),] 7” ion is the 
basic unit of sheet silicates. In Fig. 7.18. O-atom, show? 
round Si-atom of each SiO ha tetrahedron carries a negative 
charge, while the remaining three O-atoms, which act as 
bridging O-atoms, do not carry this charge. 


(ij 
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Fig. 7.18 Structure of sheet silicates 


Negative charge on non-bridging O-atom is neutralized by ions. The double sheets, which have the composition, 
the positive charge on the cations, which lie in between the [Si,Al,O,,.(OH),], are stacked one upon another with 
sheets. sufficient number of K* cations. These cations are 
located in between two such double sheets and maintain 
electrical neutrality. The cleavage of mica is due to the 


Examples of silicates having layered structure are given 
below. These are generally aluminio silicates. 


(i) Clays. These are produced by weathering and 


decomposition of igneous rocks. They are generally 
composed of very fine particle. Kaoline (which is a 
china clay) is formulated as Al,O,.2S10,.2H,O or 
AL(OH),Si,O, and has a sheet-structure, in which the 
sheets are held together by OH bridges. 


When clay is mixed with water, it becomes plastic-soft 
and mouldable. Water of plasticity can be removed by 
heating at 100°C. Clay becomes rigid and brittle when 
water of plasticity has been eliminated. On heating 
beyond 100°C, structural water of crystallisation is 
removed and carbonaceous matter of the clay gets 
oxidised. At about 900°C, multite (A1,Si,0,,) begins to 
be formed. This new substance has glassy appearance. 
Clay is widely used in making chinaware, fire bricks 
and many other useful materials. 

(ii) Talc. It is formulated as Mg3(OH),(S1,0,9), which 
consists of electrically neutral sheets and has no cations 
in between them. It is soft and smooth. It is chemically 
inert. It is used as a dry lubricant, in ceramics, paper 
manufacture and cosmetics. 

(iii) Muscovite, KAL,(OH),(Si3410 io): Muscovite is an 
example of mica. It is obtained when one Si-atom in 
Si,0,,* ion is replaced by Al-atom. Thus we see, that 
in muscovite, the sheet composition 18 (Si,A10 9). 
Two (Si, A109) sheets, which have tetrahedral 
vertices inward, are linked by binding Al cation, 
whose octahedral coordination is completed by OH” 


y im 


weakening of these layers of K“ ions. The binding Al* 
ions and the sandwiched K* ions can be replaced by 
Mg” and Na’ ions respectively. 


Micas are often tough, elastic and transparent. These are 
chemically inert, stable towards heat and have high dielectric 
constant. They are used in furnace windows and electrical 


appliances. The powdered mica is used as a filler for rubbers, 
plastics and in insulation boards. 


_ Silicates having three dimensional structure: In these 


silicates, all the four O-atoms act as bridging atoms, i.e., 
in these silicates, each SiO,” tetrahedron shares all its 
four O-atoms with other SiO he tetrahedron. This type of 
sharing gives three-dimensional silicates, corresponding to 
the composition SiO, (quartz, tridymite or crystobalite). The 
replacement of Sif" ions by a combination of Al” and other 
cations (to maintain electrical neutrality) gives minerals 
known as feldspars, zeolites and ultramarines. 


Feldspars: These are also aluminio silicates. Almost 67% of 
the igneous rocks are composed of feldspars minerals. These 
have been grouped into two categories namely (i) Orthoclase 
feldspars. Examples are orthoclase (KAISi,O,), celsian 
(BaAl,Si,O,) ete. (ii) Plagioclase feldspars. Examples are 
albite (NaAISi,O,), anorthite (CaAL,Si,O,) etc. 

Orthoclase feldspars are more symmetrical than plagioclase 
feldspars, because the cations viZ., K* and Ba? present in 
them are of the right size to fit into the lattice. On the other 


hand in plagioclase feldspars the cations Na” and Ca? are 
smaller and hence produce distortion. 
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1. Pyrosilicates: 
(Si,0,") 


1-corner O-atom/T.H. is shared. 
Each Si atom is surrounded by 


l 
( 3+ 3 =3.5 oxygen atom. 


2-comer O-atom/T.H. is shared. 
[one T.H. shares 3corners while other 


adjacent one shares only 2-corners hence 
3+2 
average shared comers = a Ee = 2.5] 


2. Single chain 
silicates: 


[(SiO,),]°" 


Each Si atom is surrounded by 2.5 oxygen 


atom. 


One T.H. shares 2 corners O-atoms while 

silicates: one T.H. shares 3 comers Q-atoms. These 
: A two T. H. constitute one unit. 

[(Si,9,,),,] 143 


ee 


~<. Average shared corners = 


3. Double chain 


4. Cyclic | 2 corner O-atom/T.H. is shared. 


silicates 

[(Si0,),] 
= 

Si,0, i 

i> 


Si,0}, 
5. Sheet silicates | 3 corner O-atoms are shared 
[(Si,0,),]°” 


6. 3D silicates 4 corner O-atoms are shared 


a. Feldspars: It is the most abundant of all the minerals, and 
almost 67% of the igneous rocks consist of feldspar minerals. 


These are usually classified as: 


Orthoclase feldspars 

Examples: Orthoclase KAISi,O0, 
Celsian BaALSi,0, 

Plagioclase feldspars 

Examples: Albite NaAlISi,0, 
Anorthite CaAL,Si,0, 


Orthoclase feldspars are more symmetrical than plagioclase 
feldspars because the cations K” and Ba” present in them 
are of right size to fit into the lattice. Plagioclase feldspars 
contain cations such as Na® and Ca** which are smaller in 
size and permit distortion.Egyptian blue (CaCuSi,O, 9) is 
an example of sheet silicates. 

b. Zeolites: As compared to feldspars, zeolites have a more 
open structure, which permits the formation of channels 
and cavities of different size ranging from 2.11 to 4.3 A in 
diameter. Water molecule and a variety of other molecules 
such as NH,, CO, and C,H,OH can be trapped in these 
channels or cavities. Thus, zeolites act as ion exchangers and 
as molecular sieves. A number of zeolites are manufactured 


dustrially and are used as water softeners. They trap (42+ 


in 

‘ons from hard w 
Zeolites may be represente 
M, ,[(AIO,),SiOp)y] -zH,O , 
where M is the metal cation such as Na, KÊ or Ca’. 
n the metal cation, and z is the number of 


le of crystallisation. 


ater and replace them by Na® ions. 
d by the general formula: 


n is the charge 0 


moles of water molecu 
arge of the aluminosilicate framework jig 


xchangeable cations of valency n. The 
an be greater than 50% of the volume, 
is occupied by m molecules of water in the unit cell. The 
truncated octahedron (cubo-octahedron) (a) is the building 
block of zeolites. This is also called the b-cage or sodalite 


The negative ch 
neutralised by ¢ 
void space, which c 


cage. 
Zeolites have high porosity due to the presence of one-, two- 


or three-dimensional network of interconnected channels 
and cavities of molecular dimensions. 

Accordingly, zeolite shown as in (b) is formed by linking 
e cages through double four-membered rings. 


sodalit 
ing the sodalite cages through 


Faujasite is formed by link 
double six-membered rings (C). 
Zeolites are used as molecular sieves and can separate 


molecules of different sizes. They are also used extensively 


as catalyst. 


Examples: 
Zeolite Formula 


Erionite Na,K,CaMg(AlO,),(S1 O,),6H,O 
Gemelinite Na,Ca(AlO,), (SiO,),-6H,O 

Chabazite | Na,Ca(AlO,),(SiO,),-6H,O 

Molecular sieves can be made with pores of approximate 
size to remove small molecules selectively. 


. Ultramarines: Ultramarines do not contain water. 


Moreover, some extra anions such as CI°, s> and SO, 
may also be present in the cavities. Many of the ultramarines 
are coloured and are used as pigments. 


Examples: 

Sodalite Na,(AIO,),(SiO,),Cl, 
Ultramarine Na,(A10,),(Si0,),S, 
Nosean Na,(AlO,),(SiO,),SO, 


Now ultramarines are synthetically produced. Ultramarine 
ulphur 


is made by igniting kaolinite, sodium carbonate and s 
in the absence of air. The product may be green, blue or 
depending on the polysulphide species present. 
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p 


all sodium silicate is sodium metrasilicate containing an 
ie silica. Its composition may vary from Na,SiO, SiO, iò 
ee 48i0,, Its chemical name is water glass. 


w gulting mass is extracted with water and the solution is 


fe 
rt ed to get a syrupy mass known as water glass. 
n 


pettis? tei | 

i. sodium silicate 1S soluble in water. Its aqueous solution is 
alkaline due to hydrolysis. 

Na,SiO; + H,O = 2NaOH+ H,SiO, 

} If in a solution of sodium silicate (p = 1.1 g cm”), some 
coloured salts such as cobalt nitrate, nickel chloride, ferrous 
sulphate, copper sulphate etc. are placed, and the whole 
solution is left as such overnight, beautiful hollow tubes of 
metallic silicate gels possessing different colours shoot up 
from these crystals, which look like plants. This is known 
as silica garden or chemical garden. 


ises: In fireproofing of wood and textiles. 


7.15.11 SILICONES OR SILICON POLYMERS 
1. Silicones are polymeric organosilicon compounds having 
Si — O — Si linkages. These compounds have the general 


formula (R,SiO),, where R is alkyl or aryl group. They may 
be linear, cyclic or cross-linked polymers. 


R R R Rw ae, 

| | p- Si 
R—Si— 0+ Si O+ Si-R R | | R 

| | | O © 

R R R NS si 

Linear es, 
R R 
Cyclic 


Branched or 


cross-linked 
— 0 — Si — O — Si — 


| | 

R O 
Since their empirical formula R,SiO is similar to that of 
ketone R,CO, the name silicone has been given to these 
materials. 

2. The complete hydrolysis of SiCl, yields SiO,, which has a 
very stable three-dimensional structure. The fundamenta, 
research of F. S. Kipping on hydrolysis of alkyl-substitute" 
chlorosilanes led not to the excepted silicon Pom ed 
analogous to a ketone but to a long-chain polymer © 
silicones. 


R R 


y | i—OH 
(i) RSICl, + HO —> HO—Si—O—S} 


OH OH 
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R Cl 
Gi) Sex uo a ae ONG 
+2HCl = 
R R 


ie | 
OH — Si —OH + H:O — Si — oH 22. 
| "i e* 


a rn a | 
R R 
R R 
| | 
HO — Si— O — Si — OH 
| | 
R R 


This led to the formation of a wide range of organosilicon 
polymers. 


U 


. Preparation: Industrial synthesis of silicones was carried 
out by E.G. Rochow in 1945. 


Hydrolysis of alkyl- or aryl-substituted silicon halides 
followed by condensation produces silicones. The halogen 
derivatives are themselves made by passing aryl halide or 
alkyl halide over a copper-silicon alloy at about 570 K. 


4. Hydrolysis of (CH,),Si-Cl gives a disiloxane. 
-  CuPowd l 
2RCI + Si — ek RSiCl, 


(CH,),Si-Cl + H,O —> (CH,),Si-OH + HCI 
Trimethylsilanol 


(CH,),Si- OH + H:0-Si(CH,), — H0 _ , 


Condensation 


Volatile liquid (CH,),Si-O-Si (CH J 

Hexamethyldisiloxane 
Since hexamethyldisiloxane has no —OH group, it cannot 
polymerise any further. 


. Linear silicones can be obtained by the hydrolysis and 


subsequent condensation of dialkyl or diary] silicon chlonde, 
R,SiCl,. 


Un 


R R 
| | 
Cl — Si — Cl + 2H,O0 sqq> HO — Si — OH 
| | 
R R 
Unstable dialkyl silanol 
R R 


| r . -H20 
HO SiH +0 —$1—- OB 
| ar ; | Dimerisation 
R R 
R R 


| | 
HO — Si — O — Si — OH 
| | 
R R 
{Polymerisation 


+ xH,O 
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6. Hydrolysis under carefully controlled condition can produce 
cyclic structures, with rings containing three, four, five or 
six Si atoms. 


R R 

R O R | 
Ol a R—Si—O—Si—R 

Si Si 

R< NR | | 

| | O O 

O O | 
Ns R—Si—O—Si—R 

JN | | 

R R R R 


Tricyclodimethylsiloxane Tetrakis cyclodimethy] siloxane 
7. Hydrolysis of RSiCI, gives a cross-linked chain system. 


O R O 


| | | 
Si— O — Si— O— Si 


| | | 
O O R 


| | | 
Si— O— Si— O— Si 


ò Rk Oo 

8. If some R,SiCl is mixed with R,SiCl, and hydrolysed, then 
R,SiCl will block the end of straight chain produced by 
R,SiCl.. Since there is no longer a functional OH-group at 
the end of the chain, it cannot grow any more on that end. 
Eventually, the other end is blocked by this way. Thus, 
R,SiCl and R,SiCL, in the starting material will decide the 
average chain length. By controlled mixing of the reactants, 
any given type of polymer can be produced. 

9. Properties and uses: 


a. Depending on the chain length, silicones may be liquids, 
oils, greases, rubbers (elastomers) or resins. As the chain 
length increases, viscosity increases and the nature of the 
silicones changes from liquid to oil to grease to rubbers 
(elastomers) or resins. 


b. Boiling point and viscosity of silicone increase with 
chain length. Viscosity of silicone oil remains constant 
with change in temperature and as such do not thicken 
in cold weather. Hence, they are better lubricant or 
grease as compared to graphite at high as well as low 
temperature. 


c. Silicones are fairly stable and inert. Their strength and 
inertness is related to 
i. Si-O-Si linkage. The Si-O bond energy is very high 
(503 kJ mol). 


ii. High strength of Si-C bond. 


Silicones are resistant to heat. Most heat stable side 
groups are pheny] groups followed by methyl, ethyl, 
propyl groups in descending order of stability. Silicone 
are resistant to oxidation and to most chemicals, As a 
result, 


è Silicones act as good electrical insulators because 
they are more stable to heat than organic polymers 
and even if they do break down, they do ne 
produce conducting material as carbon does. They 


_ can withstand high temperature without charring 


———— 


—— 


——————— 
— 
e 


e Silicones show non-stick and antifoaming 

properties. 

d. Silicones being surrounded by non-polar groups such 
as alkyl or aryl are water repelling in nature. Because 
of their water repellant nature, they are used to treat 
building glasswares and fabrics and in car and sh a 
polish. 

e. Being biocompatible, they are used in surgical and 
cosmetic implants. 


7.15.12 HYDRATED STANNOUS CHLORIDE 
(SnCl,-2H,O) 


It is also known as tin salt. 
Preparation: By dissolving tin in hot and conc HCI and subjecting 
the solution to crystallisation. 
Sn + 2HCI—> SnCl, + H, 
Properties: 
1. It exists as transparent monoclinic crystal, with m.pt. 40°C, 
2. On heating hydrated stannous chloride, SnCl,-2H,0, it 
undergoes hydrolysis, resulting in the formation of tin 
hydroxy chloride, a white solid. 
SnCl,-2H,O ——> Sn(OH)CI+HCI+H,O 
Hence, anhydrous stannous chloride cannot be obtained by 
heating hydrated stannous chloride. 


3. It dissolves in small quantity of water. But, when water is 
in excess, it undergoes hydrolysis. 
SnCl, + H,O —> Sn(OH)CI 4 + HCl 
Excess Tin hydroxychloride 
(white ppt.) 
However, in the presence of HCI, hydrolysis is reversed. 
4. With alkalis: White ppt. of stannous hydroxide is formed. 
which dissolves in excess of alkali to form sodium stannite. 
Na,SnO,,, which further reacts with atmospheric O, to form 
Na,SnO,. 
SnCl, + 2NaOH —> Sn(OH), + + 2NaCl 
Sn(OH), + 2NaOH —> Na, SnO, + 2H,O 


Sodium stannite 
(soluble) 


2Na,SnO, + O, —> 2Na,SnO 4 
Sodium stannate 
- With H,S: On passing H,S gas through aqueous solution 
of stannous chloride, yellow precipitate of SnS is formed. 
Sn dissolves in yellow ammonium sulphide [(NH,), S+ 5} 
SnCl, + H,S —> SnS + 2HCI 
SnS + (NH,),S +S — (NH,), SnS, 
Ammonium thiostannate z. 
- It acts as a good reducing agent. It reduces Fe” > pe 3 
H Hg?, Hg® = Hg, Cu** > Cu® 


e (+3) (+2) (+2) (+4) 
2FeCl, + SnCl, —> 2FeCl, + SnCl, 


an) (+2) (+1) (+4) 
sHeCl +§nCl, —> Hg,Cl, + SnCl, 
6 
(+2) (0) (+4) 
Dy +SnCl, —> Hg} + SnCl 
» He" 2 4 
Grey ppt. 
(+2) (+1) (+4) 
+ §nCl, —> Cu,Cl,+ + SnCl, 


White ppt 


(+2) 
» 2CuCl, 


It reduces gold chloride to metallic gold. 


AuCl, + 3SnCl, —> 2Au + 3SnCl, 
i Colloidal 
gold 


SnCl, undergoes hydrolysis to form stannic acid, which 
absorbs colloidal particles of gold, thus forming purple 


of cassius. 


jses: o 
1. For making purple of cassius, which is used for colouring 
glass and pottery. 

3, As a mordant in dyeing. 


3, As a reducing agent. 


115.13 ANHYDROUS STANNOUS CHLORIDE (SnCl,) 
Preparation: 
1. By passing dry HCI gas over hot tin. 


$n + HCl —> SnCl, + Ht 


Dry 
2. By heating a mixture of Sn with a calculated amount of 


mercuric chloride. 
Sn + HgCl, —> SnCl, + Hg 
Properties: 
1. Itis a white crystalline solid. 
2. It is a covalent compound and soluble in organic solvents 
such as alcohol and ether. 


3. With NH: It combines with ammonia to form a number of 
addition compounds, depending on the temperature of the 


reaction. 


—— 


pound | 


Addition com 
SnCl,-2NH, 
SnCl,2NH, and SnCL,"NH, 


_ At ordinary temperature 


- 100° snCl,NH, 
| >100°C 38nCl,2NH,(most : stable) 
Uses: 


l. As a mordant in dyeing, under the name tin salt. 


2. As a reducing agent. | 
3. In the preparation of purple of cassius. 
7.15.14 STANNIC CHLORIDE (SnCl,) 


Preparation: 
1, By passing dry Cl, over mo 
Sn + 2Cl, —” SnCl, 


Iten tin kept in a retort. 


p-Block Group 14 Elements: The Carbon Family 7.43 


SnCl,, which is a volatile, is collected in a water cooled 
receiver protected from atmospheric moisture by a calcium 
chloride guard tube. 


2. By heating Sn with excess of HgCl,. 
Sn + 2HgCl, —+ SnCl, + 2Hg 


Properties: 


1. It is a colourless, fuming liquid with a disagreeable smell. 

2. It is a covalent compound, as indicated by: (a) its volatile 
nature, (b) solubility in organic solvent such as benzene 
(c) very negligible electrical conductivity. 

3. Insmall amount of water, SnCl, dissolves with the evolution 
of heat and forms a clear solution, from which several soluble 
hydrate can be crystallised, e.g. SnC1,3H,9, SnCl,5H,0, 
SnCl,-6H,0 etc. The penta hydrate, SnCl 45H,O is known 
as butter of tin or oxymuriate of tin. 

4. In excess of water, it undergoes hydrolysis. 

SnCl, + 4H,0 —> Sn(OH), + 4HC1 

5. With conc HCl, it forms soluble chlorostannic acid. In the 
presence of NH,Cl, it forms ammonium salt of this acid. 
SnCl, + 2HC1—> H,SnCl, 


Chlorostannic acid 


H,SnCl, + 2NH,CI—> (NH,),SnCl, 
Ammonium 
chlorostannate 


Uses: 


1. SnC1,-5H,O is used aS a mordant; in ammonium 
chlorostannate form, it is used as a mordant for pink dyes. 


2. For increasing the weight of silk. 
3. For fireproofing cotton. 


7.15.15 LEAD MONOXIDE (PbO) 


It occurs in two forms: 


1. A yellow powder commonly known as massicot. 


2. A buff-coloured crystalline form known as litharge. 


Preparation: 


1. By heating lead or lead sulphide in air, at 3000°C, massicot. 
is formed, whereas at 900°C, litharge is formed. 


2Pb + O, —> 2PbO 
2PbS + 30, —> 2PbO + 2SO, 
2. By heating lead nitrate or lead carbonate. 


2Pb(NO,), ——> 2PbO + 4NO, T + 0,7 


PbCO, —™ PbO + CO,7 


Properties: 


1. It is insoluble in water, 


2. It behaves as an amphoteric oxide, i.e. it dissolves in both 
acids and alkalis. 


PbO + 2HNO, —> Pb(NO,), + H,O 
PbO + 2NaOH —> Na,PbO, + H,O 
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3. On heating in air at 470°C, red lead is formed. 
6PbO + O, — 2Pb,0, 
Red lead 


Uses: 
1. For making glass, paints and varnishes. 


2. A mixture of massicot and glycerine is used as 
glass and pottery. 
3, For making other lead compounds, 


a cement for 


7.15.16 LEAD SUBOXIDE (Pb,O) 


It is obtained by heating lead oxalate in absence of air. 


2PbC,0, —— Pb,O + 3CO, + CO 


7.15.17 LEAD DIOXIDE (PbO,) OR PEROXIDE OF LEAD 

1. It is obtained as a chocolate brown powder when red lead 
is treated with nitric acid. 

Pb,0, + 4HNO, —> 2Pb(NO,), + PbO, + 2H, 

2. Inthe laboratory it is generally prepared by the oxidation of 
lead salt with bleaching powder which contains some slaked 
lime too. 

(CH,COO),Pb + Ca(OH), —> Pb(OH), 
+ (CH,COO), Ca 
Pb(OH), + CaOCl, —> PbO, + CaCl, + H,O 


Bleaching 
powder 


Properties: 

1. It is powerful oxidising agent, gives O, on heating alone or 
with conc. H,SO,. 
a. 2PbO,—> 2Pb0 + O, 
b. 2PbO, + 2H,SO,—> 2PbSO, + 2H,0 + O, 

2. It oxidises HCI to CL: 
PbO, + 4HC] —-> PbCL, + Cl, + 2H,O 

3. It dissolves in cold conc. HCI forming PbCl,. 
PbO, + 4HC] —> PbCl, + 2H,O 

4. It dissolves in hot, concentrated solution of alkalis forming 
plumbates. 
PbO, + 2NaOH —> Na PbO, + H,O 


Sodium 
plumbate 


Uses: In storage cells and in match industry as an oxidising agent. 


7.15.18 LEAD SESQUIOXIDE (Pb,O,) 
It is obtained as a yellowish red powder by heating PbO to 
775 K in air. 

4PbO + O, = 2Pb,0, 


It is similar in behaviour to red lead (Pb,O,). 


7.15.19 RED LEAD OR LEAD TETRAOXIDE (Pb.O,) 
Red lead is also known as minium or sindoor. sis 
Preparation: By heating litharge (PbO) at 470°C in air 


6PbO +0, ———> 2Pb,0, 


—— oe i 


Properties: n 

1. Itis a red pow 

2. On heating, it beco 
it becomes red. 

3. On heating above 4 


der, insoluble in water. 
mes almost black, but on cooling ~~ 
in, 


70°C, it decompose into PbO ang 0, 
Pb,O, — 3PbO + 50; 

4. With conc HNO, 
Pb,O, + 4HNO, > 2Pb(NO,), + PbO, + 2H,0 
In this reaction, both lead nitrate, Pb(NO,),, and brownish 
black insoluble residue PbO, are produced, which indicates 
that Pb,O, is a compound oxide containing both 2Pho and 
PbO, in the ratio 2:1. 

5. With H,SO, 
2Pb,0,+ 6H,SO,—> 6PbSO,,+6H,0 + 0,1 

6. It acts as an oxidising agent 
Pb,O, + 8HC] —> 3PbCL, + 4H,O + Cl, 
Pb,0, + 4C > 3Pb + 4CO 
Pb,0, + 4CO —> 3Pb + 4CO, 


1. As ared pigment. 
2. As an oxidising agent in match industry. 


3. In glass industry. 
4. For making protective paint for iron and steel. 


7.15.20 LEAD ACETATE (CH,COO),Pb 
It is also known as sugar of lead. 
Preparation: By dissolving lead oxide (litharge) or lead carbonate 
or basic lead carbonate in acetic acid (45%) and crystallising te 
solution. 
PbO + 2CH,COOH —> (CH,COO),Pb + H,O 
PbCO, + 2CH,COOH —> (CH,COO),Pb + CO, +H,O 
2PbCO,-Pb(OH), + 6CH,COOH —> 3(CH,C OO),Pb 
+2C0, + +0 
Properties: i 
1. White crystalline solid. 
2. It is soluble in water, and its solution is sweet in fas. ie 
this reason, it is known as sugar of lead. However a 
poisonous in nature. 


3. On heating, it decomposes to give acetone. 
(CH,COO),Pb —*> PbO + CO, + CH,COCH; 
i Acetone 


4, With NaHCO, : 
(CH,COO),Pb + 2NaHCO, —> PbCO,¥ + 2CH; 


Lead carbonate 
(White ppt.) 


coon 


+ H,0 


+C0, T? 
5. With Na,CO,: 
3(CH,COO),Pb + 3Na,CO, + H,O—> 
2PbCO,-Pb(OH), + 6CH;CO 


Basic lead carbonate 


Nat C0; 


/ be 


A 


q 


N 


; C r 
; i 8 When H,S gas is passed through the solution of 3 Posio a _p-Block Group 14 Elements: The Carbon Family 7.45 
b ý c00),Pb. black ppt. of PbS is formed. A nous in nature. 
| f . On heating at 43°C, it decomposes to give red lead. 


C 

"400 0),Pb + H,S —> 2CH,COOH + Pbs4 
(U3 Black ppt. 
1+ 4 g- —» PbS} 


Pb 
Black ppt. 


| wiih P otassium chromate, K,CrO,: 
“cc 00),Pb + K,CrO, —> PbCrO,4 + 2CH,COOK 


Lead chromate 
(yellow ppt.) 


i with HCI: On addition of HCI in (CH,COO),Pb solution, 
white ppt. of PbCl, is formed in cold conditions, which 
dissolves On heating. On cooling, PbCI, reappears as a white 
erystalline solid. 


CH.COO),Pb + 2HC1—> PbCl, + 2CH,COOH 


dil Lead chloride 
(white ppt.) 


9, With litharge: On boiling with litharge, basic lead acetate 
is formed. 
(CH,COO), Pb + PbO —> Pb(OH),-Pb(CH,COO), 


Basic lead acetate 


( 


(ses: 

|. Asa mordant in dyeing and calico printing. 

2. Inthe manufacture of white lead. 

3, Inthe manufacture of chrome yellow and chrome red, which 
are used as lead pigment. 

4. Inthe qualitative analysis, for the detection of sulphide and 
chloride ions. 

5, In medicine, for curing skin diseases. 


115.21 BASIC LEAD CARBONATE, 2PbCO,,"Pb(OH), 
tis also known as white lead. 
Preparation: 

1. Electrolytic process: In this process, the electrolytic cell is 


2PbCO,:Pb(OH), — = Pb,O, + H,O + CO,+ CO 
Red lead 


. It is darkened in air, due to the formation of PbS. 


. It is soluble in linseed oil. 


. White lead mixed with linseed oil is used as white paint. 
. It has large covering power. 


. It is generally mixed with BaSO,, which increases its 


property of brushing out without affecting its covering 
power. 


Drawback : The main drawback to the use of white lead are: 
a. It becomes black if H,S is present in atmosphere. 


b. It is poisonous in nature. 


Predict the products formed when Pb,O, reacts with 
concentrated hydrochloric acid. 


In which of the acid lead(II) oxide will dissolve: H,SO, or 


HNO,. Give reason. 
Give the reaction between (i) HCI and PbO., (il) SO, and 
PbO,. Explain. 


Pb,O 4 consists of 2PbO:PbO,. Oxidation state of Pb in PbO, 


is +4; hence, PbO, will behave as an oxidising agent and 
will oxidise HCl > Cl. 

Pb,O, + 8HCI—> 3PbCl, + Cl, + 4H,O 

Lead(II) oxide reacts with H,SO, to form lead(II) sulphate 
which is insoluble, whereas with HNO,, it forms lead( II) 
nitrate which is soluble in water. 


divided into two chambers separated by a porous partition. PbO + H,SO, — PbSO,v + H,O 
The cathodes are made of sheet steal dipped in a solution a Lealiisa 
of sodium carbonate. The anode chamber contains the (white ppt.) 


anodes made of heavy lead plates dipped in sodium acetate 
solution. On passing electric current, the anodes are attacked 
by acetate ions and lead acetate is formed in the electrolyte. 
The solution of lead acetate reacts with Na,CO; solution of 
the cathodic chamber, and white lead is formed. 
CH,COONa = CH,COO” + Na” 

Anode 


dissolves lead 


(CH,COO) Pb 


3Pb(CH,COO), + 4Na,CO3 + 2H,0— > 


2PbCO,Pb(OH), + 2NaHCO,+ 6CH sees 
i J 
White lead is washed with water and dried. Very fine unt" 


grains of white lead are obtained by this process. 
Properties: 
1. White amorphous powder. 
2. Insoluble in water. 


PbO + 2HNO, —> Pb(NO,), + H,O 
Lead nitrate 
(soluble) 


(+4) (-1) (+2) (0) 


i. PbO, + HCI—> PbCI, + H,O + Cl, 


In PbO,, Pb is in +4 oxidation state, which being less 
stable than +2 oxidation state, gets reduced to +2 
oxidation state. PbO, behaves as a strong oxidising 
agent and oxidises HCl—> Ch. 


(+4) (+2) 
i. PbO, + SO, —> PbSO, 


In PbO,, Pb is in +4 oxidation state, which is less stabl 
e 


+2 oxidati 
oxidation state. Thus, PbO, behave as a stro 
2 ng 


oxidising agent and oxidises SO, to SO2- 
ne 
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Give formula for the following: 


a. Water glass 


b. Phosgene 


c. Litharge d. Red lead 

e. Butter of tin f. Drykold 

g. Chrome yellow h. Carborundum 
į. White lead 


i. Sugar of lead 


Water glass, Na, SiO, 

Phosgene, COCI, 

Litharge, PbO 

Red lead, Pb,O, 

Butter of tin, SnCl,-SH,O 

Drykold, dry CO, (CO, in solid state) 
Chrome yellow, PbCrO, 
Carborundum, SiC 

Sugar of lead, Pb(CH,COO), 

White lead, 2PbCO,-Pb(OH), 


a. 
b. 


Which is more efficient fuel: water gas or producer gas? 
The formula for mineral olivine (Fe, Mg),SiO, means that 2 
mol of any combination of the metal ions is present per mol 
of orthosilicate ion. Does olivine follows the law of definite 
proportion? Is olivine a compound or a solid solution? 


a. Water gas is an equimolecular mixture of CO and H, in 


which both CO and H, burn and evolve heat, whereas 
producer gas is a mixture of CO and N, in which only CO 
burn and evolve heat. Thus, water gas is better or more 
efficient fuel than producer gas, since the calorific value of 
water gas will be more than that of producer gas. 

Olivine, (FeMg),SiO,, has any ratio of iron to magnesium 
and hence does not obey the law of definite proportion. It 
is therefore not a compound but a solid solution consisting 
of Fe,SiO, in Mg,Si0, or Mg, SiO, in Fe,SiO,. 


Indicate the principle ingredients of the following: 


a. 
C. 
e. 


Coal gas b. Producer gas 
Water gas d. Natural gas 
Soft glass f. Hard glass 


mo ao SF pf 


Coal gas: CH,, CO, N,, H, 
Producer gas: CO, N, 

Water gas: CO, H, 

Natural gas: CH,, C,H,, C,H, 
Soft glass: Na,O, CaO, SiO, 
Hard glass: K,O, CaO, SiO, 


Give reasons for the following: 


a. 


e. 


a. Marble, CaCO,, reacts with dil H,SO,, to form white ppt. 


Dil HCl is preferred as compared to dil H,SO, for the 
preparation of CO, from marble. 
CO, does not support combustion but a burning magnesium 


ribbon continues to burn in it. 
PbO does not dissolve in H,SO,, while SnO ts soluble. 


_ NaOH cannot be stored in Sn or Pb vessel. 


Alkanes are more stable than silanes. 


of CaSO,, which gets deposited on the surface of the marble 
and acts as a protective layer. Thus, further reaction between 


marble and dil H,SO, is prevented. 
CaCO, + H,SO,— CaSO,) + CO,Î + H,O 
dil White ppt. 
However, dil HCl reacts with marble to form CaCl, 


which does not get deposited on the marble surface and 
thus reaction between CaCO, and dil HCI resulting in the 


liberation of CO, continues. 


CaCO, + 2HCI —> CaCl, + CO,Î + H,O 


. CO, does not support combustion but burning magnesium 


ribbon continues to burn in it, as Mg reduces CO, to C and 
therefore Mg continues to burn in it. 
CO, +2Mg-——> C +2MgO 
PbO reacts with H,SO, to form PbSO, which is insoluble 
in water and hence PbO does not dissolve in H,SO,. 
PbO + H,SO, —> PbSO, 4 + H,O 
Lead sulphate 
(white ppt.) 
However, SnO on reaction with H,SO, form SnSQ,. which 
is soluble; hence, SnO dissolves in H,SO,. 


SnO + H,SO, > SnSO, + H,O 


NaOH cannot be stored in Sn or Pb vessel as Sn and Pb 
dissolve in NaOH due to the formation of sodium stannate 
and sodium plumbate respectively, both of which are soluble. 


Sn + 2NaOH + H,O —> Na,SnO, + 2H, 
Sodium stannate 
(soluble) 


Pb + 2NaOH ——> Na,PbO, + H, 


Sodium plumbate 
(soluble) 


Alkanes are more stable than silanes because C—C bonds ™ 
alkanes are more stable than Si—Si bonds in silanes due t 
greater extent of overlap between the 2sp° -2sp° hybridised 
orbitals of C as compared to 3sp°-3sp° hybridised orbitals 
of Si. 


' 
| 
| 
| 
| 
| 


(CH.C Hea 
3CO0), Pb —=™ PbO} + COT +CH,COCH, 


ye pease Lead(II) oxide Acetone 
aw i, is Mie as a fire extinguisher but not CS,. e Wh (Yellow residue) 
js used tO make solder. kia aa HCI is added to the solution of lead acetate, a 
ppt. of PbCI, appears which is insoluble under cold 


e lead of lead pencil is not lead but graphite. 

espite the fact that carbon has only two unpaired electrons, 
itis tetravalent. 
oc, does not act as Lewis acid, while SiCl, does. 


“ Cl, is a heavy non-combustible liquid; hence, it can be ILLUSTRATION Zina) 


7? 

sed as fire extinguisher. Give a balanced chemical reaction for the following: 
Tin is heated with conc HNO,. 
Pb,O, is treated with nitric acid. 
Iodine is added to a solution of stannous chloride. 
Dil HNO, is slowly reacted with metallic tin. 
Passing SiCL, vapour over molten aluminium. 
Stannous chloride is added to mercuric chloride. 
Red lead is treated with conc H,SO,. 
Red lead is treated with cone HCI. 


conditions, but dissolves on heating. 


(CH,COO), Pb + 2HCI1—> PhCI,} + 2CH,COOH 


Lead chloride 
(white ppt.) 


On the other hand, CS, is a highly combustible gas and 
cannot be used to extinguish fire. 
is, 0, 2CO + 4S0, 
b. Sn is easily fusible alloying metal and hence is used in 
making solder. 
Graphite has got the property of marking paper whereas lead 


does not have this property. Hence, the lead in lead pencil 
is graphite and not lead. 


p 


a. 
b. 
C. 
d. 
e. 
f. 

g. 
h. 


d. Electronic configuration of carbon in the ground state is 
f F a . . 
25° 2p’, i.e. it has only two unpaired electrons. Despite 


this, carbon is always tetravalent, as the energy required a. With conc HNO,, hydrated stannic oxide (metastannic acid) 
for unpairing and promoting electron from 2s orbital to 2p (H,SnO,) is formed. 
orbital is more than compensated by the energy released wee ®. © 

NO, + 2H” +e“ —> NO, + H,O] x 4 


when carbon forms four bonds, e.g. CX, type of compound. 
Hence, carbon is always tetravaient. 
e Cin CCl, does not have vacant d-orbital in its valence shell 


in hidh it can accept an electron pair from other molecule/ l i i EE 
ion and hence CCI, has does act as Lewis acid, whereas Si b. Pb,O, is a mixed oxide, 2PbO:PbO,. With nitric acid, PbO 


in SiC], has vacant asta in its valence shell and it can 


Sn + 3H,O—> H,Sn0O, + 4H” + 4e“ 
a nnana u Gah). LAN -HO 
Sn + 4NO2 + 4H®—-> H,SnO, + 4NO, + H,O 


is converted into Pb(NO,),, whereas PbO, remains as such. 


expan: its coordination number from 4 to 6. Thus, SiCl, Pb,0, + 4HNO, —> PbO, + 2Pb(NO;), + 2H,O 
behaves as a Lewis acid. or Lead nitrate 
(2PbO-PbO,) 

Misstration 7.12 c. Stannous chloride acts as a reducing agent and reduces 
Awhite coloured inorganic salt formed by an element of group I, > 21° and itself gets oxidised to stannic chloride (Sn™). 
14 give the following reactions: Sn —> Sn**+ 2e° 
a. Itis soluble in water and the solution has sweet taste. +2 © — 21° 


b. The salt when heated gives acetone and a yellow coloured Sn} paeron neJ 


residue which is used in paints. K -taa . a ck aca, Ged + 
© The solution of the salt gives a white precipitate with dil d. Tin reduces dil HNO, to ammonia (NH,). 
HCI which is soluble in hot water. [Sn —> Sn2* + 2e©) x 4 
Explain the above observations with chemical reactions sae P i ] 
involved O,’ + 10H® + 8e° —> NHF + 3H,O 
, Sn + NO, + 10H” —> 4Sa” + INH," 38,0 


‘Soli. White coloured inorganic salt formed by - Crystalline silicon is 
prepared by passing SiCl, va 
8toup 14 is lead acetate, (CH,COO),Pb, which 1s commonly molten Al yp g pours over 


kn 
own as sugar of lead. pae: 3SiCl, + 4A1 — 4AlCl, + 3Si 
a. Itis soluble in water and solution has swee P Al being volatile pass hile lib 
es over, while liberated Si dissolv 
___, 2CH, COOH + POF). in Ss 
(CH,COO), Pb + 2H, O molten aluminium and separates as crystalline silicon. 


tone and 
b. L ting decomposes to give ace f. SnCl, + 
annous  Mercuric 


PbO, a yellow coloured residue w 
chloride chloride 


an element of à 


Sena aie’ 
chloride chloride 
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Sn?* 


2e° + 2Hp** —» Hg;* 

Sn“ + 2Hg~’ —> Sn” + Hgy 
Stannous chloride acts as a reducing agent and reduces 
mercuric chloride to mercurous chloride and itself gets 


reduced to stannic chloride. 
Red lead, Pb,O,, on reacting with cone H,SO, liberates O, 
gas. 

2Pb,0, + 6H,SO, —> 6PbSO, + 6H,O + 0,7 
Red lead, Pb,O,, on reacting with cone HCI, oxidises CI° 
to Cl. 

Pb,O, + SHCI—> 3PbCl, + 4H,0 + CLT 


——> Sn** + 2e© 


Give reasons for the following: 


a. 
b. 
€. 
d. 


Snl, is orange in colour. 

Solid ice is known as dry ice. 

Diamond is inert, whereas graphite is not. 
Nitrolim acts as a good nitrogenous fertiliser. 


a. SnI, absorbs blue light and reflects high proportion of 


orange or red. The energy absorbed in this way causes the 
transfer of an electron from I to Sn, which corresponds to the 
temporary oxidation of Sn(IV) to Sn(III). Since transferring 
an electron to another atom is same as transferring a charge, 
charge transfer complex is formed and due to which SnI} is 
orange in colour. 


. Solid ice at 1 atm pressure sublimes, i.e. changes from solid 


State to gaseous state, without liquefying. As a result, solid 
ice does not wet the surface and is known as dry ice. 


In diamond, each C atom is sp? hybridised and a 
C-atom is tetrahedrally bonded to four other C-atoms, which 
means there is no unpaired electron left in the structure of 
diamond. Hence, it is inert, whereas in graphite, C is sp’ 
hybrised and there is one unpaired electron on each C atom 
which is free and hence due to availability of unpaired 
electrons, graphite is reactive. . 
Nitrolim is CaNCN, i.e. calcium cyanamide. When added 
to the soil, it first changes into calcium carbonate and 
cyanamide. 

CaNCN + H,O + CO, —> CaCO, } + H,N-CN 

Cyanamide 

The cyanamide then hydrolyses into two steps: 

i. H,N:'CN + H,O —> H,NCONH, 

Urea 


ii. H,NCONH, + H,O —> 2NH, + CO,t 


18. 


19, 


20. 


21. 


CONCEPT APPLICATION EXERCISE 7,1 


. No form of elemental silicon is comparable to graphite 
. Why carbon forms covalent compounds, whereas lead 
. Give reason: Down the group (+) tendency for catenation 


. Give one chemical reaction to show that tin(II) is a reducing | 


Ammonia (NH,) is converted into nitrates by nitrifying 


bacteria. On account of its slow conversion into Nitrates 
and NH,, nitrolim or CaNCN acts as a good nitrogenous 


fertiliser. 


Why CCI, is resistant to hydrolysis, but SiC], iS readily 
hydrolysed? 


Give reason. 
forms ionic compounds? 


increases among group 14 elements. 


agent whereas Pb(II) is not. 


. CO, is a gas, while SiO, is a high melting solid. Give reason. 
. Give one chemical reaction to explain why tin(II) chloride. 


is a reducing agent. 


. C and Si are always tetravalent, but Ge, Sn and Pb show 


divalency. Give reason. 


. Tendency to exhibit +2 oxidation state increases with 


increasing atomic number among group 14 elements. 
Explain. l 


. Why trimethylamine is pyramidal but trisilylamine is 


planar? 


. (CH,),N acts as a Lewis base, but (SiH,),N have very little 


basic character. Explain. 


. CO is stable, but analogous SiO is not stable. Why? 
. Why PbX, is more stable than PbX,? 
. PbO, acts as a stronger oxidising agent than SnO.. 


Comment. 


. Give reason: CO is readily absorbed by ammoniacal 


cuprous chloride, but not CO,. 


. Silanes are few in number, whereas alkanes are large in 


number. Explain. 


. Are (CH,),N and (SiH,),N isostructural. Justify your 


answer. 
For a mineral, LiAl(SiO,),, what is the charge on SiO, 
unit? What is the arrangement of oxygen atoms around the 
silicon atom? 


A metal M forms two chlorides MCL, and MCl,, 

respectively. In which group, metal M can be placed? 

An inorganic compound (X) made up of two most 

occurring elements in the earth’s crust and used in building 

construction. When (X) reacts with carbon, it forms 4 

poisonous gas (Y) which is most stable diatomic molecule. 

Identify compounds (X) and (Y). 

Explain the following: 

a. Oil paintings turn blackish after sometime. What is the 
salt formed? Assume oil paints contain lead. 


while testing oxalate ion, gas obtained bu NT ei a, Grou 


Ms with a 


p: jue flame initially but is put off instantly even ag 
gas 


ears coming. 
amplete the following: 
P oach, + HCI + 1, — X) + (Y) 
‘ guckminsterfullerene or bucky ball is 


. . N Sa 
When a mixture of air and steam is passed over red | 
coke, the outgoing gas contains i 


[ Solved Examples il 


identify (A) based on following ik ee 

3, (A) reduces HgCl, solution to white ppt. changing to rey: 
oes FeCl, yellow coloured solution to green. 

. (A)gives white ppt. with NaOH soluble in excess of NaOH. 


4, (A) gives yellow dirty ppt. on passing H,S gas, soluble in 
yellow ammonium sulphide (YAS). 
è (A) gives chromyl chloride test. 


Sol. (A) gives yellow dirty ppt. soluble in YAS. 
= (A) has Sn” 
(A) gives chromyl chloride test (of Cl”) 
> (A) has CIF 
=> (A) is SnCl, 
Explanation: 


a. SnCl, + 2HgCl, —> Hg,Cl,¥ + SnCl, 
White ppt. 


SnCL + Hg,Cl, —> 2Hg + SnCl, 
G 


rey 


b. 2FeCl, + SnCL ——> 2FeCL + SnCl, 


Yellow Green 
ce. SnCl, + 2NaOH —* Sn(OH), } + 2NaCl 
White 
Sn(OH), + 2NaOH —> Na,SnO, + 2H,0 
Sodium stannate 
(Soluble) 
: CI + SnS4 
i Sn t Ma i ae Yellow 
Sns, 


SnS + (NH); S, —? Nae 
(YAS) Soluble 


RAMBLE 72 ves (A) and (B) which are 


Oxalic acid on strong heating gi uid. Gas (A) burns with 
ree. uid. 
gaseous product and (C) which is 44 
t | te 

ablue flame and is oxidised to gas (B). 6 a veal e 
milky. Gas (A) on reaction with chlorine gas £ an nies Ne 
Well as (B) on heating with ammonia E 
(E). Identify (A), (B), (©; P) and (E). 


Si Oxalic acid + (A) ig) 7 (B)g) + (C) 


ori 
gas gives th 


A 


P 14 Elements: The Carbon Family 7.49 


Given, gas (A) burns with blue 


monoxide (CO). flame; hence, it must be carbon 


Gas (A idi 
(A) gets oxidised to CO,. Hence, (B) is carbon dioxide. 


COOH —*-5 
| COn + CO, + H,O 
COOH (A) (B) (C) 


(1) 


(C) is water, H,O. 


Gas (B) turns lime-water milky due to the formation of 
calcium carbonate. 
CO, + Ca(OH), —> CaCO,4 + H,O 


Lime water Calcium carbonate 


(milkiness) 
Gas (A) on reaction with Cl, gives COCL,, phosgene (D) 


CO + Cl,,, —> COCI, 
Phosgene (D) 


2(g) 


Phosgene on heating with ammonia gives 
COCI, + 2NH, —> H,NCONH, + 2HCI 


(D) Urea (E) 
Carbon dioxide on heating witli ammonia gives 
CO, + NH, —> H,NCONH, 
(B) (E) 
Hence, (A) is CO 
| (B) is CO, 
(C) is H,O 
(D) is COCI, 


(E) is HNCONH, 


An aqueous solution of salt (A) gives a white precipitate (B) 
with sodium chloride solution. Compound (B) dissolves in hot 
water and the solution on treatment with sodium iodide gives 
a yellow precipitate (D) and on passing H,S through solution 
(B) gives a black ppt. (C). Compound (A) does not give any 
gas with dil HCl, but liberates a reddish brown gas on heating. 
Identify compounds (A), (B), (C) and (D). 


Salt (Aag) + NaChag) —>» (B) + filtrate 


white ppt. 
dil HCI Hot water 
Reddish No eas 
brown gas il . (Blag 
Black ppt. (D) © 
(C) Yellow ppt. 


Salt (A) on heating liberates reddish brown gas; hence, it 


contains nitrate. 


(B) dissolves in hot water and gives a yellow ppt. with Nal; 


hence, it is PbCl, and salt (A) is Pb(NO3),- 


Pb(NO5)o(aq) * 2 NaCl ag) >? PbCI,} 
(A) White ppt. 
(B) 


+ 2NANO 5609) 


7.50 Inorganic Chemistry OoOo u auaa 
iv. 
2Pb(NO,), —“> 2PbO + 2NO,t + 30,7 CH, a CH; cH, 
Reddish brown i panaan t a a OO. 
gas cH,—Si—OH+HO FSI An —si— OH+HO +- a CH, 
| 
. CH CH 
poci} HMB > Pot, + CIS aq) CH; i 
White ppt. [ne 
(B) 
PbCly) + 2Nal — 2NaCl + PI, | | | | 
Yellow ppt. (D) cH, — si —O — Si — O— Si—O--Si— CH, 
| | 
PbCI,... + H,S —> PbS + 2HCI a CH, CH, CH, 


2(ag) 
Black ppt. (C) 


Hence, (A) is Pb(NO,),, lead nitrate 
(B) is PbCl,. lead chloride 
(C) is PbS, lead sulphide 
(D) is PbL,, lead iodide. 


Starting from SiCl, prepare the following in steps not exceeding 
the number given in parentheses oe reaction only) 


a. Silicon (1) 
b. Linear silicon containing nay groups = ono (4) 


c. Na SiO, (3) 


a. SiCl, + 2Mg —> Si + 2MgCl, 
b. i 
CH; CH; 


| 
CI — Si — Cl + 2H,O —> HO — Si — OH + 2HCI 
| | 


CH; CH; 
a 
E EI 
HO — Si — OH + HO # Si — OH —*S 
CH, CH, 
CH, CH, 


HO — Si — O — Si — OH 
| | 
CH, CH, 
iii. 
k CH, 
| 
2/CH, — Si — Cl] + 2H,O —> 2/CH, — Si — OH 
| | 
CH, CH; 


c. i. SiC], + 4H,O — > Si(OH),+ 4HCI 


ii. Si(OH), aS SiO, + 2H,O 


iii. SiO, + NayCO, — Na, SiO, + co,t 


An element of group 14 form a red coloured mixed oxide (A), 
which on treatment with conc HNO, gives compound (B). (B) 
reacts with HCI to produce a chloride (C), which is insoluble in 
cold water but soluble in hot water. (A) on reaction with cone 


HCI produces (C). Identify (A), (B) and (C). 


S61.) Lead (Pb) forms a red-coloured mixed oxide. known as 
red lead. Pb,O, (A), which is a mixed oxide of PbO, and PbO in 


the ratio 1: n 
(A) + HNO; E © 


Insoluble in cold water 


Conc HCI but soluble in hot water 


Pb,O, + 4HNO, —> 2Pb(NO,), + PbO, + 2H,O 


(A) conc (B) 
Pb(NO,), + 2HCIl —> PbCI,¥ + 2HNO, 
(B) (©) 
White ppt. 


(C) PbCL,, is insoluble in cold water but soluble in hot water. 
Pb,O, + 8HCI —> 3PbCl, + 4H,O + Cl, | 
(A) Cone (C) 
Pb,O, acts as an oxidising agent and oxidises 2C 1“ > Cl, 
Hence, (A) is Pb,O,, red lead 
(B) is Pb(NO,),, lead nitrate 
(C) is PbCL,, lead(I1) chloride 


CaCO, on heating gives a white solid (A) and a gas (B). (A) 
oe a with carbon gives a solid (C) and a gas (D). (C) 0n 
ydrolysis gives a gas (E) and a solid ( i 
(F). Identify (A), (B), (©) 
(D), (E) and (F). Sa. 


_ 
—— 


A 
Oye) — Ak» + (B) 
3(8) White (8) 


A [ca 


H20 
(F) + (E) g) ee (Cs) * DX (9) 


A 


$ i 


2 Ca0,,+ COT 


(A) (B) 
(40 + 3C — > CaC, + CO 
| ©) (D) 


caC, t 2H,0 —> Ca(OH), + C,H, 
©) (F) (E) 
Hence (A) is calcium oxide, CaO. 
(B) is carbon dioxide, CO}. 


(C) is calcium carbide, CaC,. 


(D) is carbon monoxide, CO. 
(E) is acetylene, C,H,. 


Choose the correct option: 
a A mixture of two gasses is formed when an organic acid 
is heated with conc H,SO,. When the gaseous mixture 
is passed through KOH solution, one gas is absorbed. 
The unabsorbed gas combines with chlorine and forms a 
poisonous gas. The organic acid and the two gases evolved 
with conc H,SO, are, respectively: 

i. CH,COOH, CO,, CO 
ii. HCOOH, CO, H,O 


ii. oxalic acid, CO,, CO 


iv. None of these 


wder ; 20 ; 
ERa si Oe y R,SICL, —*— R,Si(OH), 
Polyme- 
risation 

(X) 


(X) is 
i. Cyclic silicon ii. Cross-linked silicone 
ili. Linear silicon iv. None of these 

Lead oxide (PbO) can be dissolved in 
i. HNO, ii, HCI iii. H,SO, 


pP 


iv. H,O 


= 


A colourless solution (A) gives black precipitate on passing 
HLS. (A) also gives a white precipitate with stannous chloride 
Which gradually changes to grey: Identify (A). 

i. PbCL, ii. CdBr, iii. HgCl, iv. Cu(NO,), 


4. Option (ii) is correct. . l , 
Oxalic acid on heating with H,SO, gives a Ente of fwo 
gases: CO, and CO. H,SO, acts as a dehydrating agent. 


C 
n A co,t + cot + 120 


H3504 bon Carbon 
COOH n monoxide 
Oxalic 
acid 


enpas p-Block Group 14 Elements: The Carbon Family 7.51 
When this gaseous mixture, i.e. CO, and CO, is passed 
through KOH, CO, gets absorbed due to the formation of 
K,CO,, whereas CO remains as such. 
2KOH + CO, —> K,CO, + H,O 


CO combines with Cl, to form phosgene, COCI,, a 
poisonous gas. Thus, the organic acid and the two gases 
evolved on heating with conc H,SO, are oxalic acid, CO, 


and CO. 
b. Option (iii) is correct. 
IRCI + Si Cu powder 


sok ? RySiCl, 


R R 
| 

Cl— Si—Cl+H,O—> HO — Si— OH 
| ~2HCI | 
R R 


R R R 
| Poly | | 
n| HO — si — OH] ee > -+ O — Si —O— Si — O | 
| | | | 
R R R dn 
T inear silicone 


c. Option (i) is correct. 

Lead oxide, PbO, dissolves in HNO, due to formation of 
lead nitrate, Pb(NO,),, which is soluble. 

PbO + 2HNO, —> Pb(NO,), + H,O 
However, in HCl, H,SO, and H,O, it is insoluble. 

PbO + 2HCI —> PbCL + H,O 

White ppt. 
PbO + 2H,SO, —> PbSO,» + 2H,C 
White ppt. 
PbO + 2H,O —> Pb(OH),¥ + H,O 


White ppt. 
d. Option (iii) is correct. 


(A) HSes, Black ppt. 


[svc 


White ppt. 
(A) The sulphide formed by passing H,S gas is black; hence, 
it cannot be CdBr, as CdS is yellow. 
Cd** + S* —> Cdst 
Yellow 
(A) also reacts with SnCl, to give white ppt., which means 
(A) acts as on oxidising agent, oxidising Sa = Sn" 
and itself it is reduced. 
Ą HgCl, + H,S — HgS} + 2HCI 
Black ppt. 
HgCl, + SnCl, —> Hg,Cl, + SnCl, 
White 
Hg,Cl, + SnCl, —> 2Hg + SnCl, 


Grey 


7.52 Inorganic Chemistry 


Name the following compounds: 


a. (NH,), CS, b. CaCS, 
c. iGEN, d. H,C,N,0; 
e. HCNS f. NH,CSNH, 
g. Fe(CNS), h. CSCI, 
i. Na,CS, i C,0, 
O — COOH OCO 
F NCO) : by (H,CO,) 
O— COOH 
m. | 
O— COOH (H,C,0,) 
n. Na,CO,H,O 1/2 H,O 
0. Na,C,0, p. Na,CO, 
q. BaCO, 


a. Ammonium thiocarbonate 
b. Calcium thiocarbonate - 

c. Cyanogen 

d. Cyanuric acid 

e. Thiocyanic acid 

f. Thiourea 

g. Ferric thiocyanate 

h. Thio-carbonyl chloride 

i. Sodium thiocarbonate 

j. Carbon suboxide 

k. Carbonic acid 

L Permono-carbonic acid 
m. Perdicarbonic acid 

n. Sodium carbonate perhydrate 
o. Sodium per-di-carbonate 
p. Sodium permono carbonate 
q. Barium permono carbonate 


HgCl, and SnC1, cannot exist together in an aqueous solution. 
Explain. 


Sol. SnCl, is a strong reducing agent and hence reduces HgCl, 
first to Hg,Cl, (white) and then to Hg (black). Hence, these do 
not exist together. 


SnCl, + 2HgCl, —> SnCl, + H g,Cl, 
SnCl, + Hg,Cl, —> SnCl 4+ Hg 


The formula for two dimensional sheet silicate anion 
(SiO, x F is calculate the value of (x + z — y). 


Sol.) (12) Two dimensional sheet silicate has repeating units 
of [Si,O,]'> 
x=6,yt+z= 18, z= 12 


O OOl U 
y=18-12=6 
n» (œ@+z-y)=(6+12-6)=12 


Following silicates are given: "oe: 
a. ZnCa,Si,O, b. BaTi(Si,04) ve 
If P= Total number of monovalent atoms ın both silicates 


Q = Total number of bivalent atoms in both silicates 


Calculate the value of P/Q 
OD (3) 


(a) (Si,0,)” (Pyrosilicate) in which two tetrahedral share one 
O-atom. 
P=6,0=1 
o° oP 
| i 
Si i 
O o° o & 


P P P 


(b) (SiO) (cyclic or ring silicate) in which two O-atom per 
tetrahedra are shared. 
P=6,Q0=3 


6 


n P=6+6=12,0=1+3=4 


Formula of tremolite asbestos is: Ca,Mg, (Si40,,) (OH). 
Find the value of x. 


BID (5) 
If two chains are cross-linked, the resulting double stranded 
silicates have the composition [(Si,O,,)° 1, and are called 
amphiboles. Asbestos belong to this class. 

+2x2 +2xx -6x2 -1x2 


Ca, Mg, (Si40},), (OH), 


4+2x-—-12-2=0 
x=5, 


Consider the following four compounds. 


a. C.O, b. C, as 
P Cr+20y+1 d. C411 O48 


Ifx=y= 1, and P and Q are total number of sp and sp” hybridized 


C-atoms respectively. Then calculate the value of Fu’ 


Identify A to K. 


Three oxides of alkaline earth metals (A, B and C) on heating 
with C at 2000°C gives three compounds (D, E, F) and all of 
them give same gas (G). 

Compound (D) on hydrolysis gives an alkane (H) while 
compound (E) gives an alkyne. Containing 3C(I) compound (F) 
on reaction with N, at 1100°C gives a nitrogenous fertilizer (1) 
which on hydrolysis give a gas (K) reacts with nessler’s reagent. 


Sol.) Carbides of Be given CH, (Alkane). Carbides of Mg gives 
CH,C=CH (Alkyne) nitrogenous fertilizer is CaCN,. Thus A is 
BeO, B is MgO & C is CaO. 


A B —____ p-Block Group 14 Elements: The Carbon Family 7-53 
f E i | vi p(c) | sp*(c) | 


NH,(g) reacts with Nessler’s reagent , thus (K) is NH, 


Reaction: 
(i) BeO + 3C “<> Be,C + COT 
(A) (D) (G) 
Lo, 2CH,Î + 2Be(OH), 
ace . (H) 
The formula of kinoite minerals is: (i) 2Mg0 + sc 0C, MgC, +2 c o? 
0u,” Si,0j9-2H,9- (B) (E) (G) 
f= Number of monovalent oxygen atom 1n the above fia so CH,C=CH 
a D 
= of divalent oxygen atom in the above compound. s 
| x-y. (iii) CaO + 3C —> CaC, + CO 
Then. the value of is: ©) F) G) 
‘lj j j 8- in kinoite is a chain of 
(2) The silicate anion (Si,O0 jo) in Kino | : = esau 
B: ia tetrahedra, that share corners with adjacent tetrahedra. A ” CaCN,+C => CaCO, E ; 
se D 
pon Calcium 
= cyanamide 
(fertilizer) 


FI4 


} 
| 


inorganic Chemistry 


Physical and chemical properties 


1. 


10. 


11. 


12. 


In the carbon family, the elements other than carbon do not 
form pr-pr bonds because the atomic orbitals are: 

(1) Small and diffuse to undergo effective lateral overlap. 
(2) Large and diffuse to undergo effective lateral overlap. 
(3) Large and far too less diffuse to overlap linearly. 

(4) Small to overlap both laterally and linearly. 


. Interlayer distance in graphite is: 


(1) Very small, the layers being tightly packed 

(2) Many times larger than the covalent radius of carbon 
(3) More than twice the covalent radius of carbon 

(4) The same as the covalent radius of carbon 


. Carbon forms a large number of compounds due to: 


(1) Tetravalency (2) Variable valency 

(3) Large chemical affinity (4) Property of catenation 
The hybrid states of C in diamond and graphite are 
respectively: 
(1) sp”. sp” 
(3) sp”. sp” 


(2) sò, sp” 
(4) sp’, sp” 


. Which of the following statement is false about carbon? 


(1) C,, is also one of the allotrope of carbon 

(2) It has crystalline as well as amorphous allotropes 

(3) It can form px—pz bond with other C-atoms. 

(4) It cannot form pn-pr bond with atoms such as N and O 
The use of diamond as a gem depends on its 

(1) hardness (2) high refractive index 

(3) purest form of carbon (4) chemical inertness 

Which of the following is chemically inactive allotropic 
form of carbon? 

(1) Coal (2) Diamond 

(3) Charcoal (4) Animal charcoal 

In CH,, valency of carbon is four. Valency of carbon in 
acetylene is 


(1) 1 (2) 2 
(3) 3 (4)4 

. Which of the following is a good conductor of electricity? 
(1) Diamond (2) Graphite 
(3) Coal (4) None of these 
Carbon shows tetravalency due to 
(1) sp’ hybridisation (2) dsp” hybridisation 
(3) sp? hybridisation (4) All of these 
The element which forms only one hydride is: 
(1)C (2) Si 
(3) Ge (4) Pb 


In the ground state, carbon atom has how many unpaired 
electron(s)? 


Exercises 


Single Correct Answer Type Iil 


14. 


15. 


16. 


17. 


18. 


19. 


20. 


21. 


22. 


e 
i 
J 


(1) 1 (2)2 

(3)3 (4) 4 

Which of the following has least tendency to undergo 
catenation? 

(1)C (2) Si 

(3) Ge (4) Sn 

Which of the following statement is not correct? 
(1) Silicon is extensively used as a semiconductor. 
(2) Carborundum is SiC. 

(3) Silicon occurs in free state in nature. 

(4) Mica contains the element silica. 

Lead dissolves most readily in 

(1) acetic acid (2) sulphuric acid 
(3) nitric acid (4) hydrochloric acid 


Which of the following metals is an important ingredient of 


transistors? 

(1) Osmium (2) Germanium 
(3) Gold (4) Sodium 
The material used in solar cells contains: 

(1) Si (2) Sn 

(3) Ti (4) Cs 


‘Softening of lead’ means: 

(1) Conversion of lead to PbO. 

(2) Conversion of lead to Pb,O,. 

(3) Removal of impurities (metallic) from lead. 

(4) Washing lead with HNO, followed by a dilute alkali 
solution. 

Graphite is soft solid lubricant extremely difficult to melt. 

The reason for this anomalous behaviour is that graphite 

(1) has carbon atoms arranged in large planes of rings of 
strongly bound carbon atoms with weak interplanar 
bonds 

(2) is a non-crystalline substance 

(3) is an allotropic form of carbon 

(4) has molecules of variable molecular masses like 
polymers 


Beryllium and aluminium carbides contain 
ayer 0a 
(3) G7 (4) c“ 


Which of the following halide of carbon is used as 

refrigerant? 

(1) CCl, (2) CF, 

(3) CH,CL, (4) CCLF, 

Which of the following statements is not correct? 

(1) Lead salts are slow poisons. 

(2) Lead metal is used in accumulators. 

(3) Plumbosolvency increases by the presence of carbonates; 
sulphates, phosphates etc. 

(4) Lead is a soft metal. 


N 


re a contains 

| p Coo d 12 hex 

| 1) 90 pentagons and 12 hexagons 
{2 pentagons and 20 hexagons 

i 30 pentagons and 30 hexagons 


4) 24 pentagons and 36 hexagons 


g Q } 4. Ceo 
(1) 


can be regarded as a huge ball made up of: 
Several conjugated alkene units rather than an aromatic 
molecule. 

Q) Graphite units, 

3) Several aromatic benzene molecules. 

(4) Several tetrahedrons. 
x Often a ground glass stopper gets stuck in the neck of a glass 
” bottle containing NaOH solution. This is due to: 

(1) The presence of dirt particles in between. 

(2) The formation of solid silicate in-between by the reaction 

of SiO, of glass with NaOH. 

(3) The formation of Na,CO, in-between by the reaction of 

CO, of air and NaOH. 


(4) Glass contains a boron compound which forms a 
precipitate with the NaOH solution. 


of 


3. C-C bond jength is maximum in 
(1) diamond (2) graphite 
(3) naphthalene (4) fullerene 
17. When a lead salt is heated with sodium carbonate in charcoal 
cavity, it gives 
(1) yellow incrustation (2) brown 
(3) black (4) blue 
4%. Lead solution may be titrated with standard EDTA at 
pH = 6 using which indicator? 
(1) Methyl thymol blue (2) Eriochrome Black T 
(3) Methyl orange (4) Eosin 
53. For making good quality mirrors, plates of float glass are 


used. These are obtained by floating molten glass over in 
liguid metal, which does not solidify before the glass. The 


metal used is 
(1) Hg (2) Sn 
(3) Na (4) Mg 


4. The Stability of dihalides of Si, Ge, Sn and Pb increases 
steadily in the sequence: 
(I) PbX, < SnX, < GeX, < SiX, 
2) GeX, < Six, < SnX, < PbX, 
B) SIX, < GeX, < PbX, < SnX, 
4) SiX, < GeX, < SnX, < PbX, 
Which is likely to show inert pair effect? 
NK (2) Mg 
i (3) Al (4) Pb 
Which of the following oxidation states are most 
aracteristic for lead and tin, respectively? 
(1) +, +4 (2) +4, +4 
3)+42, 4 (4) +4, +2 
Among the following the INCORRECT statement is: 
Diamond and graphite are two allotropes of carbon. 


” C 


41, 


} 
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(2) In diamond each C is sp? hybridised. 
(3) In graphite each C is sp? hybridised. 


(4) Graphite shows high electrical conductivity in one 
direction only. 


34. Silicon shows diagonal relationship with 
(1) Al (2) Be 
(3) B (4) Mg 

35. Select incorrect statement 


(1) Graphite conducts electricity due to highly delocalized 
nature of 7t-electrons 


(2) Graphite has planar hexagonal layers of C-atoms held 
together by weak van der Waals forces 
(3) Thermodynamically most stable allotropes of carbon 
(4) C—C bond length is higher as compared to diamond 
36. Select incorrect statement 
(1) Stability of hydrides of 14 group elements is: CH, > 
SiH, > GeH, > SnH, > PbH, 
(2) The tendency for catenation of 14 group elements is: 
C >>> Si > Ge = Sn >>> Pb 
(3) During freezing winter, Sn is converted to grey powder 
due to the formation SnO, 
(4) When Cl, is passed through molten Sn, SnCi, is formed 
37. Select incorrect statement 
(1) Water gas is a mixture of (CO + H) 
(2) Producer gas is a mixture of (CO + N,) 
(3) LPG is a mixture of n-butane and isobutene 
(4) Bio gas is ethylene 
38. Select correct statement 
(1) Lead pencil contains 95% of Pb 


(2) Si do not form pr-pr multiple bond due to large and less 
diffuse atomic orbitals 


(3) Graphite on heating with conc. HNO,, gives a yellow 
mass called graphite nitrate 
(4) Carbon, a mixture of 90% O, and 10% CO, is used for 
artificial respiration. 
39. Select correct statement 
(1) Al reacts with dil. H,SO, to give H, gas 
(2) Tincal is a mineral of boron. i 
(3) CO is combustible and CO, is non-combustible 
(4) Quartz, tridymite and agate are the three crystalline 
forms of silica. 
40. Select incorrect statement 
(1) Sn gives sulphates and nitrates but Si does not 
(2) CO is poisonous because it deoxygenates blood 
(3) One carat = 200 mg 
(4) Buckminster fullerene is an allotrope of Sn 


Compounds of 14 group 

41. Which of the following statement is false about CO, ? 
(1) It has linear structure 
(2) It has same number of sigma and pi bonds 
(3) Its molecule contains two m-electrons. 
(4) It turns lime water milky. 


7.56 


42. Which oxide of carbon is useful in preparing metal 


43. 


44. 


Inorganic Chemistry 


carbonyls? 

(1) CO, and CO (2) CO 

(3) CO, (4) CO, and C,O, 
Producer gas is a mixture of: 

(1) CO+N, (2) N, +H, 

(3) CO +H, (4) CO, + H,O 
Which statement is not true about CO? 


(1) It is a colourless gas. 
(2) It is an odourless gas. 
(3) It is highly soluble in water. 
(4) It is a poisonous gas. 


45. Which of the following is a covalent carbide? 
(1) CaC, (2) ALC; 
(3) WC (4) SiC 
46. Which of the following is known as pyrene? 
(1) CS, (2) ALC, 
(3) CCL, (4) Solid CO, 
47. Which of the following oxide will produce hydrogen 
peroxide on treatment with water? 
(1) KCIO, (2) Na,O, 
(3) CaO (4) SO, 
48. Five extinguishers contain a bottle of H,SO, and 
(1) CaCO, (2) MgCO, 
(3) NaHCO, (4) Any carbonate 
49. A colourless gas which burns with blue flame and reduces 
CuO to Cu is: 
(1) N, (2) CO 
(3) CO, (4) NO, 
50. The species present in solution when CO, is dissolved in 
water are: 
(1) H,CO,, CO7 
(2) HCO; , CO? 


51. 


52. 


53. 


54. 


(3) CO,, H,CO, 
(4) CO,, H,CO,, HCO, , CO?” 


A when added to silica gives B. A and B are: 

(1) HF, HSiF, (2) HF, H,SiF, 

(3) HCI, H,SiCI, (4) HI, H,Sil, 

Among the following substituted silanes, the one which will 
give rise to cross-linked silicone polymer on hydrolysis is: 
(1) R,SiCI (2) R,Si 

(3) RSiCl, (4) R,SiCI, 


The correct order of increasing C—O bond length of CO, 
CO, and cor iS: 

(1) CO,” < CO, < CO 
(3) CO < CO,” < CO, 


(2) CO, < CO? < CO 
(4) CO < CO, < CO}? 


On heating Pb(NO,),, the products formed are: 
(1) PbO, N,, O, (2) Pb (NO,),, O, 
(3) PbO, NO,, O, (4) Pb, N,, O, 


55. 


57. 


58. 


59. 


60. 


6l. 


62. 


63. 


64. 


65. 


66. 


67. 


The product of the following reaction are: 
SiO, +C —ĉ> Products 


(1) SiC and CO, 
(3) SiC and CO 


(2) SiO and CO 
(4) Si and CO 


. In silicon dioxide: 


(1) There are double bonds between silicon and Oxygen 
atoms. 

(2) Each silicon atom is surrounded by four oxygen atoms 
and each oxygen atom is bonded to two silicon atoms, 

(3) Silicon is bonded to two silicon atoms. 

(4) Each silicon atom is surrounded by two oxygen atoms 
and each oxygen atom is bonded to two silicon atoms, 

In the manufacture of glass, the addition of MnO, gives: 

(1) Yellow colour (2) Red colour 

(3) Violet colour (4) Pink colour 

Solder is an alloy of: 

(1) 70% Pb, 30% Sn 

(3) 80% Pb, 20% Sn 


(2) 33% Pb, 67% Sn 
(4) 90% Cu, 10% Sn 


Solid carbon dioxide is used as: 

(1) Poison (2) Fire extinguisher 

(3) Refrigerant (4) Artitificial respiration 
When PbO, reacts with conc HNO,, the gas evolved is: 
(1) NO, (2) O, 

(3) N, (4) N,O 

When steam reacts with red hot coke to form CO, and 
hydrogen: i 


(1) Water acts as an oxidising agent. 

(2) Water acts as a reducing agent. 

(3) Carbon acts as an oxidising agent. 

(4) There is no oxidation or reduction. 
CCl, is used as fire extinguisher because: 
(1) It has high melting point. 

(2) It forms covalent bond. 

(3) Its boiling point is low. 

(4) It gives combustible vapours. 


The most unstable compounds of the following are: 
(1) hydrides of C (2) hydrides of Sn 
(3) hydrides of Ge (4) hydrides of Pb 


Which of the following is most basic? 
(1) CO (2) GeO 
(3) SnO (4) PbO 
Bond energy is highest for: 

(1) Sn—Sn (2) C—C 
(3) Si—Si (4) Ge—Ge 
What is the formula of carbon suboxide? 
(1) CO (2) CO, 

(3) C20, (4) C,0, 
CO is absorbed by: 

(1) Alcohols 


(2) Plants 
(3) An ammonical solution of cuprous chloride 
(4) Nickel tetracarbony] 


nis given to pneumonia patients and victims of CO 


(00E s a: 

90 ture of oxygen with 5-10% CO, 

ture of helium with 5-10% CO, 

(2) vit re of oxygen with 20-30% CO, 
P ixture of helium with 20-30% CO, 


+ has a tetrahedral structure. The silicate formed by 


1V4 l 
P i3 three oxygen has a: 

) Linear polymeric structure 
(2) Three-dimensional structure 


0) pyrosilicate structure 


-dimensional sheet structure 


oT 81. 
4, The structure and hybridisation of Si(CH,), is: 

(1) Bent, sp n (2) Trigonal, sp” 

3) Octahedral, spa" (4) Tetrahedral, sp” 
4, Structural units of ice and dry ice are, respectively. 82. 

(1)H,0, CO (2) H,O, CO, 

83) CO,. H,O (4) CO, CO, 

83. 


„ A fuel will have a large fuel value when one gram of it on 
heating gives more of . 
(1) CO, (2) Ash 
(3) Water vapours (4) Calories 

= Which of the following oxides has a three-dimensional 
structure? 


(1)CO (2) CO, 
(3) SiO, (4) SO, 
1⁄4. CCI, is inert towards hydrolysis but SiCl, is readily 85. 
hydrolysed because: 
(1) Carbon cannot expand its octet but silicon can expand its 
octet. 


(2) Ionisation enthalpy of carbon is higher than silicon. 


(3) Electronegativity of carbon is higher than that of silicon. 


(4) Carbon forms double and triple bonds. 
15. The number and type of bonds between two car 
CaC, are: 
(1) One sigma and one pi bond. 
(2) One sigma and two pi bonds. 
(3) One sigma and one half pi bond. 


bon atoms in 


(4) One sigma bond. 
16. The anhydride of carbonic acid is: 87. 
(1) CO (2) CO, 
(3) C,0, (4) none of these 
n. Me,SiCl, on hydrolysis will produce: 
(1) Me,Si(OH), (2) Me, Si =O . 
(3)0-(Me), Si-O+, 4) Me,SiCIOH , 
"8. Silica is reacted with sodium carbonate. What 18 the gas 
liberated? p 
(1) CO (2) O, 
3) CO, (4) O; 


9. The straight chain polymer is formed by: on 
(1) Hydrolysis of CH,SiCl, followed by condensa 


polymerisation. 


80. 


84. 


86. 


GA (4) all of the above 
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(2) Hydrolysis of (CH;),Si followed by addition 
polymerisation. 

(3) Hydrolysis of (CH,),SiCI, followed by condensation 
polymerisation. | 
(4) Hydrolysis of (CH,),SiCI followed by condensation 

polymerisation. 
K,C,0, is called 


(1) Potassium per carbonate 
(2) Potassium permono carbonate 
(3) Potassium perdicarbonate 


(4) Potassium subcarbonate 
c=C=C=O)is obtained as 


Carbon suboxide C,0, (O= ptam 
a colourless gas by the dehydration of malonic acid with 
(1) Cone H,SO, (2) H,PO, 

(3) P,Oj9 (4) All 

Which of the following is a true acid anhydride? 

(1) ALO; (2) CO 

(3) CO, (4) CaO 


Which of the following anions are present in clay? 

eo. syk 60 
(1) (Si,O5 )n (2) (Si4Q )n 

ae o 
(3) (SiO; ), (4) (SiO, ) l 
Double chain structures are present in asbestos. Which of 
the anions are present in them? 
(1) (Si205), (2) (Si40, f )n 
(3) (SiO;”), (4) (SiO; ) 
Different forms of silica such as quartz, tridymite and 
cristobalite are as follows: 
Quartz __820"C _, Tridymite —_ Cristobalite 
(SiO2) (SiO2) (Si0>) 
The structure possessed in them is: 
(1) Sheet silicate 
(2) Three-dimensional silicate 
(3) Chain silicate 
(4) Cyclic or ring silicate 
Pyro-silicates are formed by 
(1) SiO,” tetrahedra 
(3) (SiO; ), 


(2) (Si,0°) 


(4) (Sii0!>), 
The plague or tin pest or tin disease refers to 
(1) Conversion of Sn? salts to Snt salts 

(2) Conversion of white tin to grey tin 

(3) Conversion of grey tin to white tin 

(4) Emission of sound while bending a tin 
The substance used as 


(1) SiC, (2) SnCl 
6) PbC1, (4) Gel. 
Carbonyl chloride (phosgene, COC] 
(1) the combination of CO i 
(2) the action of 80% 
(3) oxidising CHCI 
3 


a smoke screen in warfare iS 


: 2) is prepared by 
i with Cl, in sunlight 
fuming H,SO, boiling in CC] 
with K,Cr,0, and H,SO, i 


7.58 Inorganic Chemistry 


90. 


91. 


92. 


93. 


94. 


95. 


96. 


97. 


98. 


99. 


100. 


101. 


Fusible alloys of !ead with Bi and Sn are used for making 
soft solder, electric fuses, safety plug for boilers and 
automatic water sprinkles to prevent fire. They melt at low 


temperature. 

(1) Wood’s metal 
(3) Rose’s metal 
Which of the following reaction does not take place? 
(1) 2HgCl, + Sn?” > Hg,Cl, + Sn™ + 2C1° 

(2) 2Fe** + Sn** > Sn** + 2Fe** 

(3) 2Fe?* + Sn?* > 2Fe™* + Sn 

(4) Hg,Cl, + Sn?* > 2Hg + Sn** + 2C1 


(2) Lipowitz alloy 
(4) All of the above 


Island structure is possessed by 

(1) orthosilicate (2) pyro-silicate 

(3) chain silicate (4) sheet silicate 

Which of the following structure is similar to graphite? 

(1) BC (2) BH, 

(3) BN (4)B 

Which of these is not a monomer for a high molecular mass 
silicone polymer? 


(1) Me,SiCl (2) PhSiCl, 
(3) MeSiCl, (4) Me,SiCl, 
The basic structural unit of silicates is: 
(1) SiO (2) SiO,” 
(3) SiO” (4) SiO,” 


SiCl, H-O X) 1000°C (Y) 


In the above reaction, (X) and (Y), respectively are: 


(1) SiO, and Si (2) H,SiO, and SiO, 
(3) H,SiCl, and SiO, (4) H,Si0, and Si 
AI,C, on hydrolysis gives 

(1) CH, (2) C,H, 

(3) C,H, (4) C,H, 


In SiF ia and SiC], which one is known and why? 
(1) SiF oi because of the small size of F. 

(2) SiF J because of the large size of F. 

(3) sie because of the small size of Cl. 

(4) SiCl,~ because of the large size of Cl. 

PbF, and PbCI, exists, but PbBr, and Pbl, do not exist 
because of 

(1) large size of Br” and IP 

(2) strong oxidising character of Pb** 

(3) strong reducing character of Pb** 

(4) low electronegativity of Br? and 19 

Biogas and producer gas are made up of: 

(1) biogas contains CO, but producer gas does not. 
(2) producer gas contains CO but not CO,,. 

(3) both biogas and producer gas have N,,. 

(4) all are correct. 


The hybrid state of carbon atoms in Cgo molecule is: 
(1) sp (2) sp” 
(3) sp” (4) dsp? 


102. Hydrolysis of (CH;), SiCl, and CH,SiCl, leads to 


103. 


104. 


105. 


106. 


107. 


108. 


109. 


110. 


111. 


(1) Linear chain and cross-linked silicones respectively, 
(2) Cross-linked and linear chain silicones respectively, 
(3) Linear chain silicones only. 

(4) Cross-linked silicones only. 

Egyptian blue (CaCuSi,O,9) is an example of 
(1) Sheet silicates (2) Cyclic silicates 

(3) Pyrosilicates (4) Chain silicates 


The average value of C-C bond order in graphite is: 
(1) 4/3 (2) 3/4 

(3) 3/2 (4) 1 

Brilliance of diamond is due to 

(1) Shape (2) Cutting 


(3) Reflection (4) Total internal reflection 


The silicate anion in the mineral kinoite is a chain of 

three SiO,” tetrahedra, that share corners with adjacent 

tetrahedra. If the oxidation state of Si and O-atom in the 

silicate anion in kinoite respectively are x and y then x + y is: 

(1) -2 (2)-4 

(3) -6 (4) -8 

Select the incorrect statement 

(1) (Si,O,),°” anion is obtained when 3 O-atom of SiO,” 
tetrahedra are shared with another SiO "a tetradedron 

(2) Silicates having one monovalent corner O-atom in each 
tetrahedron unit is sheet silicate 

(3) In cyclic silicate only two corners per tetrahedron are 
shared 

(4) In single chain silicate 3 corners per tetrahedron are 
shared 

Select incorrect statement 

(1) In amphibole silicate structure 2 corner per tetrahedron 
are shared. Average shared corner is 2.5 

(2) In pyro-silicate one corner O-atom/T.H. is shared. Each 
Si atom is surrounded by 3.5 O-atom 

(3) In double chain silicates 3 corner per/T.H. is shared 

(4) The anion of silicate, S10), 7° represents cyclic silicate 

The silicate anion is the mineral kinoite is a chain of 

three SiO," tetrahedra that share corners with adjacent 

tetrahedra. The mineral also contains Ca?*, Cu?™ ions, and 

H,O molecules in a 1:1:1 ratio, mineral is represented by. 

(1) CaCuSi,0,).2H,O (2) Ca,Cu,$i,O,9.2H,0 

(3) CaCuSi,0,).H,O (4) None of these 

Select incorrect statement 

(1) PbO is most basic in 14 group elements 

(2) Sn** is more stable than Pb** 

(3) Pb” is more stable than Sn?* 

(4) TI’? is more stable than TI”! 

Select the incorrect statement 

(1) Carbon suboxides is obtained on dehydration of maloni¢ 
acid with P,O19 

(2) Pbl} does not exist because Pb’ is oxidizing an 
strong reducing agent 


d 1° is 


A 


qtr feature of SiO, is macro-molecular with a 


() jayer structure 


non- 


D siCl, 0n hydrolysis gives silicone. 
| 


correct Answers Type 


$ carbon differs from the rest of the family members because 
of 


1) Number of unpaired electrons in valence shell 

0) Small size 

6) Non-availability of vacant orbitals in valence shell 
(4) Non-availability of d-orbitals in valence shell 


tiple 


all and chemical properties 
sl 


}, Which among the following statements are correct? 
(1) Aquadag and oildag are made up of graphite 


(2) Graphite reacts with conc HNO, to form mellitic acid 
C,(COOH), 


(3) Both CO and C,O, are toxic. 
(4) Zircon (ZrSi0,,) is a gemstone. 


3, Which of the following are the ores of lead? 


(1) Galena (2) Cassiterite 
(3) Anglesite (4) Cerussite 
4. In its compounds, tin exhibits the oxidation numbers 
(1) +2 (2)+4 
(3)+6 (4) +3 
5. Which is/are likely to show inert pair effect? 
(1)K (2) Mg 
(3) Ga (4) Pb 


6. With respect to diamond and graphite, which of the 
statement(s) given below is/are corrects? 

(1) Graphite is harder than diamond. 

(2)Graphite has higher electrical conductivity than 

diamond. 

(3) Graphite has higher thermal conductivity than diamond. 

(4) Graphite has higher C-C bond order than diamond. 

1. Select the correct statement about fullerenes (C¢,) 

(1) Coo structure has 12 five membered and 20 six membered 
rings. 

(2) Six membered rings are fused to other six membered as 
well as to five membered rings. 

(3) Five membered rings are fused to only six membered 
rings. 

(4) There are alternate single and double bond and sant aed 
is sp’-hybridised with extensive delocalized molecu 
orbital 

8. Select the correct statements about fullerenes (Co) 

(1) It has 12 five membered and 25 six membered ya | 

(2) Six membered and five membered rings are fused in 
same manner as in Ceo l 

(3) Buck minster fuller was a chemist a 

(4) Kroto, smalley and curl got the noble prize 1n 
in 1996 for the discovery of fullerenes 


emistry 


ÍA 


9, 


p Mock aoup 14 ements Hiu Outline tar y LA 

Seleet incorrect untemenl 

(1) Sn on reaction with dil HINO), gives “IiI j, wA 
NO. (p) 

(2) Pb on reaction with con, HINO), gives VAII j, m 
NO(g) 

(3) Sn on reaction with conc, HNO, piv WOOD j, m 
NO, (g) 

(4) Purple of casius is obtained when SNC), reuta wsz 
AuCl, 


Compounds of 14 groups 


10. 


l1. 


12. 


13. 


14. 


15. 


16. 


17. 


18. 


19. 


20. 


Compounds which readily undergo hydrolysis zre 
(1) CCI, (2) BCI, 
(3) SiCl, (4) CF, 
The non-existence of Pbl} is due to 

(1) highly oxidising nature of Pb** 

(2) highly reducing nature of Pb** 

(3) sufficiently large covalent character 
(4) highly reducing nature of I~ ions 
Which are not correct? 

(1) Ge(OH), is amphoteric 

(2) SnCl, is more stable than SnCl, 

(3) Trisilylamine is pyramidal 

(4) GeCl, in HCI forms H,[GeCl,] 


Which of the following carbides on treatment with water 
give methane? 
(1) CaC, (2) Be,C 
(3) ALC; (4) Mg,C, 
Carbon dioxide is isostructural with 
(1) HgCl, (2) SnCl, 
(3) C,H, (4) NO, 
CO is isostructural with: 
(1) SnCl, (2) HgCl, 
(3) SCL (4) Zn, 
Which of the following is/are amphotetic? 
(1) BeO (2) Ag,O 
(3) CO, (4) SnO, 
Decompositi i Ic acid j 
zeae Position of oxalic acid in the presence of cone H,SO, 
(1) CO (2) CO, 
(3) Formic acid (4) H,O 
Which of the following is/are true about silicones? 
"au are formed by hydrolysis of R-SiCI, 

Yy are polymer, made up of R,SiO, units 
(They a ese SO ai 
Which of oo | 
He e following metal oxides are reduced by CO? 
(3) Cao pie 
Which of the following s (4) ALO, 
(1) [Sici pecies are a known? 
3) [Poc ]+ T 

(4) [SiF J 
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21. The incorrect statement(s) among the following is/are: 
(1) NCI, does not exist but PCI, does 
(2) Lead prefers to form tetravalent compounds 
(3) The three C—O bonds are not equal in the co? ion. 
(4) Both of and NO are paramagnetic. l 
22. Coal gas 
(1) burns with a smoky flame 
(2) burns with non-smoky flame 
(3) is a good fuel 
(4) is not used for lighting purposes 
23. Select incorrect statements 


(1) Oxalic acid on heating with conc. H,SO, evolves CO 


iv. 


vi. 


Water gas is a mixture of CO and H, and is 
passing steam over incandescent coke. Th 
however endothermic. 


Prepared by 
© reaction js 


Producer gas, which possesses low calorific val 
prepared by passing air over red hot coke. It co 
mainly nitrogen and CO. 


UE, is 
Ntaing 


Semi-water gas is a mixture of water gas and Producer 
gas. 

Oil gas, which is used in laboratories, is obtained by 
cracking of kerosene. Jt is a mixture of hydrocarbon 
(saturated and unsaturated), mainly lower hydrocarbons. 
LPG, which contains C, and C, hydrocarbon of the 
alkane and alkene series, supplied in cylinders for 


gas 
R os sae i i lar these days. 
(2) In double chain silicate, each Si atom is shared by 2.5 a Nes POU reas 
O-atom 1. Which gas is the essential constituent of most of the fuels? 
(3) (Si,O,),>~ is formula of double chain silicate (1) CO (2) O, 
(4) SiO,* units polymerize to form silicate because Si atom (3) CO, (4) N3 


has less tendency to form 1-bond with O-atom 2. Which fuel has the highest calorific value? 


24. Select correct statements (1) Coal gas (2) Water gas 
(1) Cyclic silicate having 3 Si-atom (Si,0,°) contains 6 (3) Producer gas (4) Natural gas 
(S1-O-Si) linkage 3. Which one is the best fuel in kitchen? 
(2) Pb(NO,), on strong heating gives PbO,, O, and NO (1) Wood (2) Coal 
(3) The stability of dihalides are in the order (3) Kerosene (4) LPG 


PbX, > SnX, > GeX, > SiX, > CX, 
(4) SiO, react with both Na,CO, and HF 
25. Select correct statements 
(1) PbO can be dissolve in H,SO, or HCl 
(2) PbO, shows oxidizing properties with HCI and SO, 
(3) Pb,O 4 reacts with conc. HCI to gives Cl, gas 
(4) Sn?” and Fe** cannot co-exit in the same solution. 


4. Which one of following fuels has highest percentage of CO? 
(1) Coal gas (2) Water gas 
(3) Producer gas (4) Natural gas 
5. Which one of following is a cracking process? 
(1) C;H, +H, —> C,H, 
(2) nC,H, —> (C,H,), 
26. Select correct statements (3) C6H3, —> 6CH, + 2C,H, + C,H, + 4C 


(1) Silicones are macromolecules formed by hydrolysis of (4) 3C,H, —> CHo 
R,SiCL. 6. LPG stands for: 

(2) Pb pipes are corroded by CHCOOH (1) Liquefied petroleum gas 

(3) Hydrolysis of RSiC1, gives cross linked silicones (2) Liquefied producer gas 

(4) The structure of mica, asbestos and quartz have the (3) Laboratory petroleum gas 
common basic units of SiO,*. (4) Laboratory producer gas 


7. Producer gas is 
Linked Comprehension Type iil (1)CO +H, 


(3) CO + CH, + H, 
Paragraph 2 
On fusion of a mixture of Na,CO, and CaCO, with silica at 
1500°C, a liquid consisting of silicates of sodium and calcium is 
formed. On cooling, liquid become viscous and eventually ceases 
to flow. It becomes solid and is known as glass. By varying the 
proportions of the three basic ingredients and by adding other 
substances, the properties of glass can be altered. Glass can be 
represented as R,O:MO-6SiO,, where R = Na or K; M = Ca; Ba, 
Zn or Pb, SiO, may be replaced by Al,O,, B,O, or P,O.. Coloured 
glasses are obtained by adding certain metallic oxides or salts 1 
the fused mass. Glass is attached by HF and this property 1s used 
to make marking on the glass. This is known as etching. The glass 


(2) CO+N, 


(4) CO + H,O 
Paragraph 1 7 


Gaseous fuels due to their advantages over other types of fuels 
are becoming highly popular. The advantages of the gaseous fuels 
are as follows: 
(1) High calorific value. 
(2) Do not produce smoke and do not leave ash after combustion. 
(3) They can flow through pipes and can be ignited at a moment’s 
notice at any place. No special devices are required for their 
combustion. 
i. Coal gas is a good gaseous fuel as it contains 95% 
combustible gaseous such as H,, CH,, CO ete. It is 
obtained by destructive distillation of coal at 1000°C. 
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/ poling becomes brittle and fragile. The articles of glass (3) both of the ab 
ove 


‘ 
af! a neither slowly nor very rapidly. The process of gradual 


i lass is called annealing. (4) none of the above 


ii of6 15. If we start with SiMeCI, as the starting material, silicones 
"Glass 38 . formed is: 
D solid oe So bests eas Me Me Me Me 
) supercooled liquid (4) Colloidal solution (I) M 3 | | q 
, ordinary glass is g o O i O i —0— i — Me 
“p Sodium silicate and silica Me Me Me Me 
0) Calcium silicate and silica Me Ne 


0) potassium silicate and silica | | 
i4) Mixture of sodium and calcium silicates with silica. ) | 


p. The acid that cannot be stored in glass is (2) O O 
(1) HF (2) HCl | | 
G) HBr (4) HI oe ae al 
ij, Annealing iS Me Me 
(1) Slow and gradual cooling(2) Rapid cooling (3) Both of the above 
3) Cooling by water (4) Slow cooling (4) None of the above 
p A special type of glass which contains cerium oxide and Paragraph 4 
goes not allow the passage of ultraviolet rays is called The name ‘silica’ covers an entire group of minerals which have 
(1) Flint glass (2) Crooke’s glass the general formula SiO,, the most common of which is quartz. 
(3) Hard glass (4) Pyrex glass Quartz is a framework silicate with SiO, tetrahedra arranged in 


spirals. The spirals can turn in a clockwise or anti-clockwise 


13, Blue colour can be imparted to the glass by 
direction—a feature that results in there being two mirror images, 


(1) CoO (2) Fe,O, w 
ie 4 optically active, varieties of quariz. 
(3) NiO (4) Cu,O . 
“ 16. The following pictures represent various silicate anions. 
Paragraph 3 
Their formulae are respectively: 


Silicones are synthetic polymers containing repeated R,SiO units. 
Since the empirical formula is that of a ketone (R,CO), the name 


slicone has been given to these materials. Silicones can be made ~ « Silicon 
to oils, rubbery elastomers and resins. They find a variety of o Oxygen 
aplications because of their chemical inertness, water repelling 
ture, heat resistance and good electrical insulating property. 
Commercial silicon polymers are usually methyl derivatives and (1) sio? Si,0.2 
na ivati nd are synthesised by the wen an 
i lesser extent phenyl derivatives a y 2) sio, sio, 
‘ydrolysis of DON is 
RSICL, [R= Methyl (Me) or phenyl ()] (3) SiO% SOs 
Me Me ii (4) SiO,” si,o* 
| | o oe 
tesic, ——> — 0 — ji D ee. = i g= 17. Si,O," (having three tetrahedra) is represented as: 
Me Me Ms (1) o D : 
14. If we mix SiMe,Cl with SiMe,Cl,, we get silicones of the 
type: 
Me Me i Me 
| , Me 
ites OF Me ane 
| | se af ) both (4) none 
Me ak 18. a pitale anion in the mineral kinoite is a chain of three 
gi ii l H tetrahedra that share corners with the adjacent 
M E a e O- si eang: The mineral also contains Ca?* ions, Cu?™ ions 
| = water eal ina l: l: 1 ratio. This mineral is 
2) O (0) -presented as: 
| (1) CaCuSi,O,.- 
_o— L aosi 0 — G3)C e, H,O (2) CaCuSi,O,.°2H,O 
2\-1125130 19°20 (4) none of these 


| 
ete Me 
A | 
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Paragraph 5 
In some foam-type fire extinguishers, the reactants are Al,(SO,), 


(aq) and NaHCO, (aq). When the extinguisher is activated, these 
reactants are allowed to mix producing ALOH); is and CO,,,): The 
Al(OH), — CO, foam extinguishes the fire. 
19. CO, is formed as a result of: 
(1) reaction between Al** and HCO} 
(2) reaction between hydrolysis product of A1?" and HCO 
(3) reaction between hydrolysis product of NaHCO, and Al, 
(SO,), 
(4) direct reaction between Al,(SO,), and NaHCO, 
20. Net ionic reaction of the above chemical change is: 
(1) AF + HCO? + H,O —> Al(OH), + CO, 


(2) AI* + HCOS + OH —> Al(OH), + CO, + H,O 

(3) [AH,0),}°* HCO; —> Al(OH), + CO, + H,O 

(4) Al,(SO,), + NaHCO, —> Na,SO, + Al(OH), + H,O 

21. Addition of Na,CO, to a solution of an oxide in water 

produces CO,. This experiment indicates that: 

(1) the oxide is that of a non-metal 

(2) the oxide is basic 

(3) the oxide is amphoteric 

(4) the oxide is neutral 
Paragraph 6 
CO, and H,O absorbs strongly in the infrared region, and its 
presence in the atmosphere decreases the loss of heat from the earth 
by radiation. This global warming is called the ‘greenhouse effect’ 
(other gases, including the oxides of nitrogen from car exhausts, 
freons from aerosols and refrigerators and methane from bacteria 
in the soil and in the rumen of cows, also add to the greenhouse 
effect). The concentration of atmospheric CO, has increased by 
10%. This is resulting in the increase in the mean temperature of 
the earth by 2.5°C, varying from 2°C at the equator to 4°C at the 
poles. This could have dramatic effects on the climate. 


22. As a result of greenhouse effect, there can be: 
A: an increase in rate of evaporation of water, thus, untimely 
more rain, flooding etc. 
B: tropical storms in certain parts of the world 
C: a decrease in pH of the soil 
D: an increase in pH of the soil 
Select correct alternate : 
(1) B,C, D (2) A,C, D 
(3) A, B, D (4) A, B,C 
23. Which of the following is growing at a faster rate than CO, 
and thus responsible for the greenhouse effect’ 
(1) CFC (2) N,O 
(3) O; (4) CH, 
24. Instead of monitoring carbon dioxide, suggest another gas 


that scientists could study to substantiate the fact that CO, 
concentration 1s steadily increasing in the atmosphere? 


(1) N,O (2) O, 
(3) CH, (4) O, 


2CO,g) + Org) = 2CO 7.) 
is 1.4 x 10% at 25°C. Given this enormous value, why does 
not CO convert totally into CO, in the troposphere? 


(1) CO forms complex with haemoglobin 

(2) CO has low solubility in H,O 

(3) CO has high activation energy 

(4) CO is toxic in nature 
Paragraph 7 
In the first biological application of bucky ball, chemists at the 
University of California at San F rancisco and Santa Barbara made 
a discovery in 1993 that could help in designing drugs to treat 
AIDS. The human immunodeficiency virus (HIV) that causes 
AIDS reproduces by synthesising a long protein chain, which is 
cut into smaller segments by an enzyme called HIV-protease. One 
way to stop AIDS, then might be to inactivate the enzyme. When 
the chemists reacted a water-soluble derivative of bucky ball with 
HIV-protease, they found that it binds to the portion of the enzyme 
that would ordinarily cleave the reproductive protein, thereby 
preventing the HIV virus from reproducing. Consequently, the 
virus could no longer infect the human cells they had grown in the 
laboratory. The bucky ball compound itself is not a suitable drug 
for use against AIDS because of potential side effects and delivery 
difficulties, but it does provide a model for the development of 


such drugs. 
26. Bucky bail is the allotrope of: 
(1) phosphorus (2) sulphur 
(3) carbon (4) titanium 
27. What is the formula of the bucky ball? 
(1) P, (2) S; 
(3) Ti, (4) Coy 


28. In bucky ball each atom is: 
(1) sp’-hybridised element with extensive delocalised 
molecular orbital. 
(2) sp’-hybridised element with localised molecular orbital. 
(3) sp*-hybridised element with delocalised molecular 
orbital. 
(4) sp -hybridised element with localised molecular orbital. 
29. Consider following statements about bucky ball: 
A : It is also called fullerene 
B : It is also called Buckministerfullerene 
C : Bucky tubes (made of fullerenes) are several times 
stronger than steel wires 
D : Bucky ball is a plastic polymer 


Select correct statement (s) : 


(1) A,C, D (2) A, B,C 
(3) A, B, D (4) B,C, D 
Paragraph 8 


Elemental carbon appears in many structural forms or allotropes: 
Three of these forms are crystalline—diamond, graphite and the 
recently discovered fullerene (bucky ball)—while more than 40 
others including coke and carbon black are amorphous. Now there 


A tt 


at onih crystalline allotrope of ç keseg 
a and Lagow at the Univ erity of Texas, 
sly discov ered allotrope of carbon has the form: 
yee (2) tullerene 

a ball (4) none of these 


soe of different allotropes of carbon have b 
pmpared, Which represents incorrect comparison? een 


a 


D gllotrope discovered in 1995 sp-hybridised carbon 
2) bucky ball sp-hybridised carbon 
ey graphite sp`-hybridised carbon 
4) diamond sp`-hybridised carbon 
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ag ection contains question each with two columns I and II 
ugh the items i in sda I with that in the column IL. | 


Si Column TE 


i. | ss 


li. | Hydrides of silicon 


e SnCl, iii. | Butter of tin | 
d. | SiC iv. ) Sugar of lead 


vi. | Reducing agent | 
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a Shows inert pair effect | iv. BF, 
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reported i in 
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SK 
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v. taa donor property è 


Oxidising agent 


a. sublimed white ep Pb(CH,COO), 
| lead 
b. | Chrome red ii. Pb,O 


c. | Sugar oflead | iii. _Pb(OH),-PbCrO, 


d. | Lead lotion iv. | Solution of basic lead 


acetate 
i | Pb,O; 


< 


Lead suboxide 


Lead sesquioxide | vi. PbSO, + PbO + ZnO 


i 2 Column I | 
- (Characteristics of silicates) 


Three shared comers and ten i. 
unshared corners | 


Negative charge on the anion ìs ii. | (SiO, Di 
equal to the number of terminal | | 
O-atoms 


Non- planar geometry 


| (S0, 


iii. (SQ) 

— 

Si atom(s) is/are present at t the re | v. (Si,0,)” | 
center of geometry and oe | 

O-atom is present at each comer | | 


of geometry S | | 


<n ee E 


8. ae Column I 
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Match the items given in Column Į with that in Column II and III. 


Fullerenes 
(resembles a Soccer ball) 


sn 


Fullerenes 


a Rugby ball) 


Producer gas 


(resembles 


Column II oy: hd 


Column WI ~ 


C + H,O (g) 
{473-1273K 

| CO(g) + He) _ 
12-Five membered rings 


p- 


20-six membered rings 


12-Five membered rings 


25-six membered rings 


Water gas 


2C + O,(g) + 4N,(g) 
11273 K 
| 2CO(g) + 4N (8) 


For Q.10 to Q.14 


Answer the questions given below by appropriately matching the information given in three column of the following table. 
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stable) and Rhombic 
10. For lead, correct combination is: 
(1) b-v-, t (2) a-iii—t 
(3) b-v-q (4) b-v-t 1 
11. For carbon, correct combination is: 
(1) dH, iv—-s (2) d-i-s 2 
(3) e—iv-s (4) e—iv-s, r 3 
12. For germanium, correct combination is: 
(1) c—ii—p (2) b-v-4, t 4 
(3) b-v-q (4) b-v-t 
13. For silicon, correct combination is: 5 
(1) di-s (2) d-iv—s 
(3) dż, iv-s (4) cii-p 
14. For tin, correct combination is: 7 
(1) c-ii-p (2) b-v-q, t 
(3) b-v-q (4) a—iii-t 


Column UI 2 aa É 


Characteristics (II) 


e Used in IR prisms and lenses 


a. | Lovest ionisation enthalpy 
e Tendency to form (pr-pr)multiple bonds 


s. | Non-metals 


S Soft metals with low melting points 


. Carbogen is a mixture of O, and CO,. It is used for artificial 


respiration. What is the percentage of CO, in this mixture? 


. What is the bond order of carbon monoxide? 
_ Inthe structure of silica, each silicon atom is bonded to how 


many oxygen atoms? 


. Pb,O, is regarded as a compound oxide of PbO and PbO,. 


How many parts of PbO, are present in it? 


. How many moles of methane are obtained by the hydrolysis 


of one mole of aluminium carbide? 


6. How many moles of PbCO, are present in white lead? 
. What is the percentage of lead in lead pencil? 
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f jpvANCED Multiple Correct Answers Type 


p Correct Answer Type 1. With respect to graphite and diamond, which of the 
following statement(s) given below is(are) correct? 

(1) Graphite is harder than diamond. 

(2) Graphite has higher electrical conductivity than diamond. 


ynder hydrolytic conditions, the compounds used for 
f. reparation of linear polymer and for chain termination, 


4) CH,SiCl, and Si(CH,), 7 ae pas nAi sre snr pa aad 
. . raphite has higher C-C bond order than ciamone 
0) (CH,);SiCl, and (CH3),51CI (IIT-JEE 2012) 


0) (CH) SiCl, and CEPIC, 
14) SiC, and (CH,); SiC! 
(JEE Advanced 2015) 
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